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Preface to the fifth edition 


It is 32 years since the first edition of Concise Inorganic Chemistry — a 
long life for any book. The size of the book has gradually but inevitably 
grown, but I am pleased that this, the fifth edition, is no larger than the 
fourth edition. Robert Baden-Powell (the founder of the Scout movement) 
said ‘So much to do, so little time to do it!’ I might paraphrase this to ‘So 
much to write, so little space to write it!’ Perhaps the size has reached a 
plateau, and who knows - a future edition may be smaller! 

The aims of the fifth edition remain exactly the same as those of the 
first edition. 


€ To provide a modern textbook of inorganic chemistry that is long 
enough to cover the essentials, yet short enough to be interesting. 

e To provide a simple and logical framework into which the reader 
should be able to fit factual knowledge, and extrapolate from this to 
predict unknown facts. 

* To fill the gap between school books and final year honours degree 
chemistry texts. 

© The book is aimed primarily at first or second year degree students in 
chemistry at UK universities, but will also be useful for those doing 
chemistry as ancillary subjects, and also for BTECH courses and Part I 
Grad RIC in technical colleges. Some parts will be usable by good 
sixth form students. 

© Above all it is intended to be easy to read and understand, and is 
based on descriptive chemistry combined with some of the reasons 
why. 


The structure of the book is unchanged, comprising six sections: 
theoretical concepts and hydrogen; s-block; p-block; d-block; f-block; and 
other topics. As previously, there is a very large and comprehensive 
index, and a large table of contents. Every chapter has been updated and 
the groups of elements are now labelled from 1 to 18 in accordance with 
IUPAC nomenclature. Descriptive material necessarily has a large place, 
but the book attempts so show the reasons for the structure, properties 
and reactions of compounds, wherever this is possible with elementary 
methods. Most chapters include a section on further reading, with easy to 
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understand articles (in journals such as the Journal of Chemical Education, 
Chemistry in Britain and Education in Chemistry). references to specialized 
textbooks, and review articles (such as Quarterly Reviews, Coordination 
Chemistry Reviews, and the proceedings of specialist conferences and 
symposia). There is a very small number of references to articles in the 
primary literature, where these have special or historical significance. 
Examples include the use of Ellingham diagrams, the Sidgwick- Powell 
theory of molecular shape, and the discovery of ferrocene and of warm 
superconductors. 

Chemistry has always been, and still is, a practical subject. The adage 
‘where there's muck there's money’ holds particularly true for the chemi- 
cal industry. Unless chemicals were needed and used in large amounts 
there would be no chemical industry. and hence no students in chemistry, 
no teachers of chemistry, and no need for textbooks. An American 
professor told me he divided inorganic chemistry books into two types: 
theoretical and practical. In deciding how to classify any particular book, 
he first looked to see if the extraction of the two most produced metals 
(Fe and Al) was adequately covered, what impurities were likely to be 
present, and how the processing was adapted to remove them. Second, 
he looked to see if the treatment of the bonding in xenon compounds and 
ferrocene was longer than that of the production of ammonia. Third, he 
looked to see if the production and uses of phosphates were covered 
adequately. This book is intentionally what my American friend would 
call the ‘practical’ type. For some years there has been a trend for 
chemistry teaching to become more theoretical. There is always theo- 
retical interest in another interesting oxidation state or another unusual 
complex, but the balance of this book is tilted to ensure that they do not 
exclude the commonplace, the mundane and the commercially important. 

I think it is important that students are aware of which chemicals are 
commercially important, especially those produced in very large tonnages. 
Linked to this is what are they used for, the processes by which they are 
manufactured and where the raw materials come from. This relates college 
chemistry to the real world, but regrettably few books cover these details. 
The data on tonnages of chemicals produced and the main sources of 
minerals have been completely updated. Data are mainly from World 
Mineral Statistics, published by the British Geological Survey, and from 
the Industrial Statistics Yearbook published by the United Nations, New 
York, and from direct contact with about 250 firms. The figures vary only 
slightly from year to year, and illustrate the general scale of use and main 
sources of raw materials. Not only is the production of major chemicals 
such as H:3SO,, NHs. NaOH, Ciz. O2 and N; adequately covered, but 
other. important materials such as cement and steel, polymers such as 
polythene, silicones and teflon, soap and detergents are also covered. 

Chemistry is exciting, and is going on all around us. Many smaller scale 
but fascinating applications are also described and explained. These in- 
clude baking powder, photography. superconductors, transistors. photo- 
copiers, carbon dating, the atomic bomb, uses of radioisotopes and many 
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others. There is currently a greater awareness of environmental issues. 
Problems such as freons and the ozone layer, chlorinated fluorocarbon 
replacements, the greenhouse effect, acid rain, lead pollution, the toxic 
effects of tin and mercury, asbestos, excessive use of phosphates and 
nitrates, and the toxic effects of various materials in drinking water are 
discussed. Other sections cover the development of the atomic bomb and 
the peaceful uses of atomic energy. 

While much inorganic chemistry remains the same, it is a living subject 
and the approach to our current thinking and the direction of future work 
have altered. In particular, our ideas on bonding have changed. Until 
1950 inorganic chemistry was largely descriptive. The research and devel- 
opment which led to the production of the atomic bomb in 1946 is 
probably the greatest chemical achievement of the century. The impetus 
from this led to the discovery of many new elements in the actinide 
and lanthanide series. This was followed by a period of great interest 
in physical inorganic chemistry, where instead of just observing what 
happened we looked for the reasons why. Thermodynamics and kinetics 
were applied to chemical reactions, and magnetism and UV-visible 
spectroscopy were explored. There was a flurry of activity when it was 
found that the noble gases really did form compounds. This was followed 
by a concentrated phase of preparing organometallic compounds and 
attempting to explain the bonding in these compounds, many of which 
defied rational explanation by existing theories. Future developments 
seem likely to fall in two main areas, bioinorganic chemistry and new 
materials. Much bioinorganic work is in progress into how enzymes and 
catalysts function, how haemoglobin and chlorophyll really work, and 
how bacteria incorporate atmospheric nitrogen so easily when we find it 
so difficult. Work on new materials includes the production of polymers, 
alloys, superconductors and semiconductors. I hope that the book will not 
only help students to pass examinations, but that it will help them under- 
stand the subject, and stimulate them to study the subject further. 

This book is mainly about the chemistry of the elements, which is 
properly regarded as inorganic chemistry. I consider it unhelpful for 
students to put information into rigid compartments, since the ideas in 
one subject may well relate to other subjects, and the boundaries between 
subjects are partly artificial. The book incorporates information on the 
chemistry of the elements regardless of the source of that chemistry. 
Thus, in places the book crosses boundaries into analytical chemistry, 
biochemistry, materials science, nuclear chemistry, organic chemistry, 
physics and polymer chemistry. It is worth remembering that in 1987 the 
Nobel Prize for Chemistry was given for work on complexes using crowns 
and crypts which have biological overtones, and the Nobel Prize for 
Physics was for discoveries in the field of warm superconductors. Both 
involve chemistry. One could ask if the fullerenes were inorganic or 
organic compounds! 

It is inevitable in a book of this size and complexity that there will be 
occasional errors. These are mine alone, and I will endeavour to correct 
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them in future editions. I am always pleased to hear from readers. The 
final paragraph from the Preface to the First Edition is printed unchanged: 


A large amount of chemistry is quite easy, but some is enormously 
difficult. I can find no better way to conclude than that by the late 
Professor Silvanus P. Thompson in his book Calculus Made Easy, ‘I 
beg to present my fellow fools with the parts that are not hard. Master 
these thoroughly, and the rest will follow. What one fool can do, 
another can.” 


J.D. Lee 
Loughborough 1996 
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SI UNITS 


SI units for energy are used throughout the fifth edition, thus makiag a 
comparison of thermodynamic properties easier. Ionization energies are 
quoted in kJ mol`}, rather than ionization potentials in eV. Older data 
from other sources use eV and may be converted into SI units (1 kcal = 
4.184 kJ, and 1eV = 23.06 x 4.184kJ mol"). 

Metres are strictly the SI units for distance, and bondlengths are some- 
times quoted in nanometres (1 nm = 10 * m). However àngstróm units A 
(107 m) are a permitted unit of length, and are widely used by crystallo- 
graphers because they give a convenient range of numbers for bond- 
lengths. Most bonds are between 1 and 2 A (0.1 to 0.2 nm). Ångström units 
are used throughout for bondlengths. 

The positions of absorption peaks in spectra are quoted in wave numbers 
cm-', because instruments are calibrated in these units. It must be 
remembered that these are not SI units, and should be multiplied by 100 to 
give SI units of m^, or multipled by 11.96 to give J mol” 5 

The SI units of density are kg m ^, making the density of water 1000 kg 
m7. This convention is not widely accepted, so the older units of gem? 
are retained so water has a density of 1 gcm^ *. 

In the section on magnetism both SI units and Debye units are given, 
and the relation between the two is explained. For inorganic chemists who 
simply want to find the number of unpaired electron spins in a transition 
metal ion then Debye units are much more convenient. 
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NOMENCLATURE IN THE PERIODIC TABLE 


For a long time chemists have arranged the elements in groups within the 
periodic table in order to relate the electronic structures of the elements 
to their properties, and to simplify learning. There have been several 
methods of naming the groups. 

A number of well known books name the main groups and the transition 
elements as A and B subgroups, which dates back to the older Mendeleef 
periodic table of half a century ago. Its disadvantages are that it may 
overemphasize slight similarities between the A and B subgroups, and 
theré are a large number of elements in Group VIII. 

In earlier versions of this book the s-block and the p-block were 
numbered as groups I to VII and 0, depending on the number of electrons 
in the outer shell of the atoms, and the transition elements were dealt with 
as triads of elements and named as the top element in each group of 
three. 

The IUPAC has recommended that the main groups and the transition 
metals should be numbered from 1 to 18. This system has gained accept- 
ance, and has now been adopted throughout this book. 


Names of the various groups 


Theoretical Concepts Part 
and Hydrogen One 


Atomic structure and the 
periodic table 


THE ATOM AS A NUCLEUS WITH ORBITAL ELECTRONS 


All atoms consist of a central nucleus surrounded by one or more orbital 
electrons. The nucleus always contains protons and all nuclei heavier than 
hydrogen contain neutrons too. The protons and neutrons together make 
up most of the mass of the atom. Both protons and neutrons are particles 
of unit mass, but a proton has one positive charge and a neutron is 
electrically neutral (i.e. carries no charge). Thus the nucleus is always 
positively charged. The number of positive charges on the nucleus is 
exactly balanced by an equal number of orbital electrons, each of which 
carries one negative charge. Electrons are relatively light — about 1/1836 
the mass of a proton. The 103 or so elements at present known are all built 
up from these three fundamental particles in a simple way. 

Hydrogen is the first and most simple element. It consists of a nucleus 
containing one proton and therefore has one positive charge, which is 
balanced by one negatively charged orbital electron. The second element is 
helium. The nucleus contains two protons, and so has a charge of +2. The 
nuclear charge of +2 is balanced by two negatively charged orbital 
electrons. The nucleus also contains two neutrons, which minimize the 
repulsion between the protons in the nucleus, and increase the mass of the 
atom. All nuclei heavier than hydrogen contain neutrons, but the number 
present cannot be predicted reliably. 

This pattern is repeated for the rest of the elements. Elément 3, lithium, 
has three protons in the nucleus (plus some neutrons). The nuclear charge 
is +3 and is balanced by three orbital electrons. Element 103, lawrencium, 
has 103 protons in the nucleus (plus some neutrons). The nuclear charge is 
+103 and is balanced by 103 orbital electrons. The number of positive 
charges on the nucleus of an atom always equals the number of orbital 
electrons, and is called the atomic number of the element. 

In the simple planetary theory of the atom, we imagine that these 
electrons move round the nucleus in circular orbits, in much the same way 
as the planets orbit round the sun. Thus hydrogen and helium (Figure 1.1) 
have one and two electrons respectively in their first orbit. The first orbit is 
then full. The next eight atoms are lithium, beryllium, boron, carbon, 


—-. __ orbital 
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nucleus 
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Figure 1.1 Structures of (a) 
hydrogen, symbol H, atomic 
number 1; and (b) helium, 
symbol He, atomic number 2 
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Figure 1.2 Structures of the elements lithium to neon. 


nitrogen, oxygen, fluorine and neon. Each has one more proton in the 
nucleus than the preceding element, and the extra electrons go into a 
second orbit (Figure 1.2). This orbit is then full, In the next eight elements 
(with atomic numbers 11 to 18), the additional electrons enter a third shell. 

The negatively charged electrons are attracted to the positive nucleus by 
electrostatic attraction. An electron near the nucleus is strongly attracted 
by the nucleus and has a low potential energy. An electron distant from the 
nucleus is less firmly held and has a high potential energy. 


ATOMIC SPECTRA OF HYDROGEN AND THE BOHR THEORY 


When atoms are heated or subjected to an electric discharge, they absorb 
energy, which is subsequently emitted as radiation. For example, if sodium 
chloride is heated in the flame of a Bunsen burner, sodium atoms are 
produced which give rise to the characteristic yellow flame coloration. 
(There are two lines in the emission spectrum of sodium corresponding to 
wavelengths of 589.0 nm and 589.6 nm.) Spectroscopy is a study of either 
the radiation absorbed or the radiation emitted. Atomic spectroscopy is an 
important technique for studying the energy and the arrangement of 
electrons in atoms. 

If a discharge is passed through hydrogen gas (H2) at a low pressure, 
some hydrogen atoms (H) are formed, which emit light in the visible 
region. This light can be studied with a spectrometer, and is found to 
comprise a series of lines of different wavelengths. Four lines can be seen 
by eye, but many more are observed photographically in the ultraviolet 
region. The lines become increasingly close together as the wavelength 
(X) decreases, until the continuum is reached (Figure 1.3). Wavelengths, 
in metres, are related to the frequency, v, in Hertz (cycles/second) by 
the equation: 
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Figure 1.3 Spectrum of hydrogen in the visible region (Balmer series.) 


where c is the velocity of light (2.9979 x 105 ms). In spectroscopy, 
frequencies are generally expressed as wave numbers V, where v = 
lms. : 

In 1885 Balmer showed that the wave number v of any line in the visible 
spectrum of atomic hydrogen could be given by the simple empirical 


formula: 
a 1 1 
s= R( - 5) 


where R is the Rydberg constant and n has the values 3, 4, 5... , thus 
giving a series of lines. 

The lines observed in the visible region are called the Balmer series, but 
several other series of lines may be observed in different regions of the 
spectrum (Table 1.1). 

Similar equations were found to hold for the lines in the other series in 
the hydrogen spectrum. 


1 


Lyman s-n(5- 4) n=2,3,4,5... 


Balmer V= &(5 me 


7 +) n=3,4,5,6... 


Table 1.1 Spectral series found in atomic hydrogen 
Po e 


Region of spectrum 


Lyman series ultraviolet 
Balmer series visible/ultraviolet 
Paschen series infrared 
Brackett series infrared 

Pfund series infrared 
Humphries series infrared 


SS 
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1 
Paschen s-n(5- 2) n=4,5,6,7... 


1 
Brackett v= n(&- 4) n=5,6,7,8... 


Pfund s-n(5- 3) n—6;7,8,92.. 


In the early years of this century, attempts were made to obtain a 
physical picture of the atom from this and other evidence. Thomson had 
shown in 1896 that the application of a high electrical potential across a gas 
gave electrons, suggesting that these were present in atoms. Rutherford 
suggested from alpha particle scattering experiments that an atom con- 
sisted of a heavy positively charged nucleus with a sufficient number of 
electrons round it to make the atom electrically neutral. In 1913, Niels 
Bohr combined these ideas and suggested that the atomic nucleus was 
surrounded by electrons moving in orbits like planets round the sun. He 
was awarded the Nobel Prize for Physics in 1922 for his work on the 
structure of the atom. Several problems arise with this concept: 


1. The electrons might be expected to slow down gradually. 

2. Why should electrons move in an orbit round the nucleus? 

3. Since the nucleus and electrons have opposite charges, they should 
attract each other. Thus one would expect the electrons to spiral 
inwards until eventually they collide with the nucleus. 


To explain these problems Bohr postulated: 


1. An electron did not radiate energy if it stayed in one orbit, and there- 
fore did not slow down. 

2. When an electron moved from one orbit to another it either radiated 
or absorbed energy. If it moved towards the nucleus energy was 
radiated and if it moved away from the nucleus energy was absorbed. 

3. Foran electron to remain in its orbit the electrostatic attraction between 
the electron and the nucleus which tends to pull the electron towards 
the nucleus must be equal to the centrifugal force which tends to throw 
the electron out of its orbit. For an electron of mass m, moving with a 
velocity v in an orbit of radius r 


2 

: mv 

centrifugal force — —— 
r 


If the charge on the electron is e, the number of charges on gus nucleus 
Z, and the permittivity of a vacuum £o 


2 


j " Ze 
Coulombic attractive force — 2 
4negr 
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4neomr (1.2) 


According to Planck’s quantum theory, energy is not continuous but is 
discrete. This means that energy occurs in ‘packets’ called quanta, of 
magnitude h/2x, where h is Planck’s constant. The energy of an electron in 
an orbit, that is its angular momentum mvr, must be equal to a whole 
number n of quanta. 


mvr = ni 
2x 
its nh 
2nmr 
n? 
= amr? 
Combining this with equation (1.2) 
Ze? nh? 


4n£omr = emr 
hence 
T3 £on?h? 
nme?’ Z 


(1.3) 


For hydrogen the charge on the nucleus Z — 1, and if 


n = 1 this gives a value r = 1? x 0.0529 nm 

n=2 r=2 x 0.0529nm 

n=3 r = 3 x 0.0529nm 
This gives a picture of the hydrogen atom where an electron moves in 
circular orbits of radius proportional to 1”, 27, 37. .. The atom will only 
radiate energy when the electron jumps from one orbit to another. The 
kinetic energy of an electron is —4mv?. Rearranging equation (1.1) 
Ze? 
8reor 


= -}mv? = - 


Substituting for r using equation (1.3) 
_ Zetm 
8ejn7h? 
If an electron jumps from an initial orbit i to a final orbit f, the change in 
energy AE is 


E- 
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Energy is related to wavelength (E = hcv so this equation is of the same 
form as the Rydberg equation: 


2,4 
v-ar- 4) (1.4) 


Thus the Rydberg constant 

Mizzet 

Behe 
The experimental value of R is 1.097373 x 107 m^, in good agreement 
with the theoretical value of 1.096776 x 10/m-!, The Bohr theory 
provides an explanation of the atomic spectra of hydrogen. The different 
series of spectral lines can be obtained by varying the values of n; and n, in 
equation (1.4). Thus with nę = 1 and n; = 2,3, 4. . . we obtain the Lyman 
series of lines in the UV region. With n; = 2 and nj = 3, 4,5... we get 
the Balmer series of lines in the visible spectrum. Similarly, n, = 3 and 
ni — 4,5,6. . . gives the Paschen series, n; = 4 and nj = 5,6,7... gives the 
Brackett series, and n, = 6 and n; = 7, 8, 9... gives the Pfund series. 
The various transitions which are possible between orbits are shown in 
Figure 1.4. 


REFINEMENTS TO THE BOHR THEORY 


It has been assumed that the nucleus remains stationary except for rotating 
on its own axis. This would be true if the mass of the nucleus were infinite, 
but the ratio of the mass of an electron to the mass of the hydrogen nucleus 
is 1/1836. The nucleus actually oscillates slightly about the centre of 
gravity, and to allow for this the mass of the electron m is replaced by the 
reduced mass y in equation (1.4): 


_ _mM 
E= m+M 


where M is the mass of the nucleus. The inclusion of the mass of the 
nucleus explains why different isotopes of an element produce lines in the 
Spectrum at slightly different wavenumbers. 

The orbits are sometimes denoted by the letters K, L, M,N... counting 
outwards from the nucleus, and they are also numbered 1, 2,3, 4. . . This 
number is called the principal quantum number, which is given the symbol 
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Figure 1.4 Bohr orbits of hydrogen and the various series of spectral lines. 


n. It is therefore possible to define which circular orbit is under 
consideration by specifying the principal quantum number. 

When an electron moves from one orbit to another it should give a single 
sharp line in the spectrum, corresponding precisely to the energy dif- 
ference between the initial and final orbits. If the hydrogen spectrum is 
Observed with a high resolution spectrometer it is found that some of the 
lines reveal ‘fine structure’. This means that a line is really composed of 
several lines close together. Sommerfeld explained this splitting of lines by 
assuming that some of the orbits were elliptical, and'that they precessed in 
space round the nucleus. For the orbit closest to the nucleus, the principal 
quantum number n = 1, and there is a circular orbit. For the next orbit, the 
principal quantum number n = 2, and both circular and elliptical orbits are 
possible. To define an elliptical orbit, a second quantum number k is 
needed. The shape of the ellipse is defined by the ratio of the lengths of the 
major and minor axes. Thus 

major axis _ n 


minor axis k 


k is called the azimuthal or subsidiary quantum number, and may have 
values from 1, 2. . . n. Thus for n = 2, n/k may have the values 2/2 (circular 
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gure 1.5 Bohr-Sommerfield 
bits when n — 3. 


orbit) and 2/1 (elliptical orbit). For the principal quantum number n = 3, 
n/k may have values 3/3 (circular), 3/2 (ellipse) and 3/1 (narrower ellipse). 
The presence of these extra orbits, which have slightly different energies 
from each other, accounts for the extra lines in the spectrum revealed 
under high resolution. The original quantum number k has now 
been replaced by a new quantum number /, where / — k — 1. Thus for 


n=1 1-0 

n-2 1-00r1 

n=3 1—-0or10r2 
n=4 I2 0or10r20r3 


This explained why some of the spectral lines are split into two, three, 
four or more lines. In addition some spectral lines are split still further into 
two lines (a doublet). This is explained by assuming that an electron spins 
on its axis in either a clockwise or an anticlockwise direction. Energy is 
quantized, and the value of the spin angular momentum was first con- 
sidered to be m, : h/2z, where m, is the spin quantum number with values 
of +4. (Quantum mechanics has since shown the exact expression to be 
Vs(s + 1)-h/2x, where s is either the spin quantum number or the 
resultant of several spins.) 

Zeeman showed that if atoms were placed in a strong magnetic field 
additional lines appeared on the spectrum. This is because elliptical orbits 
can only take up certain orientations with respect to the external field, 
rather than precessing freely. Each of these orientations is associated 
with a fourth quantum number m which can have values of /, 
(E) LUE) - 

Thus a single line in the normal spectrum will appear as (2/ + 1) lines if a 
magnetic field is applied. 

Thus in order to explain the spectrum of the hydrogen atom, four 
quantum numbers are needed, as shown in Table 1.2. The spectra of other 
atoms may be explained in a similar manner. 


THE DUAL NATURE OF ELECTRONS - PARTICLES OR WAVES 


The planetary theory of atomic structure put forward by Rutherford and 
Bohr describes the atom as a central nucleus surrounded by electrons in 


Table 1.2 The four main quantum numbers 


Symbol Values 
Principal quantum number n Menges 
Azimuthal or subsidiary quantum number 14 Onde (n. — 1) 
Magnetic quantum number m Eoo 
Spin quantum number m; +4 
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certain orbits. The electron is thus considered as a particle. In the 1920s it 
was shown that moving particles such as electrons behaved in some ways as 
waves. This is an important concept in explaining the electronic structure 
of atoms. 

For some time light has been considered as either particles or waves. 
Certain materials such as potassium emit electrons when irradiated with 
visible light, or in some cases with ultraviolet light. This is called the 
photoelectric effect. It is explained by light travelling as particles called 
photons. If a photon collides with an electron, it can transfer its energy to 
the electron. If the energy of the photon is sufficiently large it can remove 
the electron from the, surface of the metal. However, the phenomena of 
diffraction and interference of light can only be explained by assuming that 
light behaves as waves. In 1924, de Brogie postulated that the same dual 
character existed with electrons — sometimes they are considered as 
particles, and at other times it is more convenient to consider them as 
waves. Experimental evidence for the wave nature of electrons was 
obtained when diffraction rings were observed photographically when a 
stream of electrons was passed through a thin metal foil. Electron dif- 
fraction has now become a useful tool in determining molecular structure, 
particularly of gases. Wave mechanics is a means of studying the build-up 
of electron shells in atoms, and the shape of orbitals occupied by the 
electrons. 


'THE HEISENBERG UNCERTAINTY PRINCIPLE 


Calculations on the Bohr model of an atom require precise information 
about the position of an electron and its velocity. It is difficult to measure 
both quantities accurately at the same time. An electron is too small to see 
and may only be observed if perturbed. For example, we could hit the 
electron with another particle such as a photon or an electron, or we could 
apply an electric or magnetic force to the electron. This will inevitably 
change the position of the electron, or its velocity and direction. Heisen- 
berg stated that the more precisely we can define the position of an 
electron, the less certainly we are able to define its velocity, and vice versa. 
If Ax is che uncertainty in defining the position and Av the uncertainty in 
the velocity, the uncertainty principle may be expressed mathematically as: 


h 
2— 
Ax. Av ds 


where h = Planck’s constant = 6.6262 x 10-?^Js. This implies that it is 
impossible to know both the position and the velocity exactly. 

The concept of an electron following a definite orbit, where its position 
and velocity are known exactly, must therefore be replaced by the prob- 
ability of finding an electron in a particular position, or in a: particular 
volume of space. The Schródinger wave equation provides a satisfactory 
description of an atom in these terms. Solutions to the wave equation are 
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called wave functions and given the symbol »y. The probability of finding an 
electron at a point in space whose coordinates are x, y and z is (x, y, z). 


THE SCHRÓDINGER WAVE EQUATION 


For a standing wave (such as a vibrating string) of wavelength À, whose 
amplitude at any point along x may be described by a function f(x), it can 
be shown that: 


If an electron is considered as a wave which moves in only one dimension 
then: 


d^y 4n? 
aj x 


An electron may move in three directions x, y and z so this becomes 


Using the symbol V instead of the three partial differentials, this is 
shortened to 


4n? 
YN rives 
The de Broglie relationship states that 
pot 
mv 


(where h is Planck's constant, m is the mass of an electron and v its 
velocity); hence: 


Ax) m? v? 
Vy = — "o 
or 
An? m? y? 
Mao dU (1.5) 


However, the total energy of the system E is made up of the kinetic energy 
K plus the potential energy V 


E=K+V 


K=E-V 


But the kinetic energy = 3mv? so 


THE SCHRÓDINGER WAVE EQUATION 


and 


Substituting for v? in equation (1.5) gives the well-known form of 
the Schródinger equation 


2 
T (E- V)y 20 


Vy + 


Acceptable solutions to the wave equation, that is solutions which are 
physically possible, must have certain properties: 


^p must be continuous. 

ıp must be finite. 

|y must be single valued. 

The probability of finding the electron over all the space from 
plus infinity to minus infinity must be equal to one. 


DUN 


The probability of finding an electron at a point x, y, z is wy, so 


+00 


f A^ dxdydz = 1 


Several wave functions called w,, i», 3. . . will satisfy these conditions 
to the wave equation, and each of these has a corresponding energy E;, E2, 
E5.... Each of these wave functions yi, Y2, etc. is called an orbital, by 
analogy with the orbits in the Bohr theory. In a hydrogen atom, the single 
electron normally occupies the lowest of the energy levels E,. This is called 
the ground state. The corresponding wave function wp, describes the 
orbital, that is the volume in space where there is a high probability of 
finding the electron. 

For a given type of atom, there are a number of solutions to the wave 
equation which are acceptable, and each orbital may be described uniquely 
by a set of three quantum numbers, n, / and m. (These are the same 
quantum numbers — principal, subsidiary and magnetic — as were used in 
the Bohr theory). 

The subsidiary quantum number / describes the shape of the orbital 
occupied by the electron. / may have values 0, 1, 2 or 3. When l= 0, the 
orbital is spherical and is called an s orbital; when / — 1, the orbital is 
dumb-bell shaped and is called a p orbital; when / = 2, the orbital is double 
dumb-bell shaped and is called a d orbital; and when / = 3 a more 
complicated f orbital is formed (see Figure 1.6). The letters s, p, d and f 
come from the spectroscopic terms sharp, principal, diffuse and funda- 
mental, which were used to describe the lines in the atomic spectra. 

Examination of a list of all the allowed solutions to the wave equation 
shows that the orbitals fall into groups. 

In the first group of solutions the value of the wave function wy, and 


wv, = Mr) Mr) 
" Ortetala that ore identical in emergy are termed degenerate. and thus three 
Ino em c Rai ip wha ate *2.3,4,. 
Vend group of sohutions to the wave equation. depend on the 
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where 


Changing to polar coordinates, V^ becomes 
18 94) 1 &y 1 s ov) 
E ar ar) + rsm*6 aj ' Psind 00 P ag 
The solution of this is of the form 
y = R(r).9(9). (9) (1.6) 


R(r) isa function that depends on the distance from the nucleus, which in 
turn depends on the quantum numbers n and / 

(0) is a function of 6, which depends on the quantum numbers / and m 

9 (o) is a function of $, which depends only on the quantum number m 


Equation (1.6) may be rewritten 
Y = R(r)u -Ami 
This splits the wave function into two parts which can be solved separately; 


1. R(r) the radial function, which depends on the quantum numbers n 
and /. 

2. Amı the total angular wave function, which depends on the quantum 
numbers m and /. 


The radial function R has no physical meaning, but R? gives the probability 
of finding the electron in a small volume dv near the point at which R is 
measured. For a given value of r the number of small volumes is 477, so 
the probability of the electron being at a distance r from the nucleus is 
4nr*R?. This is called the radial distribution function. Graphs of the 
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Figure 1.8 Radial distribution functions for various orbitals in the hydrogen atom. 


radial distribution function for hydrogen plotted against r are shown in 
Figure 1.8. 

These diagrams show that the probability is zero at the nucleus (as 
r = 0), and by examining the plots for 1s, 2s and 3s that the most probable 
distance increases markedly as the principal quantum number increases. 
Furthermore, by comparing the plots for 2s and 2p, or 3s, 3p and 3d it can 
be seen that the most probable radius decreases slightly as the subsidiary 
quantum number increases. All the s orbitals except the first one (1s) have 
a shell-like structure, rather like an onion or a hailstone, consisting of 
concentric layers of electron density. Similarly, all but the first p orbitals 
(2p) and the first d orbitals (3d) have a shell structure. 

The angular function A depends only on the direction, and is indepen- 
dent of the distance from the nucleus (r). Thus A? is the probability of 


ar ana RERO — — (88) 


finding an electron at à given direction 0, @ at any distance from the 


both the radial and the angular functions.) 
w R().A 
Thus the probability of finding an electron simultaneously at a distance 
and in a given direction 0, $ is Wi ag 
Wae = RP). A (0.0) 


Polar diagrams, that is drawings of the the angular part of the wave 
function, are commonly used to illustrate the overlap of orbitals giving 
bonding between atoms, Polar diagrams are good for 


- 


i 


} must b 
different from the shapes of the total wave function. 
points about such diagrams: 

wave 


1, It is difficult to picture an angular function as a mathematical 
equation. It is much easier to visualize a boundary surface, that is a solid 
shape, which for example contains 90% of the electron density, To 
emphasize that w is à continuous function, the boundary surfaces 
have been extended up to the nucleus in Figure 1.9. For p orbitals the 
electron density is zero at the nucleus, and some texts show a p orbital 
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EE BUILD-UP OF THE ELEMENTS, HUND'S RULE [23 | 


The fourth electron in beryllium also occupies the 2s level, Boron must 
have its fifth electron in the 2p level as the 2s level is full. The sixth electron 
in carbon is also in the 2p level. Hund's rule states that the number of 
unpaired electrons in a given energy level is a maximum, Thus in the 
ground state the two p electrons in carbon are unpaired. They occupy 
separate p orbitals and have parallel spins. Similarly in nitrogen the three p 
electrons are unpaired and have parallel spins. 

To show the positions of the electrons in an atom, the symbols 15, 2s, 2p, 
etc. are used to denote the main energy level and sub-level. A superscript 
indicates the number of electrons in each set of orbitals. Thus for 
hydrogen, the 15 orbital contains one electron, and this is shown as 1s'. For 
helium the 1s orbital contains two electrons, denoted 13°. The electronic 
structures of the first few atoms in the periodic table may be written: 


H 1s! 

He 1s? E 
Li Is? 2s! 

Be 1s 25? 

B Is? 25? 2p! 
CIs? 25? 2p? 

N lè 28 2p? 

o 1 2° 2p* 

F i 28 Op 
Ne 1? 2s? 2p° 
Na 1? 28 Op" 3s! 


An alternative way of showing the electronic structure of an atom is to 
draw boxes for orbitals, and arrows for the electrons, 


1s 2s 2p 
Electronic structure of H atom L] CTT) 
in the ground state 

1s 2s 2p 
Electronic structure of He atom xb] 
in the ground state [ra] LJ 

le 2s 2p 
Electronic structure of Li atom fr] EET] 
in the ground state 

is 2s 2p 
Electronic structure of Be atom [ra] (TT) 
in the ground state 

is 2s ap 
Electronic structure of B atum [n] (LI 


in the ground state 
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equence of filling 


Electronic structure of C atom 


in the ground state 
2p 
Electronic structure of N atom 
in the ground state T I] T 
1s 2s 2p 
one E (el able 
is 2s 2p 
Cee egest teil ial rel 
1s 2s 2p 3s 3p 
~ ~m 
pum ie ee) OT 
is 2s 2p 3s 3p 
i rej] 
neve E [T] 


The process continues in a similar way. 


SEQUENCE OF ENERGY LEVELS 


It is important to know the sequence in which the energy levels are filled. 
Figure 1.13 is a useful aid. From this it can be seen that the order of filling 
of energy levels is: 1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p. 5s, 4d, 5p. 6s, 4f, 5d, 6p, 
7s, etc. 

After the 1s, 2s, 2p, 3s and 3p levels have been filled at argon, the next 
two electrons go into the 4s level. This gives the elements potassium and 
calcium. Once the 4s level is full the 3d level is the next lowest in energy, 
not the 3p level. Thus the 3d starts to fill at scandium, The elements from 
scandium to copper have two electrons in the 4s level and an incomplete 3d 
level, and all behave in a similar manner chemically. Such a series of atoms 
is known as a transition series. 

A second transition series starts after the 5s orbital has been filled, at 
strontium, because in the next element, yttrium, the 4d level begins to fill 
up. A third transition series starts at lanthanum where the electrons start to 
fill the 5d level after the 6d level has been filled with two electrons. 

A further complication arises here because after lanthanum, which has 
one electron in the 5d level, the 4f level begins to fill, giving the elements 
from cerium to lutetium with from one to 14f electrons. These are 
sometimes called the inner transition elements, but are usually known as 
the lanthanides or rare earth metals. 


ARRANGEMENT OF THE ELEMENTS IN GROUPS IN THE PERIODIC TABLE 


ARRANGEMENT OF THE ELEMENTS IN GROUPS IN THE 
PERIODIC TABLE 


The chemical properties of an element are largely governed by the number 
of electrons in the outer shell, and their arrangement. If the elements are 
arranged in groups which have the same outer electronic arrangement, 
then elements within a group should show similarities in chemical and 
physical properties. One great advantage of this is that initially it is only 
necessary to learn the properties of each group rather than the properties 
of each individual element. 

Elements with one s electron in their outer shell are called Group 1 
(the alkali metals) and elements with two s electrons in their outer shell 
are called Group 2 (the alkaline earth metals). These two groups are 
known as the s-block elements, because their properties result from the 
presence of s electrons. 

Elements with three electrons in their outer shell (two s electrons and 
one p electron) are called Group 13, and similarly Group 14 elements 
have four outer electrons, Group 15 elements have five outer electrons, 
Group 16 elements have six outer electrons and Group 17 elements have 
seven outer electrons. Group 18 elements have a full outer shell of 
electrons. Groups 13, 14, 15, 16, 17 and 18 all have p orbitals filled and 
because their properties are dependent on the presence of p electrons, 
they are called jointly the p-block elements. 

In a similar way, elements where d orbitals are being filled are called 
the d-block, or transition, elements. In these, d electrons are being added 
to the penultimate shell. For example, the element scandium Sc is the 
first transition element, and follows immediately after the element calcium 
Ca, which is in Group 2. The outer shell of calcium contains two s 
electrons. Scandium also has two s electrons, but also has one d electron 
(albeit in the pentultimate shell); hence the scandium group is called 
Group 3. Similarly, titanium Ti (the second transition element) has two s 
electrons, and also two d electrons (in the penultimate shell); hence the 
titanium group is called Group 4. Up to ten d electrons can be added; 
hence the transition metals are arranged in Group 3 to Group 12 inclusive. 

Finally, elements where f orbitals are filling are called the f-block, and 
here the f electrons are entering the antepenultimate (or second from the 
outside) shell. 

In the periodic table (Table 1.4), the elements are arranged in order of 
increasing atomic number, that is in order of increased nuclear charge, or 
increased number of orbital electrons. Thus each element contains one 
more orbital electron than the preceding element. Instead of listing the 103 
elements as one long list, the periodic table arranges them into several 
horizontal rows or periods, in such a way that each row begins with an 
alkali metal and ends with a noble gas. The sequence in which the various 
energy levels are filled determines the number of elements in each period, 
and the periodic table can be divided into four main regions according to 
whether the s, p, d.or f levels are being filled. 
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lst period Is elements in this period 2 
2nd period 2s 2p elements in this period 8 
3rd period 3s 3p elements in this period 8 
4th period — 4s 3d 4p elements in this period 18 
5th period 5s 4d Sp elements in this period 18 


6th period 6s 4f Sd 6p elements in this period 32 


The alkali metals appear in a vertical column labelled Group 1, in 
which all elements have one s electron in their outer shell, and hence 
have similar properties. Thus when one element in a group reacts with a 
reagent, the other elements in the group will probably react similarly, 
forming compounds which have similar formulae. Thus reactions of new 
compounds and their formulae may be predicted by analogy with known 
compounds. Similarly the noble gases all appear in a vertical column 
labelled Group 18, and all have a complete outer shell of electrons. This 
is called the long form of the periodic table. It has many advantages, the 
most important being that it eimphasizes the similarity of properties 
within a group and the relation between the. group and the electron 
structure. The d-block elements are referred to as the transition elements 
as they are situated between the s- and p-blocks. 

Hydrogen and helium differ from the rest of the elements because there 
are no p orbitals in the first shell. Helium obviously belongs to Group 18, 
the noble gases, which are chemically inactive because their outer shell of 
electrons is full, Hydrogen is more difficult to place in a group. It could be 
included in Group 1 because it has one s electron in its outer shell, 
is univalent and commonly forms univalent positive ions. However, 
hydrogen is not a metal and is a gas whilst Li, Na, K, Rb and Cs are 
metals and are solids. Similarly, hydrogen could be included in Group 17 
because it is one electron short of a complete shell, or in Group 14 because 
its outer shell is half full. Hydrogen does not resemble the alkali metals, 
the halogens or Group 14 very closely. Hydrogen atoms are extremely 
small. and have many unique properties. Thus there is a case for placing 
hydrogen in a group on its own. 


FURTHER READING 


Karplus, M. and Porter, R.N. (1971) Atoms and Molecules, Benjamin, New York. 
Greenwood, N.N. (1980) Principles of Atomic Orbitals, Royal Institute of 
Chemistry Monographs for Teachers No. 8, 3rd ed., London. 


PROBLEMS 
1. Name the first five series of lines that occur in the atomic spectrum of 
hydrogen. Indicate the region in the electromagnetic spectrum where 
these series occur, and give a general equation for the wavenumber 
applicable to all the series. 
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10. 


13. 


What are the assumptions on which the Bohr theory of the structure of 
the hydrogen atom is based? 


Give the equation which explains the different series of lines in the 
atomic spectrum of hydrogen. Who is the equation named after? 
Explain the various terms involved. 


(a) Calculate the radii of the first three Bohr orbits for hydrogen. 
(Planck's constant A = 6.6262 x 10 ?'Js; mass of electron 
m = 9.1091 x 10? kg; charge on electron e = 1.60210 x 107 ^ C; 
permittivity of vacuum £) = 8.854185 x 107? kg^! m? A?.) 
(Answers: 0.529 x 107m; 2.12 x 107 m; 4.76 x 107!’ m; that 
is 0.529 A 2.12 À and 4.76 Å.) 

(b) Use these radii to calculate the velocity of an electron in each of 
these three orbits. 
(Answers: 2.19 x 10°ms~!; 1.09 x 10^ms^'; 7.29 x 10^ ms!) 


. The Balmer series of spectral lines for hydrogen appear in the visible 


region. What is the lower energy level that these electronic transitions 
start from, and what transitions correspond to the spectral lines at 
379.0 nm and 430.0 nm respectively? 


. What is the wavenumber and wavelength of the first transition in the 


Lyman, Balmer and Paschen series in the atomic spectra of hydrogen? 


. Which of the following species does the Bohr theory apply to? (a) H, 


(b) H*, (c) He, (d) He*, (e) Li, (f) Li*, (g) Li*?, (h) Be, (g) Be*, 
(h) Be?*, (i) Be** 


How does the Bohr theory of the hydrogen atom differ from that of 
Schrodinger? 


. (a) Write down the general form of the Schródinger equation and 


define each of the terms in it. 
(b) Solutions to the wave equation that are physically possible must 
have four special properties. What are they? 


What is a radial distribution function? Draw this function for the 1s, 
25, 3s, 2p. 3p and 4p orbitals in a hydrogen atom. 


. Explain (a) the Pauli exclusion principle, and (b) Hund's rule. Show 


how these are used to specify the electronic arrangements of the first 
20 elements in the periodic table. - 


. What is an orbital? Draw the shapes of the 1s, 2s, 2p,, 2py, 2p. , 3dxy, 


3d,.. 3d,.: 3d,: .,: and 3d.: orbitals. 


Give the names and symbols of the four quantum numbers required to 
define the energy of electrons in atoms. What do these quantum 
numbers relate to, and what numerical values are possible for each? 
Show how the shape of the periodic table is related to these quantum 
numbers. 
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14. 


The first shell may contain up to 2 electrons, the second shell up to 8, 
the third shell up to 18, and the fourth shell up to 32. Explain this 
arrangement in terms of quantum numbers. 


. Give the values of the four quantum numbers for each electron in the 


ground state for (a) the oxygen atom, and (b) the scandium atom. (Use 
positive values for m, and rn, first.) 


. Give the sequence in which the energy levels in an atom are filled with 


electrons. Write the electronic configurations for the elements of 
atomic number 6, 11, 17 and 25, and from this decide to which group in 
the periodic table each element belongs. 


. Give the name and symbol for each of the atoms which have the 


ground state electronic configurations in their outer shells: (a) 2s?, 
(b) 35?3p*. (c) 3s23p*4s?, (d) 3s5?3p*3494s?, (e) 5s^5p?, (f) 5s^5p*. 


Introduction to 


bonding 


ATTAINMENT OF A STABLE CONFIGURATION 


How do atoms combine to form molecules and why do atoms form bonds? 
A molecule will only be formed if it is more stable, and has a lower energy. 
than the individual atoms. 

To understand what is happening in terms of electronic structure, con- 
sider first the Group 18 elements. These comprise the noble gases, helium, 
neon, argon, krypton, xenon and radon, which are noteworthy for their 
chemical inertness. Atoms of the noble gases do not normally react with 
any other atoms, and their molecules are monatomic, i.e. contain only one 
atom. The lack of reactivity is because the atoms already have a low 
energy, and it cannot be lowered further by forming compounds. The low 
energy of the noble gases is associated with their having a complete outer 
shell of electrons. This is often called a noble gas structure, and it is an 
exceptionally stable arrangement of electrons. 

Normally only electrons in the outermost shell of an atom are involved in 
forming bonds, and by forming bonds each atom acquires a stable electron 
configuration. The most stable electronic arrangement is a noble gas 
structure, and many molecules have this arrangement. However, less 
stable arrangements than this are commonly attained by transition 
elements. 


TYPES OF BONDS 


Atoms may attain a stable electronic configuration in three different ways: 
by losing electrons, by gaining electrons, or by sharing electrons. 
Elements may be divided into: 


1. Electropositive elements, whose atoms give up one or more electrons 
fairly readily. 

2. Electronegative elements, which will accept electrons. 

3. Elements which have little tendency to lose or gain electrons. 


Three different types of bond may be formed, depending on the 
electropositive or electronegative character of the atoms involved. 


TRANSITIONS BETWEEN THE MAIN TYPES OF BONDING 


 ] [31] 


Electropositive element 
ay Ionic bond 
Electronegative element 


Electronegative element 
+ Covalent bond 
Electronegative element 


Electropositive element 
* Metallic bond 
Electropositive element 


Ionic bonding involves the complete transfer of one or more electrons 
from one atom to another. Covalent bonding involves the sharing of a pair 
of electrons between two atoms, and in metallic bonding the valency 
electrons are free to move throughout the whole crystal. 

These types of bonds are idealized or extreme representations, and 
though one type generally predominates, in most substances the bond type 
is somewhere between these extreme forms. For example, lithium chloride 
is considered to be an ionic compound, but it is soluble in alcohol, which 
suggests that it also possesses a small amount of covalent character. If the 
three extreme bond types are placed at the corners of a triangle, then 
compounds with bonds predominantly of one type will be represented as 
points near the corners. Compounds with bonds intermediate between two 
types will occur along an edge of the triangle, whilst compounds with bonds 
showing some characteristics of all three types are shown as points inside 
the triangle. 


Metallic 
Li 
TN 
Ag NasBi 
N 
Sn NasSb 
/ x 
As Na,As 
/ \ 
Te NaP 
/ 
S Na3N 
/ \ 


|p -CIF -OF2-NF-CCl,- BF, - BeF2- Naz 


7 N 


F, — IF; — SFe — PFs — SiF4 — AIF; — MgFz — CsF 
Covalent lonic 


Figure 2.1 Triangle illustrating the transitions between ionic, covalent and metallic 
bonding. (Reproduced from Chemical Constitution, by J.A.A. Ketelaar, Elsevier.) 
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TRANSITIONS BETWEEN THE MAIN TYPES OF BONDING 


Few bonds are purely ionic, covalent or metallic. Most are intermediate 
between the three main types, and show some properties of at least two, 
and sometimes of all three types. 


Ionic bonds 


Ionic bonds are formed when electropositive elements react with electro- 
negative elements. 

Consider the ionic compound sodium chloride. A sodium atom has the 
electronic configuration 1s? 2s? 2p? 3s'. The first and second shells of 
electrons are full, but the third shell contains only one electron. When this 
atom reacts it will do so in such a way that it attains a stable electron 
configuration. The noble gases have a stable electron arrangement and the 
nearest noble gas to sodium is neon, whose configuration is 1s? 2s? 2p^. If 
the sodium atom can lose one electron from its outer shell, it will attain this 
configuration and in doing so the sodium acquires a net charge of +1 and is 
called a sodium ion Na*. The positive charge arises because the nucleus 
contains 11 protons, each with a positive charge, but there are now only 10 
electrons. Sodium atoms tend to lose an electron in this way when they are 
supplied with energy, and so sodium is an electropositive element: 


Na — Na? + electron 
sodium atom sodium ion 


Chlorine atoms have the electronic configuration 1s? 2s? 2p* 3s? 3p^. They 
are only one electron short of the stable noble gas configuration of argon 
15? 2s 2p* 3s? 3p*, and when chlorine atoms react, they gain an electron. 
Thus chlorine is an electronegative element. 


cl + electron — CI” 


chlorine atom chloride ion 


Through gaining an electron, an electrically neutral chlorine atom becomes 
a chloride ion with a net charge of —1. 

When sodium and chlorine react together, the outer electron of the 
sodium atoms is transferred to the chlorine atoms to produce sodium ions 
Na* and chloride ions Cl” Electrostatic attraction between the positive 
and negative ions holds the ions together in a crystal lattice. The process is 
energetically favourable as both sorts of atoms attain the stable noble gas 
configuration, and sodium chloride Na* CI^ is formed readily. This may be 
illustrated diagrammatically in a Lewis diagram showing the outer 
electrons as dots: 


Na. + Cl: > [Na + peak 


sodium atom chlorine atom sodium ion chloride ion 
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The formation of calcium chloride CaCl, may be considered in a similar 
way. Ca atoms have two electrons in their outer shell. Ca is an 
electropositive element, so each Ca atom loses two electrons to two Cl 
atoms, forming a calcium ion Ca?* and two chloride ions Cl~. Showing the 
outer electrons only, this may be represented as follows: 


s pey 


Cat A» w[Cale sb 


3 pes 


calcium atom chlorine atoms calcium ion chloride ions 


Covalent bonds 


When two electronegative atoms react together, both atoms have a 
tendency to gain electrons, but neither atom has any tendency to lose 
electrons. In such cases the atoms share electrons so as to attain a rioble gas 
configuration. 

First consider diagrammatically how two chlorine atoms Cl react to form 
a chlorine molecule Cl, (only the outer electrons are shown in the 
following diagrams): 


sl ee GE Se Sells 
chlorine atoms chlorine molecule 


Each chlorine atom gives a share of one of its electrons to the other atom. 
A pair of electrons is shared equally between both atoms, and each atom 
now has eight electrons in its outer shell (a stable octet) — the noble gas 
structure of argon. In this electron dot picture (Lewis structure), the 
shared electron pair is shown as two dots between the atoms CI : Cl. In the 
valence bond representation, these dots are replaced by a line, which 
represents a bond CI—CI. 

In a similar way a molecule of tetrachloromethane CCl, is made up of 
one carbon and four chlorine atoms: 


cl 
od CI ]-e:€:c 
a 


The carbon atom is four electrons short of the noble gas structure, so it 
forms four bonds, and the chlorine atoms are one electron short, so they 
each form one bond. By sharing electrons in this way, both the carbon and 
all four chlorine atoms attain a noble gas structure. It must be emphasized 
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that although it is possible to build up molecules in this way in order to 
understand their electronic structures, it does not follow that the atoms will 
react together directly. In this case, carbon and chlorine do not react 
directly, and tetrachloromethane is made by indirect reactions. 

A molecule of ammonia NH; is made up of one nitrogen and three 
hydrogen atoms: 


N -+3[H ]2H: N:H 
H 


The nitrogen atom is three electrons short of a noble gas structure, and the 
hydrogen atoms are one electron short of a noble gas structure. Nitrogen 
forms three bonds, and the hydrogen atoms one bond each, so all four 
atoms attain a stable configuration. One pair of electrons on the N atom is 
not involved in bond formation, and this is called a /one pair of electrons. 

Other examples of covalent bonds include water (with two covalent 
bonds and two lone pairs of electrons), and hydrogen fluoride (one 
covalent bond and three lone pairs): 


ly Lael ME HB 
H 
Oxidation numbers 


The oxidation number of an element in a covalent compound is calculated 
by assigning shared electrons to the more electronegative element, and 
then counting the theoretical charge left on each atom. (Electronegativity 
is described in Chapter 6.) An alternative approach is to break up 
(theoretically) the molecule by removing all the atoms as ions, and 
counting the charge left on the céntral atom. It must be emphasized that 
molecules are not really broken, nor electrons really moved. For example. 
in H20, removal of two H* leaves a charge of —2 on the oxygen atom, so 
the oxidation state of O in H30 is (—II). Similarly in H5S the oxidation 
state of S is (—II); in F;O the oxidation state of O is (1I); in SF, the 
oxidation state of S is (--IV); whilst in SF, the oxidation state of S is 
(* VI). The concept of oxidation numbers works equally well with ionic 
compounds, and in CrCl, the Cr atom has an oxidation state of (+III) and 
it forms Cr** ions. Similarly in CrCl;, Cr has the oxidation state (+11), and 
exists as Cr?^* ions. 


Coordinate bonds 


A covalent bond results from the sharing of a pair of electrons between two 
atoms, where each atom contributes one electron to the bond. It is also 
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possible to have an electron pair bond where both electrons originate from 
one atom and none from the other. Such bonds are called coordinate bonds 
or dative bonds. Since, in coordinate bonds, two electrons are shared by 
two atoms, they differ from normal covalent bonds only in the way they 
are formed, and once formed they are identical to normal covalent 
bonds. 

Even though the ammonia molecule has a stable electron configuration, 
it can react with a hydrogen ion H* by donating a share in the lone pair of 
electrons, forming the ammonium ion NH: 


H H a H * 
H:N:+[H]* — |H:N:H| or H—NH 
EA ae | 
H H H 


Covalent bonds are usually shown as straight lines joining the two atoms, 
and coordinate bonds as arrows indicating which atom is donating the 
electrons. Similarly ammonia may donate its lone pair to boron trifluoride, 
and by this means the boron atom attains a share in eight electrons: 


H F HOC, 
E isl 
H:N:+B:F = H—N>B—F 
H E HUE 


In a similar way, a molecule of BF; can form à coordinate bond by 
accepting a share in a lone pair from a F` ion. 


There are many other examples, including: 


PCl; + CI > [PCl]" 
SbF; + F- — [SbF] 


Double and triple bonds 


Sometimes more than two electrons are shared between a pair of atoms. If 
four electrons are shared, then there are two bonds, and this arrangement 
is called a double bond. If six electrons are shared then there are three 
bonds, and this is called a triple bond: 
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H H H H 
fee E a ents 
Cac C=C Ethene molecule 
pou yaoi iN (double bond) 
H H H H 
Hie i C:H | H—CzC—H Ethyne molecule 


(triple bond) 


Metallic bonds and metallic structures 


Metals are made up of positive ions packed together, usually in one of the 
three following arrangements: 


1. Cubic close-packed (also called face-centred cubic). 
2. Hexagonal close-packed. 
3. Body-centred cubic. 


Negatively. charged electrons hold the ions together. The number of 
positive and negative charges are exactly balanced, as the electrons 
originated from the neutral metal atoms. The outstanding feature of metals 
is their extremely high electrical conductivity and thermal conductivity, 
both of which are because of the mobility of these electrons through the 
lattice. 

The arrangements of atoms in the three common metallic structures are 
shown in Figure 2.2. Two of these arrangements (cubic close-packed and 
hexagonal close-packed) are based on the closest packing of spheres. The 
metal ions are assumed to be spherical, and are packed together to fill the 
space most effectively, as shown in Figure 2.3a. Each sphere touches six 
other spheres within this one layer. 

A. second layer of spheres is arranged on top of the first layer, the 
protruding parts of the second layer fitting into the hollows in the first layer 
as shown in Figure 2.4a. A sphere in the first layer touches three spheres in 
the layer above it, and similarly touches three spheres in the layer below it, 
plus six spheres in its own layer, making a total of 12. The coordination 
number, or number of atoms or ions in contact with a given atom, is 
therefore 12 for a close-packed arrangement. With a close-packed arrange- 
ment, the spheres occupy 74% of the total space. 

When adding a third layer of spheres, two different arrangements are 
possible, each preserving the close-packed arrangement. 

If the first sphere of the third layer is placed in the depression X shown in 
Figure 2.4a, then this sphere is exactly above a sphere in the first layer. It 
follows that every sphere in the third layer is exactly above a sphere in the 
first layer as shown in Figure 2.2a. If the first layer is represented by A, and 
the second layer by B, the repeating pattern of close-packed sheets is 
ABABAB.... This structure has hexagonal symmetry, and it is therefore 
said to be hexàgonal close-packed. 

Alternatively, the first sphere of the third layer may be placed in a 
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(a) + 
3-fold axis 
3-fold axis 


Figure 2.2 The three metallic structures. (a) Hexagonal close-packed structure 
showing the repeat pattern of layers ABABAB...and the 12 neighbours sur- 
rounding each sphere. (b) Cubic close-packed structure (coordination number is 
also 12) showing repeat pattern of layers ABCABC. (c) Body-centred cubic 
structure showing the 8 neighbours surrounding each sphere. 
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(a) (b) 


Figure 2.3 Possible ways of packing equal spheres in two dimensions. (a) Close- 
packed (fills 74% of space). (b) Body-centred cubic (fills 68% of space). 


(a) Hexagonal 
close-packed. 


(b) Cubic 
close-packed. 


2.5 Arrangement of 12 

t neighbours in hexagonal 

bic close-packed 

ements. (Note that the top 
iddle layers are the same,- 
the cubic close-packed 

ire the bottom layer is 

d 60° relative to the 

onal close-packed. 


Figure 2.4 Superimposed layers of close-packed spheres. (a) Two layers of close- 
packed spheres (second layer is shaded). (b) Three layers of close-packed spheres 
(second layer shaded, third layer bold circles). Note that the third layer is not above 
the first layer, hence this is an ABCABC. . . (cubic close-packed) arrangement. 


depression such as Y in Figure 2.4a. The sphere is not exactly above a 
sphere in the first layer, and it follows that all the spheres in the third layer 
are not exactly above spheres in the first layer (Figure 2.4b). If the three 
layers are represented by A, B and C, then the repeating pattern of sheets 
is ABCABCABC. . . (Figure 2.2b). This structure has cubic symmetry and 
is said to be cubic close-packed. An alternative name for this structure is 
face-centred cubic. The difference between hexagonal and cubic close 
packing is illustrated in Figure 2.5. 

Random forms of close packing such as ABABC or ACBACB are 
possible, but occur only rarely. Hexagonal ABABAB and cubic ABCABC 
close packing are common. 

The third common metallic structure is called body-centred cubic 
(Figure 2.2c). The spheres are packed in sheets as shown in Figure 2.3b. 
The second layer occupies the hollows in this first sheet. The third layer 
occupies hollows in the second layer, and the third layer is immediately 
above the first layer. This form of packing is less efficient at filling the space 
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than closest packing (compare Figures 2.3a and b). In a body-centred cubic 
structure the spheres occupy 68% of the total space and have a co- 
ordination number of 8, compared with close-packed structures where 
74% of the space is occupied and the coordination number is 12. Metallic 
structures always have high coordination numbers. 

The theories of bonding in metals and alloys are described in Chapter 5. 

Metallic bonding is found not only in metals and alloys, but also in 
several other types of compound: 


1. Interstitial borides, carbides, nitrides and hydrides formed by the 
transition elements (and by some of the lanthanides too). Some low 
oxidation states of transition metal halides also belong to this group, 
where the compounds show electrical conductivity, and are thought to 
contain free electrons in conduction bands. 

2. Metal cluster compounds of the transition metals, and cluster com- 
pounds of boron, where the covalent bonding is delocalized over several 
atoms, and is equivalent to a restricted form of metallic bonding. 

3. A group of compounds including the metal carbonyls which contain 
a metal-metal bond. The cluster compounds, and the compounds 
with metal-metal bonds, may help to explain the role of metals as 
catalysts. 


Melting points 


Ionic compounds are typically solids and usually have high melting and 
boiling points. In contrast covalent compounds are typically gases, liquids 
or low melting solids. These differences occur because of differences in 
bonding and structure. 

Ionic compounds are made up of positive and negative ions arranged in a 
regular way in a lattice. The attraction between ions is electrostatic, and is 
non-directional, extending equally in all directions. Melting the compound 
involves breaking the lattice. This requires considerable energy, and so the 
melting point and boiling point are usually high, and the compounds are 
very hard. 

Compounds with covalent bonds are usually made up of discrete 
molecules. The bonds are directional, and strong covalent bonding forces 
hold the atoms together to make a molecule. In the solid, molecules are 
held together by weak van der Waals forces. To melt or boil the compound 
we only need supply the small amount of energy needed to break the van 
der Waals forces. Herice covalently bonded compounds are often gases, 
liquids or soft solids with low melting points. 

In a few cases such as diamond, or silica SiO;, the structures are covalent 
giant lattices instead of discrete molecules. In these cases there is a three- 
dimensional lattice, with strong covalent bonds in all directions. It requires 
a large amount of energy to break this lattice, and so diamond, silica and 
other materials with giant three-dimensional lattices are very hard and 


have high melting points. 
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Conductivity 


Ionic compounds conduct electricity when the compound is melted, or 
in solution. Conduction is achieved by the ions migrating towards the 
electrodes under the influence of an electric potential. If an electric current 
is passed through a solution of sodium chloride, Na* ions are attracted to 
the negatively charged electrode (cathode), where they gain an electron 
and form sodium atoms. The CI” ions are attracted to the positive 
electrode (anode), where they lose an electron and become chlorine 
atoms. This process is called electrolysis. The changes amount to the 
transfer of electrons from cathode to anode, but conduction occurs by an 
ionic mechanism involving the migration of both positive and negative ions 
in opposite directions. 

In the solid state, the ions are trapped in fixed places in the crystal 
lattice, and as they cannot migrate, they cannot conduct electricity in this 
way. It is, however, wrong to say that ionic solids do not conduct electricity 
without qualifying the statement. The crystal may conduct electricity to a 
very small extent by semiconduction if the crystal contains some defects. 
Suppose that a lattice site is unoccupied, and there is a ‘hole’ where an ion 
is missing. An ion may migrate from its lattice site to the vacant site, and 
in so doing it makes a ‘hole’ somewhere else. The new ‘hole’ is filled by 
another ion, and so on, so eventually the hole migrates across the crystal, 
and a charge is carried in the other direction. Plainly the amount of current 
carried by this mechanism is extremely small, but semiconductors are of 
great importance in modern electronic devices. 

Metals conduct electricity better than any other material, but the 
mechanism is by the movement of electrons instead of ions. 

Covalent compounds contain neither ions (as in ionic compounds) nor 
mobile electrons (as in metals), so they are unable to conduct electricity in 
either the solid, liquid or gaseous state. Covalent compounds are therefore 
insulators. 


Solubility 


If they dissolve at all, ionic compounds are usually soluble in polar 
solvents. These are solvents of high dielectric constant such as water, or the 
mineral acids. Covalent compounds are not normally solubie in these 
solvents but if they dissolve at all they are soluble in non-polar (organic) 
solvents of low dielectric constant, such as benzene and tetrachloro- 
methane. The general rule is sometimes stated that ‘like dissolves like’, and 
so ionic compounds usually dissolve in ionic solvents, and covalent 
compounds usually dissolve in covalent solvents. 


Speed of reactions 


Ionic compounds usually react very rapidly, whilst covalent compounds 
usually react slowly. For ionic reactions to occur, the reacting species are 
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ions, and as these already exist, they have only to collide with the other 
type of ion. For example, when testing a solution for chloride ions (by 
adding silver nitrate solution), precipitation of AgCl! is very rapid. 


Ag* + Cl > AgCI 


Reactions of covalent compounds usually involve breaking a bond and 
then substituting or adding another group. Energy is required to break the 
bond. This is called the activation energy, and it often makes reactions 
slow. Collisions between the reactant molecules will only causé reaction if 
they have enough energy. For example, reduction of preparative amounts 
of nitrobenzene to aniline takes several hours. Similarly the reaction of H2 
and Cl, is typically slow except in direct sunlight when the mixture may 
explode! 


CJHSNO; + 6[H] > CsHsNH> + 2H;0 
H — 2H 
Cl, > 2Cl 
H + CI ^ HCl 


It is important to realize that bonds are not necessarily 100% covalent or 
100% ionic, and that bonds of intermediate character exist. If a molecule 
is made up of two identical atoms, both atoms have the same electro- 
negativity, and so have an equal tendency to gain electrons. (See Chapter 
6.) In such a molecule the electron pair forming the bond is equally shared 
by both atoms. This constitutes a 100% covalent bond, and is sometimes 
called a non-polar covalent bond. 

More commonly molecules are formed between different types of atoms, 
and the electronegativity of the two atoms differs. Consider for example 
the molecules CIF and HF. Fluorine is the most electronegative atom, and 
it attracts electrons more strongly than any other element when covalently 
bonded. The bonding electrons spend more time round the F than round 
the other atom, so the F atom has a very small negative charge ô- and the 
atom (Cl or H) has a small positive charge 5+. 


8t 8- Ó£ BH 
CIL—F | H—F 


Though these bonds are largely covalent. they possess a small amount of 
ionic character, and are sometimes called polar covalent bonds. In such 
molecules, a positive charge, and an equal negative charge, are separated 
by a distance. This produces a permanent dipole moment in the molecule. 

The dipole moment measures the tendency of the molecule to turn and 
line up its charges when placed in an electric field. Polar molecules have a 
high dielectric constant, and non-polar molecules have a low dielectric 
constant. The dielectric constant is the ratio of the capacitance of a 
condenser with the material between the plates, to the capacitance of the 
same condenser with a vacuum between them. By measuring the capaci- 
tance with the substance between the plates and then with a vacuum, we 
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can obtain the dielectric constant. Its size indicates whether the material 
is polar or non-polar. 

Ionic, covalent and metallic bonds are considered in more detail in the 
following chapters. 


The ionic bond 


STRUCTURES OF IONIC SOLIDS 


Ionic compounds include salts, oxides, hydroxides, sulphides, and the 
majority of inorganic compounds. Ionic solids are held together by the 
electrostatic attraction between the positive and negative ions. Plainly 
there will be repulsion if ions of the same charge are adjacent, and at- 
traction will occur when positive ions are surrounded by negative ions, 
and vice versa. The attractive force will be a maximum when each ion is 
surrounded by the greatest possible number of oppositely charged ions. 
The number of ions surrounding any particular ion is called the coordina- 
tion number. Positive and negative ions will both have the same co- 
ordination number when there are equal numbers of both types of ions, 
as in NaCl, but the coordination numbers for positive and negative ions are 
different when there are different numbers of the ions, as in CaCl. 


RADIUS RATIO RULES 


The structures of many ionic solids can be accounted for by considering the 
relative sizes of the positive and negative ions, and their relative numbers. 
Simple geometric calculations allow us to work out how many ions of a 
given size can be in contact with a smaller ion. Thus we can predict the 
coordination number from the relative sizes of the ions. 

When the coordination number is three in an ionic compound AX, three 
X^ ions are in contact with one A* ion (Figure 3.1a). A limiting case arises 
(Figure 3.1b) when the X^ ions are also in contact with one another. By 
simple geometry this gives the ratio (radius A * /radius X ) = 0.155. This is 
the lower limit for a coordination number of 3. If the radius ratio is less 
than 0.155 then the positive ion is not in contact with the negative ions, and 
it ‘rattles’ in the hole, and the structure is unstable (Figure 3.1c). If the 
radius ratio is greater than 0.155 then it is possible to fit three X^ ions 
round each A* ion. As the difference in the size of the two ions increases, 
the radius ratio also increases, and at some point (when the ratio exceeds 
0.225), it becomes possible to fit four ions round one, and so on for six ions 
round one, and eight ions round one. Coordination numbers of 3, 4, 6 and 


Figure 3.1 Sizes of ions for 
coordination number 3. 
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Table 3.1 Limiting radius ratios and structures 


Limiting radius ratio Coordination Shape 

rtr number 

«0.155 2 Linear 
0.155 — 0.225 3 Planar triangle 
0.225 — 0.414 4 Tetrahedral 
0.414 — 0.732 4 Square planar 
0.414 — 0.732 6 Octahedral 
0.732 — 0.999 8 Body-centred cubic 


8 are common, and the appropriate limiting radius ratios can be worked 
out by simple geometry, and are shown in Table 3.1. 

If the ionic radii are known, the radius ratio can be calculated and hence 
the coordination number and shape may be predicted. This simple concept 
predicts the correct structure in many cases. 


CALCULATION OF SOME LIMITING RADIUS RATIO VALUES 


This section may be skipped except by those interested in the origin of the 
limiting radius ratio values. 


Coordination number 3 (planar triangle) 


.Figure 3.2a shows the smaller positive ion of radius r* in contact with three 


larger negative ions of radius r^. Plainly AB = BC = AC = 2r, BE = r7, 
BD =r* + r`. Further, the angle A-B-C is 60°, and the angle D-B—E is 
30°. By trigonometry 

cos 30° = BE/BD 

BD = BE/cos 30° 
r* +r =r cos 30° = r7/0.866 = r^ x 1.155 
r* = (1155r)- r= 0.155r7 

hence r*/r~ = 0.155 


Il 


Coordination number 4 (tetrahedral) 


Figure 3.2b shows a tetrahedral arrangement inscribed in a cube. Part of 
this tetrahedral arrangement is drawn in Figure 3.2c. It can be seen that the 
angle ABC is the tetrahedral angle of 109°28' and hence the angle ABD is 
half of this, that is 54°44’. In the triangle ABD 


y AD o 
sin ABD = 0.8164 = —— = ————— 
AB iM a rS 
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(a) (b) 


A Au 
Ly : 


(c) (d) 


ANA L 
ARN 


Figure 3.2 Limiting radius ratios for coordination numbers 3, 4 and 6. (a) Cross-section 
through a planar triangle site; (b) tetrahedron inscribed in a cube; (c) diagram for tetrahedral 
case; (d) cross-section through an octahedral site. 


taking reciprocals 
rtis s 1 
ra 0.8164 


rearranging 
r + 


— + 1 = 1,225 
r 


hence 
r*/r = 0,225 


Coordination number 6 (octahedral) 


A cross-section through an octahedral site is shown in Figure 3.2d, and the 

smaller positive ion (of radius r~) touches six larger negative ions (of radius 

r>). (Note that only four negative ions are shown in this section, and one is 

above and another below the plane of the paper.) It is obvious that AB = 

r+ + r- and BD = r-. The angle ABC is 45°. In the triangle ABD 
ABD =, Qm 2 BD Loo 

S vans ORB Y Ee 


.3 Tetrahedral and 
ral holes: (a) tetrahedral 
hedral sites in a close- 


attice; (b) tetrahedral 
| (c) octahedral site. 
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taking reciprocals 
+ = 
fatal ee MN id 
P 0.7071 
rearranging 
r* 
— +1= 1414 
r 
hence 
r*/r- = 0.44 
CLOSE PACKING 


Many common crystal structures are related to, and may be described in 
terms of, hexagonal or cubic close-packed arrangements. Because of their 
shape, spheres cannot fill space completely. In a close-packed arrangement 
of spheres, 74% of the space is filled. Thus 2696 of the space is unoccupied, 
and may be regarded as holes in the crystal lattice. Two different types of 
hole occur. Some are bounded by four spheres and are called tetrahedral 
holes (marked T in Figure 3.3a), and others are bounded by six spheres 
and are called octahedral holes (marked O in Figure 3.3a). For every 


Table 3.2 Some structures based on close packing 


Formula Type Tetrahedral Octahedral Coordination No. 
of cp A X 
AX NaCl ccp none all 6 6 
NiAs hep none all 6 6 
ZnS zinc blende ccp 2 none 4 4 
ZnS wurtzite hep 2 none 4 4 
AX;  F;Ca* fluorite ccp* all none 8 4 
Cdl, hep none } 6.) 3 
CdCl, ccp none i (S0 em] 
B-ZnCl, hep 1 none 4 2 
HgL ccp 1 none 4 2 
MX; Bil, hcp none 5 CES 
CrCl, ccp none 1 6 2 
MX, Snl, hep i none Hocssd 
MX, a-WCl,and UCl, ccp none 4 6 1 
MX; a-Al,O; corundum hcp none $ 6:4 


* The metal ions adọpt a face-centred cubic arrangement, which is exactly like cubic 
close packing except that the ions do not touch. (Note it is the M* ions that are 
almost close packed, not the negative ions as with the other examples.) 


[:- - IONIC COMPOUNDS OF THE TYPE AX 


the close-packed arrangement there is one octahedral hole and two 
tetrahedral holes. The octahedral holes are larger than the tetrahedral 
holes. 

An ionic structure is composed of oppositely charged ions. If the larger 
ions are close packed, then the smaller ions may occupy either the octa- 
hedral holes or the tetrahedral holes depending on their size. Normally 
the type of hole occupied can be determined from the radius ratio. An ion 
occupying a tetrahedral hole has a coordination number of 4, whilst one 
occupying an octahedral hole has a coordination number of 6. In some 
compounds the relative sizes of the ions are such that the smaller ions are 
too large to fit in the holes, and they force the larger ions out of contact 
with each other so that they are no longer close packed. Despite this, the 
relative positions of the ions remain unchanged, and it is convenient to 
retain the description in terms of close packing. 


CLASSIFICATION OF IONIC STRUCTURES 


It is convenient to divide ionic compounds into groups AX, AX2, AX3 
depending on the relative numbers of positive and negative ions. 


IONIC COMPOUNDS OF THE TYPE AX (ZnS, NaCl, CsCl) 


Three structural arrangements commonly found are the zinc sulphide, 
sodium chloride and caesium chloride structures. 


Structures of zinc sulphide 


In zinc sulphide, ZnS, the radius ratio of 0.40 suggests a tetrahedral 
arrangement. Each Zn** ion is tetrahedrally surrounded by four S?- ions 
and each S?- ion is tetrahedrally surrounded by four Zn** ions. The co- 
ordination number of both ions is 4, so this is called a 4:4 arrangement. 
Two different forms of zinc sulphide exist. zinc blende and wurtzite (Figure 
3.4). Both are 4:4 structures. 

These two structures may be considered as close-packed arrangements 
of 5% ions. Zinc blende is related to a cubic close-packed structure whilst 
wurtzite is related to a hexagonal close-packed structure. In both structures 
the Zn2* ions occupy tetrahedral holes in the lattice.Since there are twice 
as many tetrahedral holes as there are S? ions, it follows that to obtain a 
formula ZnS only half of the tetrahedral holes are occupied by Zn** ions 
(that is every alternate tetrahedral site is unoccupied). 


Sodium chloride structure 


For sodium chloride, NaCl. the radius ratio is 0.52 and this suggests an 
octahedral arrangement. Each Na* ion is surrounded by six Cl” ions at the 
corners of a regular octahedron and similarly each Cl” ion is surrounded 
by six Na* ions (Figure 3.5). The coordination is thus 6:6. This structure 


Figure 3.4 Structures of ZnS: 
zinc blende and (b) wurtzite. 
(Reproduced with permissior 
from Wells, A.F., Structural 
Inorganic Chemistry, 5th ed.. 
Oxford University Press, Ox 
1984.) 
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Figure 3.5 Rock salt (NaCl) 
structure. (Reproduced by 
permission of Wells, A.F., 
Structural Inorganic Chemistry, 
Sth ed., Oxford University Press, 
Oxford, 1984.) 
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Figure 3.6 Caesium chloride 
(CsCl) structure. (Reproduced by 


rmission of Wells, A.F., 
ructural Inorganic Chemistry, 

h ed., Oxford University Press, 
84.) 


Figure 3.7 Fluorite (CaF;) 
structure. (Reproduced by 
permission of Wells, A.F., 
Structural Inorganic Chemistry , 
5th ed., Oxford University Press, 
Oxford, 1984.) 


may be regarded as a cubic close-packed array of Cl” ions, with Na* ions 
occupying all the octahedral holes. 


Caesium chloride structure 


In caesium chloride, CsCl, the radius ratio is 0.93. This indicates a body- 
centred cubic type of arrangement, where each Cs* ion is surrounded by 
eight Cl” ions, and vice versa (Figure 3.6). The coordination is thus 8: 8. 
Note that this structure is not close packed, and is not strictly body-centred 
cubic. 

In a body-centred cubic arrangement, the atom at the centre of the cube 
is identical to those at the corners. This structure is found in metals, but in 
CsCl if the ions at the corners are Cl” then there will be a Cs* ion at the 
body-centred position, so it is not strictly body-centred cubic. The caesium 
chloride structure should be described as a body-centred cubic type of 
arrangement and not body-centred cubic. 


IONIC COMPOUNDS OF THE TYPE AX; (CaF2, TiO;, SiO;) 


The two most common structures are fluorite, CaF, (Figure 3.7), and 
rutile, TiO; (Figure 3.8), and many difluorides and dioxides have one of 
these structures. Another fairly common structure is one form of SiO; 
called -cristobalite (Figure 3.9). These are true ionic structures. Layer 
structures are formed instead if the bonding becomes appreciably covalent. 


Calcium fluoride (fluorite) structure 


In fluorite, each Ca?* ion is surrounded by eight F~ ions, giving a body- 
centred cubic arrangement of F^ round Ca?*. Since there are twice as 
many F~ ions as Ca?* ions, the coordination number of both ions is 
different, and four Ca?* ions are tetrahedrally arranged around each F^ 
ion. The coordination numbers are therefore 8 and 4, so this is called an 
8:4 arrangement. The fluorite structure is found when the radius ratio is 
0.73 or above. 

An alternative description of the structure is that the Ca** ions form a 
face-centred cubic arrangement. The Ca?* ions are too small to touch each 
other, so the structure is not close packed. However, the structure is 
related to a close-packed arrangement, since the Ca** occupy the same 
relative positions as for a cubic close-packed structure, and the F^ ions 
occupy all the tetrahedral holes. 


Rutile structure 


TiO; exists in three forms called anatase, brookite and rutile. The rutile 
Structure is found in many crystals where the radius ratio is between 0.41 
and 0.73. This suggests a coordination number of 6 for one ion, and from 
the formula it follows that the coordination number of the other ion must 


LAYER STRUCTURES 


be 3. This is a 6:3 structure. Each Ti** is octahedrally surrounded by six 
O?- ions and each O?- ion has three Ti** ions round it in a plane tri- 
angular arrangement. 

The rutile structüre is not close packed. The unit cell, i.e. the repeating 
unit of this structure, is not a cube, since one of the axes is 30% shorter 
than the other two. It is convenient to describe it as a considerably 
distorted cube (though the distortion is rather large). The structure may 
then be described as a considerably distorted body-centred cubic lattice of 
Ti^* ions. Each Ti^* ion is surrounded octahedrally by six O?- ions, and 
the O^- are in positions of threefold coordination, that is each O?- is 
surrounded by three Ti^* ions at the corners of an equilateral triangle. 
Three-coordination is not common in solids. There are no examples of 
three-coordination in compounds of the type AX, but there is another 
example in the compounds of type AX», that is CdD, though in this case 
the shape is not an equilateral triangle. The structure of CaCl, is also a 6 : 3 
structure, and is similar to CdL;. These are described later. 

There are only a few cases where the radius ratio is below 0.41. 
Examples include silica SiO; and beryllium fluoride BeF;. These have 
coordination numbers of 4 and 2, but radius ratio predictions are uncertain 
since they are appreciably covalent. 


B-cristobalite (silica) structure 


Silica SiO} exists in six different crystalline forms as quartz, cristobalite and 
tridymite, each with an a and f form. f-cristobalite is related to zinc 
blende, with two interpenetrating close-packed lattices, one lattice arising 
from Si occupying the S^- positions, and the other lattice from Si oc- 
cupying the Zn?* positions (i.e. the tetrahedral holes in the first lattice). 
The oxygen atoms lie midway between the Si atoms, but are shifted slightly 
off the line joining the Si atoms, so the bond angle Si—O—Si is not 180°. 
The radius ratio predicts a coordination number of 4, and this is a 4:2 
Structure. 


LAYER STRUCTURES (CdLb, CdCb, [NiAs]) 


Cadmium iodide structure 


Many AX; compounds are not sufficiently ionic to form the perfectly 
regular ionic structures described. Many chlorides, bromides, iodides and 
sulphides crystallize into structures which are very different from those 
described. Cadmium fluoride CdF, forms an ionic lattice with the CaF, 
structure, but in marked contrast cadmium iodide Cdl, is much less ionic, 
and does not form the fluorite structure. The radius ratio for Cdl, is 0.45, 
and this indicates a coordination number of 6 for cadmium. The structure is 
made up of electrically neutral layers of Cd?* ions with layers of I~ ions on 
either side — rather like a sandwich where a layer of Cd?* corresponds to 
the meat in the middle, and layers of F^ correspond to the bread on either 


Figure 3.8 Rutile (TiO;) 
structure. 


Figure 3.9 f-cristobalite 
structure. 
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side. This is called a layer structure, and it is not a completely regular ionic 
structure. With a sandwich, bread is separated from bread by the meat, but 
in a pile of sandwiches, bread from one sandwich touches bread from the 
next sandwich. Similarly, in Cdl, two sheets of I^ ions are separated by 
Cd?* within a ‘sandwich’, but between one ‘sandwich’ and the next, two I~ 
layers are in contact. Whilst there is strong electrostatic bonding between 
Cd?* and I^ layers, there are only weak van der Waals forces holding the 
adjacent layers of I~ together. The packing of layers in the crystal structure 
is not completely regular, and the solid is flaky, and it cleaves into two 
parallel sheets quite easily. This structure is adopted by many transition 
metal diiodides (Ti, V, Mn, Fe, Co, Zn, Cd) and by some main group 
diiodides and dibromides (Mg, Ca, Ge and Pb). Many hydroxides have 
similar layer structures (Mg(OH);, Ca(OH)2. Fe(OH), Co(OH)2, 
Ni(OH)2, and Cd(OH);. 

In cadmium iodide, the third layer of I^ ions is directly above the first 
layer, so the repeating pattern is ABABAB... The I^ ions may be 
regarded as an approximately hexagonal close-packed arrangement. The 
Cd?* ions occupy half of the octahedral sites. Rather than half filling the 
octahedral sites in a regular way throughout the whole structure, all of the 
octahedral sites are filled between two I^ layers, and none of the octa- 
hedral sites is filled between the next two layers of I~ ions. All of the 
octahedral holes are filled between the next two layers of I” ions, none 
between the next pair, and so on. 


Figure 3.10 Part of two laye: 


a 


of cadmium iodide (Cdl) structure. 


E LAYER STRUCTURES 


Cadmium chloride structure 


Cadmium chloride forms a closely related layer structure, but in this the 
chloride. ions occur approximately in a cubic close-packed arrangement 
(ABCABC. ..). 

Layer structures are intermediate in type between the extreme cases of: 


1. A totally ionic crystal with a regular arrangement of ions and strong 
electrostatic forces in all directions. 

2. A crystal in which small discrete molecules are held together by weak 
residual forces such as van der Waals forces and hydrogen bonds. 


Nickel arsenide structure 


The structure of nickel arsenide NiAs is related to the structure of Cdl. In 
NiAs (Figure 3.11), the arsenic atoms form a hexagonal close-packed type 
of lattice with nickel atoms occupying all of the octahedral sites between all 
of the layers of arsenic atoms. (In Cdl; all of the octahedral sites between 
half of the layers are filled, whilst with NiAs all of the octahedral sites 
between all of the layers are filled.) 

In the nickel arsenide structure each atom has six nearest neighbours of 
the other type of atom. Each arsenic atom is surrounded by six nickel 
atoms at the corners of a trigonal prism. Each nickel atom is surrounded 
octahedrally by six arsenic atoms, but with two more nickel atoms suf- 
ficiently close to be bonded to the original nickel atom. This structure is 
adopted by many transition elements combined with one of the heavier 
elements from the p-block (Sn, As, Sb, Bi, S, Se, Te) in various alloys. 
These are better regarded as intermetallic phases rather than true 
compounds. They are opaque, have metallic lustre, and sometimes have a 
variable composition. 

For details of other ionic structures, such as perovskite and spinels, see 
Chapter 20 and the Further Reading (Adams, Addison, Douglas McDaniel 
and Alexander, Greenwood, Wells) at the end of this chapter. 


Structures containing polyatomic ions 


There are many ionic compounds of types AX and AX; where A, or X, or 
both ions are replaced by complex ions. When the complex ion is roughly 
spherical, the ions often adopt one of the more symmetrical structures 
described above. Ions such as SO", CIO; and NHj are almost spherical. 
In addition, the transition metal complex [Co(NH3)¢]l2 adopts the CaF; 
(fluorite) structure. K2[PtCl.] adopts an anti-fluorite structure, which is the 
same as a fluorite structure except that the sites occupied by positive and 
negative ions are interchanged. Both ions may be complex: [Ni(H20)6] 
[SnCl,], for example, forms a slightly distorted CsCl structure. Other ions 
(CN- and SH") sometimes attain effective spherical symmetry by free 
rotation, or by random orientation. Examples include CsCN, TICN and 
CsSH. 


Figure 3.11 Nickel arsenide 
structure. 
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Figure 3.12 Calcium carbide 
structure. 
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Sometimes the presence of non-spherical ions simply distorts the lattice. 
Calcium carbide has a face-centred structure like NaCl, except that the 
linear C2- ions are all oriented in the same direction along one of the unit 
cell axes. This elongates the unit cell in that direction (Figure 3.12). 
Similarly calcite, CaCO}, has a structure related to NaCl, but the planar 
triangular CO$- ion distorts the unit cell along a threefold axis of 
symmetry, rather than along one of the cell axes. Several divalent metal 
carbonates, a number of nitrates, LINO; and NaNO;, and some borates, 
ScBO3, YBO; and InBOs, also have the calcite structure. 


A MORE CRITICAL LOOK AT RADIUS RATIOS 


To a first approximation, the relative numbers and sizes of the ions will 
determine the structure of the crystal. The radius ratios of the alkali metal 
halides and the alkaline earth metal oxides, sulphides, selenides and 
tellurides are shown in Table 3.3. 

All of the crystals with a radius ratio between 0.41 and 0.73 (enclosed by 
full line in Table 3.3) would be expected to have the sodium chloride 
structure. In fact all but four of the compounds listed have a sodium 
chloride structure at normal temperatures. A lot more compounds adopt 
the NaCl structure than would te predicted. The exceptions are CsCl, 
CsBr and CsI, which have a caesium chloride structure, and MgTe, which 
has a zinc sulphide structure. RbCl and RbBr are unusual since they both 
form a NaCl structure with a coordination number of 6 when crystallized at 
normal room temperatures and pressures, but they adopt a CsCl structure 
with a coordination number of 8 if crystallized at high pressures or 
temperatures. The fact that they can form both structures indicates that the 
difference in lattice energy between the two structures is small, and hence 
there is only a small difference in stability between them. 


A CAUTIONARY WORD ON RADIUS RATIOS 


Radius ratios provide a useful guide to what is possible on geometric 
grounds, and also a first guess at the likely structure, but there are other 
factors involved. Radius ratios do not necessarily provide a completely 
reliable method for predicting which structure is actually adopted. 


Table 3.3 Radius ratios of Group 1 halides and Group 2 oxides 


A CAUTIONARY WORD ON RADIUS RATIOS 
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Though radius ratios indicate the correct structure in many cases, there 
are a significant number of exceptions where they predict the wrong 
structure. It is therefore worth examining the assumptions behind the 
radius ratio concept, to see if they are valid. The assumptions are: 


1. That accurate ionic radii are known. 

2. That ions behave as hard inelastic spheres. 

3. That stable-arrangements are only possible if the positive and negative 
ions touch. 

. That ions are spherical in shape. 

. That ions always adopt the highest possible coordination number. 

. That bonding is 100% ionic. 


vpe 


e 


Values for ionic radii cannot be measured absolutely, but are estimated. 
They are not completely accurate or reliable. Though it is possible to 
measure the interatomic distance between two different ions very ac- 
curately by X-ray crystallography, it is much less certain how to divide 
the distance between the two ions to obtain ionic radii. Furthermore the 
radius of an ion is not constant but changes depending on its environment. 
In particular the radius changes when the coordination number changes. 
The radii usually quoted are for a coordination number of 6, but the radius 
effectively increases 396 when the coordination number is changed from 6 
to 8, and decreases 6% when the coordination number changes from 6 to 4. 

Ions are not hard inelastic spheres. They are sometimes fitted into ‘holes’ 
that are slightly too small, that is the ions are compressed, and the lattice 
may be distorted. 

The assumption that the ions touch is necessary to calculate the critical 
lower limit for radius ratios. In principle positive and negative ions should 
touch, so as to get the ions close together, and get the maximum electro- 
static attraction. (Electrostatic attraction depends on the product of the 
charges on the ions divided by the distance between them.) Theoretically 
structures where the smaller metal ion 'rattles' in its hole (that is, it does 
not touch the neighbouring negative ions) should be unstable. A more 
favourable electrostatic attraction should be obtained by adopting a 
different geometric arrangement with a smaller coordination number, so 
that the ions can get closer. It has already been shown that in the alkali 
halides and alkaline earth oxides the NaCl structure with coordination 
numbers of 6:6 is sometimes adopted when other structures are predicted 
by radius ratios. It follows that, since the smaller ion no longer fits the 
site it occupies, it must either ‘rattle’, or be compressed. 

Are ions spherical? It is reasonable to consider ions with a noble gas 
structure as spherical. This includes the majority of the ions formed by 
elements in the main groups. There are a small number of exceptions 
where the ions have an inert pair (Ga*, In* Tit, Sn?*, Pb?*, I*, P*). 
These ions do not have a centre of symmetry, and the structures they form 
usually show some distortion, with the metal ion slightly displaced off- 
centre from its expected position. Transition metal ions with partially filled 
d orbitals are not spherical, though in contrast to inert pair distortion they 


54] | 


THE IONIC BOND 


usually have a centre of symmetry. The arrangement of electrons in these d 
orbitals gives rise to Jahn- Teller distortion. (See Chapter 28.) A partially 
filled d orbital pointing towards a coordinated ion .will repel it. A 
completely filled d orbital will repel the ion even more. This can give rise to 
a structure with some long and some short bonds, depending on both the 
electronic structure of the metal ion, and the crystal structure adopted, i.e. 
the positions of the coordinating ions. 

It is most unlikely that bonding is ever 100% ionic. The retention of a 
NaCl structure by a number of compounds which might be expected to 
adopt a CsCl structure is largely because there is a small covalent contri- 
bution to the bonding. The three p orbitals are at 90° to each other, and in 
a NaCl structure they point towards the six nearest neighbours, so covalent 
overlap of orbitals is possible. The geometric arrangement of the NaCI 
structure is ideally suited to allow some covalent contribution to bonding. 
This is not so for the CsCl structure. 

Thus radius ratios provide a rough guide to what structures are geo- 
metrically possible. Radius ratios often predict the correct structure, but 
they do not always predict the correct structure. Ultimately the reason why 
any particular crystal structure is formed is that it gives the most favourable 
lattice energy. 


LATTICE ENERGY 


The lattice energy (U) of a crystal is the energy evolved when one gram 
molecule of the crystal is formed from gaseous ions: 


Nagy + Clg NaClayu) U = —782kJ mol! 


Lattice energies cannot be measured directly, but experimental values are 
obtained from thermodynamic data using the Born—Haber cycle (see 
Chapter 6). 

Theoretical values for lattice energy may be calculated. The ions are 
treated as point charges. and the electrostatic (coulombic) energy E 
between two ions of opposite charge is calculated: 


pt TACE 
r 
where 
z* and z^ are the charges on the positive and negative ions 
e is the charge on an electron 
T is the inter-ionic distance 


For more than two ions, the electrostatic energy depends on the number of 
ions, and also on A their arrangement in space. For one mole, the 
attractive energy is: 
NAz*z-e? 
r 


E 
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Table 3.4 Madelung constants 


Type of structure A M 
zinc blende ZnS 1.63806 1.63806 
wurtzite ZnS 1.64132 1.64132 
sodium chloride NaCl 1.74756 1.74756 
caesium chloride CsCl 1.76267 1.76267 
rutile TiO; 2.408 4.816 
fluorite CaF, 2.51939 5.03878 
corundum Al;O; 4.17186 25.03116 


————— 


where 

N, is the Avogadro constant — the number of molecules in a mole — which 
has the value 6.023 x 10? mol 

A isthe Madelung constant, which depends on the geometry of the crystal 


Values for the Madelung constant have been calculated for all common 
crystal structures, by summing the contributions of all the ions in the 
crystal lattice. Some values are given in Table 3.4. (It should be noted that 
different values from these are sometimes given where the term far i 
replaced by z?, where z is the highest common factor in the charges on the 
ions. The Madelung constant is rewritten M = Az*z~/z?. This practice is 
not recommended.) 

The equation for the attractive forces between the ions gives a negative 
value for energy, that is energy is given out when a crystal is formed. The 
inter-ionic distance r occurs in the denominator of the equation. Thus the 
smaller the value of r, the greater the amount of energy evolved when the 
crystal lattice is formed, and hence the more stable the crystal will be. 
Mathematically, the equation suggests that an infinite amount of energy 
should be evolved if the distance r is zero. Plainly this is not so. When the 
inter-ionic distance becomes small enough for the ions to touch, they begin 
to repel each other. This repulsion originates from the mutual repulsion of 
the electron clouds on the two atoms or ions. The repulsive forces increase 
rapidly as r decreases. The repulsive force is given by Bir”, where B is a 


Table 3.5 Average values for the Born exponent 


Electronic structure of ion n Examples 

He 5 Li*, Be?* 

Ne 7 Na*, Mg*, O77, F^ 

Ar 9 KGa "5 8' CI Cu* 
Kr 10 Rb*, Br^, Agt 

Xe 12 Cs*, I^, Aut 

Average values are used, e.g. in LiCl, Lit = 5, Cl” = 9, hence for 


LiCl, n = (5 + 9/2=7 
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constant that depends on the structure, and is a constant called the Born 
exponent. For one gram molecule the total repulsive force is (N,B)/r". The 
Born exponent may be determined from compressibility measurements. 
Often chemists use a value of 9, but it is better to use values for the 
particular ions in the crystal. 

The total energy holding the crystal together is U the lattice energy. This 
is the sum of the attractive and the repulsive forces. 
 N.Aztz e 2 NB 

a Ups SR p 


attractive force repulsive force 


U- (3.1) 


(A is the Madelung constant and B is a repulsion coefficient, which is a 
constant which is approximately proportional to the number of nearest 
neighbours.) 

The equilibrium distance between ions is determined by the balance 
between the attractive and repulsion terms. At equilibrium, dU/dr — 0, 
and the equilibrium distance r = ro 

aU _ N.Az*z e? _ nNoB E Q2) 


dr re rn 
Rearranging this gives an equation for the repulsion coefficient B. 
2272 ers 
n 


B= 


Substituting equation (3.3) into (3.1) 
SNA ge (1 A 1) 


n 


U= 

o 
This equation is called the Born- Landé equation. It allows the lattice 
energy to be calculated from a knowledge of the geometry of the crystal, 
and hence the Madelung constant, the charges z* and z~, and the inter- 
ionic distance. When using SI units, the equation takes the form: 


N,Az*z7e? ( 1) 
= —-— (1 - = 3.4 
i ANE o x n G4) 


where &, is the permittivity of free space = 8.854 x 107 Fm. 


This equation gives a calculated value of U = —778kJ mol"! for the 
lattice energy for sodium chloride, which is close to the experimental value 
of —775kJmol-! at 25°C (obtained using the Born-Haber cycle). The 
experimental and theoretical values for the alkali metal halides and 
the oxides and halides of the alkaline earths (excluding Be), all agree 
within 3%. 

Other expressions, for example the Born-Mayer and Kapustinskii 
equations, are similar, but calculate the repulsive contribution in a slightly 
different way. Agreement is even better if allowances are made for van der 
Waals forces and zero point energy. 

Several important points arise from the Born—Landé equation: 


LATTICE ENERGY 
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. The lattice becomes stronger (i.e. the lattice energy U becomes more 


negative), as r the inter-ionic distance decreases. U is proportional 
to l/r. 
r(À)  U(klmol^') 
LiF 2.01 —1004 
CsI 3.95 2-521 


. The lattice energy depends on the product of the ionic charges, and U 


is proportional to (z* . z~). 
r(À) .(z*.z^) --U(kJmol-!) 
LiF 2.01 1 —1004 
MgO 210 4 —3933 


. The close agreement between the experimental lattice energies and 


those calculated. by the Born-Landé equation for the alkali metal 
halides does not of itself prove that the equation itself, or the assump- 
tions on which it is based, are correct. The equation is remarkably self- 
compensating, and tends to hide errors. There are two opposing factors 
in the equation. Increasing the inter-ionic distance r reduces the lattice 
energy. It is almost impossible to change r without changing the struc- 
ture, and therefore changing the Madelung constant A. Increasing A 
increases the lattice energy: hence the effects of changing r and A may 
largely cancel each other. 

This may be illustrated by choosing a constant value for n in the 
Born-Landé equation. Then changes in inter-ionic distance can be cal- 
culated for either changes in the coordination number, or in crystal 
structure. Taking a constant value of n = 9, we may compare the inter- 
ionic distances with those for six-coordination: 


Coordination number 12 8 6 4 
Ratio of inter-ionic distance 1.091 1.037 1.000 0.951 


For a change of coordination number from 6 (NaCl structure) to 8 
(CsCl structure) the inter-ionic distance increases by 3.7%, and the 
Madelung constants (NaCl A = 1.74756, and CsCl A = 1.76267) change 
by only 0.9%. Thus a change in coordination number from 6 to 8 would 
result in a reduction in lattice energy, and in theory the NaCI structure 
should always be more stable than the CsCI structure. In a similar way 
reducing the coordination number from 6 to 4 decreases r by 4.9%. The 
decrease in A is 6.1% or 6.3% (depending on whether a zinc blende or 
wurtzite structure is formed), but in either case it more than com- 
pensates for the change in r, and in theory coordination number 6 is 
more stable than 4. 

This suggests that neither four- nor eight-coordinate structures should 
exist, since the six-coordinate NaCl structure is more stable. Since ZnS 
is known (coordination number 4), and CsCl, CsBr and CsI have a co- 
ordination number of 8, this suggestion is plainly incorrect. We must 
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Table 3.6 Inter-ionic distances and ionic charges related to m.p. and hardness 


r(À) (z*.z-) m.p. (C) Hardness 
(Mohs' scale) 
NaF 2.310 1 990 3.2 
BeO 1.65 4 2530 9.0 
MgO 2.106 4 2800 6.5 
CaO 2.405 4 2580 4.5 
SrO 2.580 4 2430 3.5 
BaO 2.762 4 1923 3.3 
TiC 2.159 16 3140 8-9 


therefore look for a mistake in the theoretical assumptions made. First 
the value of n was assumed to be 9, when it may vary from 5 to 12. 
Second, the calculation of electrostatic attraction assumes that the ions 
are point charges. Third, the assumption is made that there is no 
reduction in charge because of the interaction (i.e. the bonds are 100% 
ionic). 

4. Crystals with a high lattice energy usually melt at high tempera- 
tures, and are very hard. Hardness is measured on Mohs’ scale. (See 
Appendix N.) High lattice energy is favoured by a small inter-ionic 
distance, and a high charge on the ions. 


It has been seen that a number of salts which might be expected from 


radius ratio considerations to have a CsCl structure in fact adopt a NaCl - 


structure. The Madelung constant for CsCl is larger than for NaCl, and 
would give an increased lattice energy. However, the inter-ionic distance r 
will be larger in a CsCI type of structure than in a NaCl type of structure, 
and this would decrease the lattice energy. These two factors work in 
opposite directions and partly cancel each other. This makes the lattice 
energy more favourable for a NaCl type of lattice in some cases where a 
CsCl structure is geometrically possible. Consider a case such as RbBr, 
where the radius ratio is close to borderline between six-coordination 
(NaCl structure) and eight-coordination (CsCl structure). If the CsCl 
structure is adopted, the Madelung constant is larger than for NaCl, and 
this increases the lattice energy by 0.86%. At the same time the inter-ionic 
distance in a CsCl structure increases by 3%, and this decreases the lattice 
energy by 3%. Clearly the NaCl structure is preferred. 


FEATURES OF SOLIDS 


The essential feature of crystalline solids is that the constituent molecules, 
atoms or ions are arranged in a completely regular three-dimensional 
pattern. Models built to show the detailed structure of crystalline materials 
are usually grossly misleading, for they imply a perfect static pattern. Since 
the atoms or ions have a considerable degree of thermal vibration. the 
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crystalline state is far from static, and the pattern is seldom perfect. Many 
of the most useful properties of solids are related to the thermal vibrations 
of atoms, the presence of impurities and the existence of defects. 


STOICHIOMETRIC DEFECTS 


Stoichiometric compounds are those where the numbers of the different 
types of atoms or ions present are exactly in the ratios indicated by their 
chemical formulae. They obey the law of constant composition that ‘the 
same chemical compound always contains the same elements in the same 
composition by weight. At one time these were called Daltonide com- 
pounds, in contrast to Berthollide or nonstoichiometric compounds where 
the chemical composition of a compound was variable, not constant. 

Two types of defects may be observed in stoichiometric compounds, 
called Schottky and Frenkel defects respectively. At absolute zero, crystals 
tend to have a perfectly ordered arrangement. As the temperature in- 
creases, the amount of thermal vibration of ions in their lattice sites 
increases, and if the vibration of a particular ion becomes large enough. it 
may, jump out of its lattice site. This constitutes a point defect. The higher 
the temperature, the greater the chance that lattice sites may be un- 
occupied. Since the number of defects depends on the temperature, they 
are sometimes called thermodynamic defects. 


Schottky defects 


A Schottky defect consists of a pair of ‘holes’ in the crystal lattice. One 
positive ion and one negative ion are absent (see Figure 3.13). This sort of 
defect occurs mainly in highly ionic compounds where the positive and 
negative ions are of a similar size, and hence the coordination number is 
high (usually 8 or 6), for example NaCl, CsCl, KCI and KBr. 

The number of Schottky defects formed per cm? (n,) is given by 


W; 
A 


where N is the number of sites per cm? that could be left vacant, W, is the 
work necessary to form a Schottky defect, k is the gas constant and T the 
absolute temperature. 


Frenkel defects 


A Frenkel defect consists of a vacant lattice site (a ‘hole’), and the ion 
which ideally should have occupied the site now occupies an interstitial 
position (see Figure 3.14). 

Metal ions are generally smaller than the anions. Thus it is easier to 
squeeze A* into alternative interstitial positions, and consequently it is 
more common to find the positive ions occupying interstitial positions. This 
type of defect is favoured by a large difference in size between the positive 


Figure 3.13 Schottky defect. 


Figure 3.14 Frenkel defect. 
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and negative ions, and consequently the coordination number is usually 
low (4 or 6). Since small positive ions are highly polarizing and large 
negative ions are readily polarized, these compounds have some covalent 
character. This distortion of ions, and the proximity of like charges, leads 
to a high dielectric constant. Examples of this type of defect are ZnS, 
AgCI, AgBr and Agl. 

The number of Frenkel defects formed per cm? (ni) is given by 


where N is the number of sites per cm? that could be left vacant, N’ is the 
number of alternative interstitial positions per cm*, Wp is the work 
necessary to form a Frenkel defect, k is the gas constant and T the absolute 
temperature. 

The energy needed to form either a Schottky defect or a Frenkel defect 
depends on the work needed to form the defect, and on the temperature. 
In a given compound one type generally predominates. 

In NaCl, the energy to form a Schottky defect is about 200kJ mol^! 
compared with a lattice energy of approximately 750kJ mol^'. It is 
therefore much easier to form a defect than to break the lattice. 

The number of defects formed is relatively small, and at room tempera- 
ture NaCl has only one defect in 10'* lattice sites, this value rising to one in 
10° sites at 500°C and one in 10* sites at 800°C. 

A consequence of these defects is that a crystalline solid that has defects 
may conduct electricity to a small extent. Electrical conductivity in a 
chemically pure, stoichiometric semiconductor is called ‘intrinsic semicon- 
duction’. In the above cases, intrinsic semiconduction occurs by an ionic 
mechanism. If an ion moves from its lattice site to occupy a ‘hole’, it 
creates a new ‘hole’. If the process is repeated many times, a ‘hole’ may 
migrate across a crystal, which is equivalent to moving a charge in the 
opposite direction. (This type of semiconduction is responsible for the 
unwanted background noise produced by transistors.) 

Crystals with Frenkel defects have only one type of hole, but crystals 
containing Schottky defects have holes from both positive and negative 
ions, and conduction may arise by using either one type of hole or both 
types. Migration of the smaller ion (usually the positive ion) into the 
appropriate holes is favoured at low temperatures, since moving a small 


Table 3.7 Percentage of conduction by cations and anions 


AM———————————————————————————— 


Temp. NaF NaCl NaBr 
CC) 

cation % anion% cation% anion% cation% ^ anion % 
400 100 0 100 0 98 2 
500 100 0 98. 2 94 6 


600 92 8 91 9 89 1 


———————————————————————— 
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ion requires less energy. However, migration of both types of ions in 
opposite directions (using both types of holes) occurs at high temperatures. 
For example, at temperatures below 500 °C the alkali halides conduct by 
migration of the cations, but at higher temperatures both anions and 
cations migrate. Further, the amount of anionic conduction increases with 
temperature, as shown in Table 3.7. 

The density of a defect lattice should be different from that of a perfect 
lattice. The presence of ‘holes’ should lower the density, but if there are 
too many ‘holes’ there may be a partial collapse or distortion of the lattice — 
in which case the change in density is unpredictable. The presence of ions 
in interstitial positions may distort (expand) the lattice and increase the 
unit cell dimensions. 


NONSTOICHIOMETRIC DEFECTS 


Nonstoichiometric or Berthollide compounds exist over a range of 
chemical composition. The ratio of the number of atoms of one kind to the 
number of atoms of the other kind does not correspond exactly to the ideal 
whole number ratio implied by the formula. Such compounds do not obey 
the law of constant composition. There are many examples of these com- 
pounds, particularly in the oxides and sulphides of the transition elements. 
Thus in FeO, FeS or CuS the ratio of Fe: O, Fe:S or Cu: S differs from 
that indicated by the ideal chemical formula. If the ratio of atoms is not 
exactly 1:1 in the above cases, there must be either an excess of metal 
ions. or a deficiency of metal ions (e.g. Fen 440-Feoo40, Fey.9S)- 
Electrical neutrality is maintained either by having extra electrons in the 
structure, or changing the charge on some of the metal ions. This makes 
the structure irregular in some way, i.e. it contains defects, which are in 
addition to the normal thermodynamic defects already discussed. 


Metal excess 


This may occur in two different ways. 


F-centres 


A negative ion may be absent from its lattice site, leaving a *hole' which is 
occupied by an electron, thereby maintaining the electrical balance (see 
Figure 3.15). This is rather similar to a Schottky defect in that there are 
‘holes’ and not interstitial ions, but only one *hole' is formed rather than a 
pair. This type of defect is formed by crystals which would be expected to 
form Schottky defects. When compounds such as NaCl, KCI, LiH or à-TiO 
are heated with excess of their constituent metal vapours, or treated with 
high energy radiation, they become deficient in the negative ions, and their 
formulae may be represented by AX,_». where 6 is a small fraction. The 
nonstoichiometric form of NaCl is yellow, and the nonstoichiometric 


Figure 3.15 Metal excess defect 
because of absent anion. 
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Figure 3.16 Metal exċess defects 
caused by interstitial cations. 


form of KCI is blue-lilac in colour. Note the similarity with the flame 
colorations for Na and K. 

The crystal lattice has vacant anion sites, which are occupied by 
electrons. Anion sites occupied by electrons in this way are called F- 
centres. (F is an abbreviation for Farbe, the German word for colour.) 
These F-centres are associated with the colour of the compound and the 
more F-centres present, the greater the intensity of the coloration. Solids 
containing F-centres are paramagnetic, because the electrons occupying 
the vacant sites are unpaired. When materials with F-centres are irradiated 
with light they become photoconductors. When electrons in the F-centres 
absorb sufficient light (or heat) energy, the electron is promoted into a 
conduction band, rather similar to the conduction bands present in metals. 
Since conduction is by electrons it is n-type semiconduction. 


Interstitial ions and electrons 


Metal excess defects also occur when an extra positive ion occupies an 
interstitial position in the lattice, and electrical neutrality is maintained by 
the inclusion of an interstitial electron (see Figure 3.16). Their composition 
may be represented by the general formula Aj+5X. 

This type of defect is rather like a Frenkel defect in that ions occupy 
interstitial positions, but there are no ‘holes’, and there are also interstitial 
electrons. This kind of metal excess defect is much more common than the 
first, and is formed in crystals which would be expected to form Frenkel 
defects (i.e. the ions are appreciably different in size, have a low co- 
ordination number, and have some covalent character). Examples include 
ZnO, CdO, Fe;O; and Cr;O;. 

If this type of defect oxide is heated in dioxygen, then cooled to room 
temperature, its conductivity decreases. This is because the dioxygen 
oxidizes some of the interstitial ions, and these subsequently remove 
interstitial electrons, which reduces the conductivity. 

Crystals with either type of metal excess defect contain free electrons, 
and if these migrate they conduct an electric current. Since there are only a 
small number of defects, there are only a few free electrons that can 
conduct electricity. Thus the amount of current carried is very small 
compared with that in metals, fused salts or salts in aqueous solutions, and 
these defect materials are called semiconductors. Since the mechanism is 
normal electron conduction, these are called n-type semiconductors. These 
free electrons may be excited to higher energy levels giving absorption 
spectra, and in consequence their compounds are often coloured, e.g. 
nonstoichiometric NaCl is yellow, nonstoichiometric KCI is lilac, and ZnO 
is white when cold but yellow when hot. 


Metal deficiency 


Metal-deficient compounds may be represented by the general formula 
A.X. In principle metal deficiency can occur in two ways. Both require 
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variable valency of the metal, and might therefore be expected with the 
transition metals. 


Positive ions absent 


If a positive ion is absent from its lattice site, the charges can be balanced 
by an adjacent metal'ion having an extra positive charge (see Figure 3.17). 
Examples of this are FeO, NiO, 8-TiO, FeS and Cul. (If an Fe?* is missing 
from its lattice site in FeO, then there must be two Fe?* ions somewhere in 
the lattice to balance the electrical charges. Similarly if a Ni^* is missing 
from its lattice site in NiO, there must be two Ni?^* present in the lattice.) 

Crystals with metal deficiency defects are semiconductors. Suppose the 
lattice contains A* and A?* metal ions. If an electron *hops' from an A* 
ion to the positive centre (an A?* ion), the original A* becomes a new 
positive centre. There has been an apparent movement of A?*. With a 
series of similar ‘hops’, an electron may be transferred in one direction 
across the structure, and at the same time the positive hole migrates in the 
opposite direction across the structure. This is called positive hole, or 
p-type semiconduction. 

If a defect oxide of this type is heated in dioxygen, its room temperature 
conductivity increases, because the dioxygen oxidizes some of the metal 
ions, and this increases the number of positive centres. 


Extra interstitial negative ions 


In principle it might’ be possible to have an extra negative ion in an 
interstitial position and to balance the charges by means of an extra charge 
on an adjacent metal ion (see Figure 3.18). However, since negative ions 
are usually large, it would be difficult to fit them into interstitial positions. 
No examples of crystals containing such negative interstitial ions are 
known at present. 


SEMICONDUCTORS AND TRANSISTORS 


Semiconductors are solids where there is only a small difference in energy, 
called a band gap, between the filled valency band of electrons and a 
conduction band. If cooled to absolute zero, the electrons occupy their 
lowest possible energy levels. The conduction band is empty, and the 
material is a perfect insulator. At normal temperatures, some electrons are 
thermally excited from the valency band to the conduction band, and 
hence they can conduct electricity by the passage of electrons at. normal 
temperatures. The ‘conductivity is in between that of a metal and an 
insulator and depends on the number of electrons in the conduction band. 

Germanium and, to an even greater extent, silicon are the most im- 
portant commercial examples of semiconductors. The crystal structures 
of both are like diamond. Atoms of Si and Ge both have four electrons in 
their outer shell, which form four covalent bonds to other atoms. In both 
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Table 3.8 Band gaps of some semiconductors at absolute zero 


So oriundi IHE D RACE EUR RE A 

Compound Energy gap Compound Energy gap 
(kJ mol!) (kJ mol!) 

a-Sn 0 GaAs 145 

PbTe 19 CuO 212 

Te 29 CdS 251 

PbS 29 GaP 278 

Ge 68 ZnO 328 

Si 106 ZnS 376 

InP 125 Diamond 579 


Se SS dE E CE 


Si and Ge at very low temperatures, the valence band is filled and the 
conduction band is empty. Under these conditions, Si and Ge are both 
insulators, and cannot carry any electric current. 

The band gaps are only 68 kJ mol”! for Ge, and 106 kJ mol-' for Si, and 
at room temperature a few valence electrons gain sufficient energy from 
the thermal vibration of the atoms to be promoted into the conduction 
band. If the crystal is connected in an electric circuit, these thermally 
excited electrons carry a small current, and make the Si or Ge crystal 
slightly conducting. This is termed intrinsic semiconduction. Expressed in 
another way. some bonds are broken, and these valence electrons can 
migrate. and conduct electricity. 

As the temperature is increased, the conductivity increases, that is the 
electrical resistance decreases. (This is the opposite of the situation with 
metals.) Above 100°C. so many valence electrons are promoted to the 
conduction band in Ge that the crystal lattice disintegrates. With Si the 
maximum working temperature is 150°C. This intrinsic semiconduction is 
undesirable, and precautions must be taken to limit the working tempera- 
ture of transistors. 

Pure Si and Ge can be made semiconducting in a controlled way by 
adding impurities which act as charge carriers. Si or Ge are first obtained 
extremely pure by zone refining. Some atoms with five outer electrons, 
such as arsenic As. are deliberately added to the silicon crystal. This 
process is called ‘doping’ the crystal. A minute proportion of Si atoms are 
randomly replaced by As atoms with five electrons in their outer shell. 
Only four of the outer electrons on each As atom are required to form 
bonds in the lattice. At absolute zero or low temperatures, the fifth 
electron is localized on the As atom. However, at normal temperatures, 
some of these fifth electrons on As are excited into the conduction band, 
where they can carry current quite readily. This is extrinsic conduction, and 
it increases the amount of semiconduction far above that possible by 
intrinsic conduction. Since the current is carried by excess electrons, it is 
n-type semiconduction. 

Alternatively a crystal of pure Si may be doped with some atoms with 
only three outer electrons, such as indium In. Each indium atom uses its 
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three outer electrons to form three bonds in the lattice, but they are unable 
to form four bonds to complete the covalent structure. One bond is in- 
complete, and the site normally occupied by the missing electron is called 
a ‘positive hole’. At absolute zero or low temperatures, the positive holes 
are localized around the indium atoms. However, at normal temperatures 
a valence electron on an adjacent Si atom may gain sufficient energy to 
move into the hole. This forms a new positive hole on the Ge atom. The 
positive hole seems to have moved in the opposite direction to the 
electron. By a series of ‘hops’, the ‘positive hole’ can migrate across the 
crystal. This is equivalent to moving an electron in the opposite direction, 
and thus current is carried. Since current is carried by the migration of 
positive centres, this is p-type semiconduction. 

Silicon must be ultra-highly purified before it can be used in semiconduc- 
tors. First impure silicon (98% pure) is obtained by reducing SiO; with 
carbon in an electric furnace at about 1900°C. This may bé purified by 
reacting with HCI, forming trichlorosilane SiHCl;, which may be distilled 
to purify it, then decomposed by heating to give pure silicon. 


SiO, + C2 Si + CO; 


strong heat 


si + aHCI ŽS H; + SiHCh——— Si 


The final purification is by zone refining, where a rod of silicon is melted 
near one end by an electric furnace. As the furnace is slowly moved along 
the rod, the narrow molten zone gradually moves to the other end of the 
rod. The impurities are more soluble in the liquid melt than in the solid, so 
they concentrate in the molten zone, and eventually move to the end of the 
rod. The impure end is removed, leaving an ultra-purified rod, with a 
purity of at least 1 part in 10!*. Purified silicon (or germanium) crystals can 
be converted to p-type or n-type semiconductors by high temperature 
diffusion of the appropriate dopant element, up to a concentration of 
1 part in 10%. In principle any of the Group III elements boron, aluminium, 
gallium or indium can be used to make p-type semiconductors, though 
indium is the most used because of its low melting point. Similarly Group 
V elements such as phosphorus or arsenic can be used to make n-type 
semiconductors, but because of its low melting point arsenic is most used. 

If a single crystal is doped with indium at one end, and with arsenic at the 
other end, then one part is a p-type semiconductor and the other an n-type 
semiconductor. In the middle there will be a boundary region where the 
two sides meet, which is a p-n junction. Such junctions are the important 
part of modern semiconductor devices. 
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A rectifier will only allow current from an outside source to flow through it 


in one direction. This is invaluable in converting alternating current AC 


into direct current DC, and it is common to use a square of four diodes ina 
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Figure 3.19 (a) Pure germanium. 
(b) n-type germanium. (c) p-type 
germanium. 
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circuit to do this. A diode is simply a transistor with two zones, one p-type, 
and the other n-type, with a p-n junction in between. 

diode Suppose that a positive voltage is applied to the p-type region, and a 

negative (or more negative) voltage applied to the n-type region. In the 

p-type region, positive holes will migrate towards the p-n junction. In the 

Lowe wes 3 n-type region, electrons will migrate towards the junction. At the junction, 

the two destroy each other. Expressed in another way, at the junction the 

electrons migrating electrons from the n-type region move into the vacant holes in 

the valence band of the p-type region. The migration of electrons and holes 

can continue indefinitely, and a current will flow for as long as the external 
voltage is applied. 

Consider what will happen if the voltages are reversed, so the p-type 


apn ery 7] region is negative, and the n-type region positive. In the p-type region, 
at 


positive holes 


conducts 


positive" holes migrate away from the junction, and in the n-type region 
electrons migrate away from the junction. At the junction there are neither 
| positive holes nor electrons, so no current can flow. 
does not conduct 

igure 3.20 An n-p junction asa PHOTOVOLTAIC CELL 

enh If a p-n junction is irradiated with light, provided that the energy of the 
light photons exceeds the band gap, then some bonds will break, giving 
electrons and positive holes, and these electrons are promoted from the 
valence band to the conduction band. The extra electrons in the conduc- 
tion band make the n-type region more negative, whilst in the p-type 
region the electrons are trapped by some positive holes. If the two regions 
are connected in an external circuit, then electrons can flow from the 
n-type region to the p-type region, that is current flows from the p-type to 
the n-type region. Such a device acts as a battery that can generate 
electricity from light. Efforts are being made to make efficient cells of this 
type to harness solar energy. 


TRANSISTORS 


Transistors are typically single crystals of silicon which have been doped to 
give three zones. In Britain p-n-p transistors are mainly used, whilst in the 
USA n-p-n transistors are most widely used. Both types have many uses, 
for example as amplifiers and oscillators in radio, TV and hi-fi circuits and 
in computers. They are also used as phototransistors, tunnel diodes, solar 
cells, thermistors, and in the detection of ionizing radiation. 

Different voltages must be applied to the three regions of a transistor to 
make it work. Typical bias potentials for a p-n-p transistor are shown in 
Figure 3.21. The base is typically —0.2 volts and the collector is typically 
—2.0 volts with respect to the emitter. The charge carriers in the emitter 
are positive holes, and these migrate from the emitter at 0 volts to the base 
at —().2 volts. The positive holes cross the emitter/base p-n junction, and in 
the n-type base region some positive holes combine with electrons and are 
destroyed. There is a flow of electrons in the reverse direction, from the 
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An n-p-n transistor ERECTA LER -0.2V 


emitter base collector 


A p-n-p transistor COSS Fox S 8d 
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-0.2V 
Figure 3.21 n-p-n and p-n-p transistors. 


base to the emitter. There is thus a small base current. However, the base 
is very thin, and the collector has a much greater negative voltage, so most 
of the positive holes pass through the base to the collector, where they 
combine with electrons from the circuit. At the emitter, electrons leave the 
p-type semiconductor and enter the circuit, and in doing so they produce 
more positive holes. Typically, if the emitter current is 1 mA, the base 
current is 0.02 mA, and the collector current 0.98 mA. 

The most common method of using a transistor as an amplifier is the 
common or grounded emitter circuit (Figure 3.22a). The emitter is 
common to both the base and collector circuits, and is sometimes grounded 
(earthed). The base current is the input signal, and the collector current is 
the output signal. If the base current is reduced, for example by increasing 
R,. the base becomes positively charged, and this reduces the movement of 
positive holes to the collector. In a typical transistor, a change in the base 
current can produce a change 50 times as great in the collector current, 
giving a current amplification factor of 50. A small change in input current 
to the base produces a much larger change in the collector current, so the 
original signal is amplified. 

In practice the bias for both the base and the collector are often obtained 
from one battery by having the resistance of R, much greater than that of 
R» (Figure 3.22b). 


(a) (b) 


Figure 3.22 Common emitter amplifier circuits. e = emitter. b = base. c = collector. 
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Finally, n-p-n transistors work in a similar way, except that the polarity 
of the bias voltages is reversed, so the collector and base are positive with 
respect to the emitter. 


MICRO-MINATURIZED SEMICONDUCTOR DEVICES 
INTEGRATED CIRCUITS 


It is now possible to manufacture computer chips with the equivalent of 
many thousands of single crystal transistor junctions on a small wafer of 
silicon, only a few millimetres square. (Memory chips for computers are 
readily available which store 64K, 256K, 1 megabyte and even 4 megabytes 
of data on a single chip.) 

The steps in the manufacture of such chips is: 


1. A fairly large single crystal of Si is doped to make it an n-type semi- 

conductor, and then it is carefully cut into thin slices. 

- A slice is heated in air to form a thin surface layer of SiO;. 

. The oxide layer is then coated with a photosensitive film, sometimes 

called a photoresist. 

4. A mask is placed over the photoresist, and the slice is exposed to UV 
light. Those parts of the photoresist exposed to light are changed, and 
are removed by treatment with acid, but the unexposed parts remain 
protected by the photoresist. 

5. The slice is then treated with HF, which etches (removes) the exposed 
areas of SiO. After this, the unchanged photoresist is removed. 

6. The surface is exposed to the vapour of a Group 13 element. Some of 
the surface is covered by a film of SiO», and some has exposed silicon. 
The parts covered by a SiO; film are unaffected, but in the parts where 
the silicon itself is exposed, some Si atoms are randomly replaced, 
forming a layer of p-type semiconductor. 

7. The steps (2) to (5) are repeated using a different mask, and the exposed 
areas of Si exposed to the vapour of a Group 15 element, to produce 
another layer of n-type semiconductor. 

8. Steps (2) to (5) are repeated using a mask to produce the openings 
into which metal can be deposited to ‘wire together’ the various semi- 
conductors so produced into an integrated circuit. 

9. Finally the chip is packaged in plastic or ceramic, connecting pins are 
soldered on so that it may be plugged in to a socket on a circuit board, 
and the chip is tested. A significant number turn out to be faulty. Faulty 
chips cannot be repaired, and are discarded. 
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PROBLEMS 


1. Relate the tendency of atoms to gain or lose electrons to the types of 
bonds they form. 


2. Indicate to what extent the following will conduct electricity, and give 
the mechanism of conduction in each case: 
(a) NaCl (fused) 
(b) NaCl (aqueous solution) 
«c) NaCl (solid) 
(d) Cu (solid) 
(e) CCl, (liquid). 

3. Why are ionic compounds usually high melting, whilst most simple 
covalent compounds have low melting points? Explain the high 
melting point of diamond. 


70 | | 


THE IONIC BOND 


10. 


1. 


12. 


. How are the minimum values of radius ratio arrived at for various 


coordination numbers, and what are these limits? Give examples of 
the types of crystal structure associated with each coordination 
number. 


. Show by means of a diagram, and a simple calculation, the minimum 


value of the radius ratio r*/r^ which permits a salt to adopt a caesium 
chloride type of structure. 


. Give the coordination numbers of the ions and describe the crystal 


structures of zinc blende, wurtzite and sodium chloride in terms of 
close packing and the occupancy of tetrahedral and octahedral holes. 


. CsCl, Csl, TICI and TII all adopt a caesium chloride structure. The 


inter-ionic distances are: Cs- Cl 3.06 Å, Cs-1 3.41 Å. TI-CI 2.55 Å 
and TI-12.90 À. Assuming that the ions behave as hard spheres and 
that the radius ratio in TII has the limiting value, calculate the ionic 
radii for Cs*, Th*, CI, I” in eight-coordination. 


. Write down the Born- Landé equation and define the terms in it. Use 


the equation to show why some crystals, which according to the radius 
ratio concept should adopt a coordination number of 8, in fact have a 
coordination number of 6. 


. Outline a Born- Haber cycle for the formation of an ionic compound 


MCI. Define the terms used and state how these might be measured or 
calculated. How do these enthalpy terms vary throughout the periodic 
table? Use these variations to suggest how the properties of NaCl 
might differ from those of CuCl. 


Explain the term lattice energy as applied to an ionic solid. Calculate 
the lattice energy of caesium chloride using the following data: 


Cs(s) ^ Cs(g) AH = +79.9kJ mol! 

Cs(g) > Cs*(g) AH = +374.05kJ mol”! 
Cl2(g) > 2Cl(g) AH = +241.84kJ mol"! 
Cl(g) + e > Cl" (g) AH = —397.90kJ mol! 


Cs(s) + Cl; > CsCl(s) AH = —623.00kJ mol”! 


(a) Draw the structures of CsCl and TiO, showing clearly the 
coordination of the cations and anions. (b) Show how the Born- 
Haber cycle may be used to estimate the enthalpy of the hypo- 
thetical reaction: 


Ca(s) + $Cl.(g) —^ CaCl(s) 


` Explain why CaCl(s) has never been made even though the 
enthalpy for this reaction is negative. 


The standard enthalpy changes A H^ at 298 K for the reaction: 
MCh(s) + 3Cl(g) > MCh(s) 


PROBLEMS 
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are given for the first row transition metals: 


Sc Ti V Cr Mn Fe Co Ni Cu 
AH°/kJ mol! —339 —209 —138 —160 422 —59 +131 +280 +357 


Use a Born-Haber cycle to account for the change in AH" as the 
atomic number of the metal increases. Comment on the relative 
stabilities of the --II and +III oxidation states of the 3d metals. 


List the types of defect that occur in the solid state and give an example 
of each. Explain in each case if any electrical conduction is possible 
and by what mechanism. 


The covalent bond 


INTRODUCTION 


There are several different theories which explain the electronic structures 
and shapes of known molecules, and attempt to predict the shape of 
molecules whose structures are so far unknown. Each theory has its own 
virtues and shortcomings. None is rigorous. Theories change in the light of 
new knowledge and fashion. If we knew or could prove what a bond was, 
we would not need theories, which by definition cannot be proved. The 
value of a theory lies more in its usefulness than in its truth. Being able to 
predict the shape of a molecule is important. In many cases all the theories 
give the correct answer. 


THE LEWIS THEORY 


The octet rule 


The Lewis theory was the first explanation of a covalent bond in terms of 
electrons that was generally accepted. If two electrons are shared between 
two atoms, this constitutes a bond and binds the atoms together. For many 
light atoms a stable arrangement is attained when the atom is surrounded 
by eight electrons. This octet can be made up from some electrons which 
are ‘totally owned’ and some electrons which are ‘shared’. Thus atoms 
continue to form bonds until they have made up an octet of electrons. This 
is called the ‘octet rule’. The «ctet rule explains the observed valencies in a 
large number of cases. There are exceptions to the octet rule; for example, 
hydrogen is stable with only two electrons. Other exceptions are discussed 
later. A chlorine atom has seven electrons in its outer shell, so by sharing 
one electron with another chlorine atom both atoms attain an octet and 
form a chlorine molecule Cl. 


CIs e o ture: a e A 


A carbon atom has four electrons in its outer shell, and by sharing all 
four electrons and forming four bonds it attains octet status in CCl4. 


THE LEWIS THEORY 


73] 


CI 
esaf apacia 
CI 


In a similar way, a nitrogen atom has five outer electrons, and in NH3 
it shares three of these, forming three bonds and thus attaining an octet. 
Hydrogen has only one electron, and by sharing it attains a stable arrange- 
ment of two electrons. 


oes [usnm 
H 


In a similar way an atom of oxygen attains an octet by sharing two 
electrons in H2O and an atom of fluorine attains an octet by sharing one 
electron in HF, 


Hos Un Hisp 
H 


Double bonds áre explained by sharing four electrons between two 
atoms, and triple bonds by sharing six electrons. 


euni |. o:]-oioicio: 


Exceptions to the octet rule 
The octet rule is broken in a significant number of cases: 


1. For example, for atoms such as Be and B which have less than four 
outer electrons. Even if all the outer electrons are used to form bonds 


an octet cannot be attained. 
aep Bef F Be: F: 
parse: 
aree 


broken where atoms have an extra energy level 


2. The octet rule is also 
y to the p level, and may accept electrons and be 


which is close in energ 
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used for bonding. PF; obeys the octet rule, but PFs does not. PFs has 
ten outer electrons, and uses one 3s, three 3p and one 3d orbitals. Any 
compound with more than four covalent bonds must break the octet 
rule, and these violations become increasingly common in elements 
after the first two periods of eight elements in the periodic table. 

3. The octet rule does not work in molecules which have an odd number 
of electrons, such as NO and CIO», nor does it explain why O; is para- 
magnetic and has two unpaired electrons. 


Despite these exceptions, the octet rule is surprisingly reliable and did a 
great deal to explain the number of bonds formed in simple cases. How- 
ever, it gives no indication of the shape adopted by the molecule. 


SIDGWICK-POWELL THEORY 


In 1940 Sidgwick and Powell (see Further Reading) reviewed the struc- 
tures of molecules then known. They suggested that for molecules and 
ions that only contain single bonds, the approximate shape can be pre- 
dicted from the number of electron pairs in the outer or valence shell of 
the central atom. The outer shell contains one or more bond pairs of 
electrons, but it may also contain unshared pairs of electrons (lone pairs). 
Bond pairs and lone pairs were taken as equivalent, since all electron pairs 
take up some space, and since all electron pairs repel each other. Repul- 
sion is minimized if the electron pairs are orientated in space as far apart as 
possible. 


1, If there are two pairs of electrons in the valence shell of the central 
atom, the orbitals containing them will be oriented at 180° to each 
other. It follows that if these orbitals overlap with orbitals from other 
atoms to form bonds, then the molecule formed will be linear. 

2. If there are three electron pairs on the central atom, they will be at 

120° to each other, giving a plane triangular structure. 

. For four electron pairs the angle is 109*28', and the shape is tetrahedral. 

. For five pairs, the shape is a trigonal bipyramid. 

. For six pairs the angles are 90° and the shape is octahedral. 
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VALENCE SHELL ELECTRON PAIR REPULSION (VSEPR) 
THEORY 


In 1957 Gillespie and Nyholm (see Further Reading) improved the Sidg- 
wick-Powell theory to predict and explain molecular shapes and bond 
angles more exactly. The theory was developed extensively by Gillespie as 
the Valence Shell Electron Pair Repulsion (VSEPR) theory. This may be 
summarized: 


1. The shape of the molecule is determined by repulsions between all of 
the electron pairs present in the valence shell. (This is the same as the 
Sidgwick - Powell theory.) 


VALENCE SHELL ELECTRON PAIR REPULSION (VSEPR) THEORY 
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Table 4.1 Molecular shapes predicted by Sidgwick- Powell theory 


a a cs 
Number of electron Shape of molecule Bond angles 


pairs in outer shell 

2 linear nnd 180* 

3 plane triangle A 120° 

4 tetrahedron pes 109728" 

5 trigonal bipyramid +7 120° and 90° 
6 octahedron 27 90° 

7 pentagonal bipyramid a 72* and 90* 


2. A lone pair of electrons takes up more space round the central atom 
than a bond pair, since the lone pair is attracted to one nucleus whilst 
the bond pair is shared by two nuclei. It follows that repulsion between 
two lone pairs is greater than repulsion between à lone pair and a bond 
pair, which in turn is greater than the repulsion between two bond 
pairs. Thus the presence of lone pairs on the central atom causes slight 
distortion of the bond angles from the ideal shape. If the angle between 
a lone pair, the central atom and a bond pair is increased, it follows that 
the actual bond angles between the atoms must be decreased. 

3. The magnitude of repulsions between bonding pairs of electrons de- 
pends on the electronegativity difference between the central atom and 
the other atoms, 

4. Double bonds cause more repulsion than single bonds, and triple bonds 
cause more repulsion than a double bond. 


Effect of lone pairs 


Molecules with four electron pairs in their outer shell are based on a 
tetrahedron. In CH, there are four bonding pairs of electrons in the outer 
shell of the C atom, and the structure is a regular tetrahedron with bond 
angles H—C—H of 109728'. In NH; the N atom has four electron pairs in 
the outer shell, made up of three bond pairs and one lone pair. Because of 
the lone pair, the bond angle H—N—H is reduced from the theoretical 
tetrahedral angle of 109°28’ to 107°48'. In H;O the O atom has four 
electron pairs in the óuter shell. The shape of the H;O molecule is based 
on a tetrahedron with two corners occupied by bond pairs and the other 
two corners occupied by lone pairs. The presence of two lone pairs reduces 
the bond angle further to 104°27’. 

In a similar way SF, has six bond pairs in the outer shell and is a regular 
octahedron with bond angles of exactly 90°. In BrF« the Br also has six 
outer pairs of electrons, made up of five bond pairs and one lone pair. The 
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lone pair reduces the bond angles to 84*30'. Whilst it might be expected 
that two lone pairs would distort the bond angles in an octahedron still 
further, in XeF, the angles are 90°. This is because the lone pairs are (rans 
to each other in the octahedron, and hence the atoms have a regular 
square planar arrangement. 

Molecules with five pairs of electrons are all based on a trigonal bipy- 
ramid. Lone pairs distort the structures as before. The lone pairs always 
occupy the equatorial positions (in the triangle), rather than the apical 
positions (up and down). Thus in the I; ion the central I atom has five 
electron pairs in the outer shell, made of two bond pairs and three lone 
pairs. The lone pairs occupy all three equatorial positions and the three 
atoms occupy the top, middle, and bottom positions in the trigonal bipy- 
ramid, thus giving a linear arrangement with a bond angle of exactly 180° 
(Table 4.2). 


Effect of electronegativity 


NF; and NH; both have structures based on a tetrahedron with one corner 
occupied by a lone pair. The high electronegativity of F pulls the bonding 
electrons further away from N than in NH;. Thus repulsion between 
bond. pairs is less in NF; than in NH;. Hence the lone pair in NF; causes 
a greater distortion from tetrahedral and gives a F—N—F bond angle of 
102*30', compared with 107*48' in NH3. The same effect is found in H;O 
(bond angle 104°27') and F;O (bond angle 102°). 


Table 4.2 The effects of bonding and lone pairs on bond angles 


Orbitals on Shape Number of Number of Bond 
central atom bond pairs lone pairs angle 
BeCl; 2 Linear 2 0 180° 
BF, 3 Plane triangle 3 0 120* 
CH, 4 Tetrahedral 4 0 109°28" 
NH; 4 Tetrahedral 3 1 107°48' 
NF, 4 Tetrahedral 3 1 102°30' 
H,0 4 Tetrahedral 2 2 104°27' 
F,0 4 Tetrahedral 2 2 102° 
PCI. 5 Trigonal bipyramid 5 0 120° and 
90° 
SF, 5 Trigonal bipyramid 4 1 101°36' and 
86°33" 
CIF, 5 ' Trigonal bipyramid 3 2 RT'40' 
h^ 5 Trigonal bipyramid 2 3 180° 
SF, 6 Octahedral 6 0 90° 
BrFs 6 Octahedral 5 1 84*30' 
XcF, 6 Octahedral à 2 90* 


SOME EXAMPLES USING THE VSEPR THEORY 
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Isoelectronic principle 
Isoelectronic species usually have the same structure, This may be ex- 
tended to species with the same number of valence electrons. Thus BF; , 


CH, and NHj are all tetrahedral, COT , NO; and SO, are all planar 
triangles, and CO), Ny and NO; are all linear, 


SOME EXAMPLES USING THE VSEPR THEORY 


BF, and the [BF;]^ ion 


Consider BF, first, The VSEPR theory only requires the number of 
electron pairs in the outer shell of the central atom, Since B is in Group 
13 it has three electrons in the outer shell, (Alternatively the electronic 
structure of B (the central atom), is 15 25? 2p', so there are three electrons 
in the outer valence shell.) If all three outer electrons are used to form 
bonds to three F atoms, the outer shell then has a share in six electrons, 
that is three electron pairs. Thus the structure is a planar triangle. Though 
this gives the correct shape. its bonds are actually shorter than would be 
expected for single bonds, and the reason for this is discussed under 
"Trihalides' in Chapter 12. 

The [BF,]~ ion may be regarded as being formed by adding a F^ ion to 
a BF, molecule by means of a coordinate bond. Thus the B atom now 
has three electron pairs from the BF, plus one electron pair from the F^ 
There are therefore four electron pairs in the outer shell: hence the BF; 
ion has a tetrahedral structure. 


Ammonia NH; 


N is the central atom. It is in Group 15 and has five electrons in the outer 
valence shell. (The electronic structure of N is Is? 2s? 2p*.) Three of these 
electrons are used to form bonds to three H atoms, and two electrons take 
no part in bonding and constitute a ‘lone pair’. The outer shell then has a 
share in eight electrons, that is three bond pairs of electrons and one lone 
pair. Four electron pairs give rise to à tetrahedral structure and in this 
case three positions are occupied by H atoms and the fourth position is 
occupied by the lone pair (Figure 4.1), The shape of NH, may either be 
described as tetrahedral with one corner occupied by a lone pair, or 
alternatively as pyramidal, The presence of the lone pair causes slight 
distortion from 109°28' to 107*48'. 


Water H:O 


O is the central atom. It is in Group 16 and hence has six outer electrons. 
(The electronic structure of O is 1 25? 2p*.) Two of these electrons form 
bonds with two H atoms, thus completing the octet. The other four outer 
electrons on O are non-bonding. Thus in H;O the O atom has eight outer 
electrons (four electron pairs) so the structure is based on a tetrahedron. 
There are two bond pairs and two lone pairs. The structure is described as 


Figure 4.2 Structure of H;O 
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Figure 4.3 Structure of PCls 
molecule. 


tetrahedral with two positions occupied by lone pairs. The two lone pairs 
distort the bond angle from 109*28' to 104°27’ (Figure 4.2). 

Any triatomic molecule must be either linear with a bond angle of 180°, 
or else angular, that is bent. In H20 the molecule is based on a tetrahe- 
dron, and is therefore bent. 


Phosphorus pentachloride PCI; 


Gaseous PCI; is covalent. P (the central atom) is in Group 15 and so has 
five electrons in the outer shell. (The electronic structure of P is 1s? 2s? 2p* 
3s? 3p.) All five outer electrons are used to form bonds to the five CI 
atoms. In the PCl, molecule the valence shell of the P atom contains five 
electron pairs: hence the structure is a trigonal bipyramid. There are no 
lone pairs, so the structure is not distorted. However, a trigonal bipyramid 
is not a completely regular structure, since some bond angles are 90* and 
others 120°. Symmetrical structures are usually more stable than asymme- 
trical ones. Thus PCI is highly reactive, and in the solid state it splits into 
[PCl;]* and [PCI,]^ ions, which have tetrahedral and octahedral struc- 
tures respectively. 


Chlorine trifluoride CIF; 


The chlorine atom is at the centre of the molecule and determines its 
shape. Cl is in Group 17 and so has seven outer electrons. (The electronic 
structure of Cl is 15? 2s? 2p* 3s? 3p*.) Three electrons form bonds to F, and 
four electrons do not take part in bonding. Thus in CIF; the Cl atom has 
five electron pairs in the outer shell: hence the structure is a trigonal 
bipyramid. There are three bond pairs and two lone pairs. 

It was noted previously that a trigonal bipyramid is not a regular shape 
since the bond angles are not all the same. It therefore follows that the 
corners are not equivalent. Lone pairs occupy two of the corners, and F 
atoms occupy the other three corners. Three different arrangements are 
theoretically possible, as shown in Figure 4.4. 

The most stable structure will be the one of lowest energy, that is the 
one with the minimum repulsion between the five orbitals. The greatest 
repulsion occurs between two lone pairs. Lone pair- bond pair repulsions 
are next strongest, and bond pair-bond pair repulsions the weakest. 


.. F F 
F F F : : F 
F F e 
oe oe F 
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Figure 4.4 Chlorine trifluoride molecule. 
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Groups at 90° to each other repel each other strongly, whilst groups 120° 
apart repel each other much less. 

Structure 1 is the most symmetrical, but has six 90° repulsions between 
lone pairs and and atoms. Structure 2 has one 90° repulsion between two 
lone pairs, plus three 90° repulsions between lone pairs and atoms. Struc- 
ture 3 has four 90° repulsions between lone pairs and atoms. These factors 
indicate that structure 3 is the most probable. The observed bond angles 
are 87°40’, which is close to the theoretical 90°. This confirms that the 
correct structure is (3), and the slight distortion from 90° is caused by the 
presence of the two lone pairs. 

As a general rule, if lone pairs occur in a trigonal bipyramid they will 
be located in the equatorial positions (round the middle) rather than 
the apical positions (top and bottom), since this arrangement minimizes 
repulsive forces. 


Sulphur tetrafluoride SF, 


S is in Group 16 and thus has six outer electrons. (The electronic con- 
figuration of S is 1s? 2s? 2p° 3s? 3p*.) Four outer electrons are used to form 
bonds with the F atoms, and two electrons are non-bonding. Thus in SF, 
the S has five electron pairs in the outer shell: hence the structure is based 
on a'trigonal bipyramid. There are four bond pairs and one lone pair. To 
minimize the repulsive forces the lone pair occupies an equatorial position, 
and F atoms are located at the other four corners, as shown in Figure 4.5. 


The triiodide ion I5 


If iodine is dissolved in aqueous potassium iodide, the triiodide ion I5 is 
formed, This is an example of a polyhalide ion, which is similar in structure 
to BrICI- (see Chapter 15). The I5 ion (Figure 4.6) has three atoms, and 
must be either linear or angular in shape. It is convenient to consider the 
structure in a series of stages — first an I atom, then an I, molecule, and 
then the I3 ion made up of an I; molecule with an I^ bonded to it by means 
of a coordinate bond. 


eS ety 


lodine is in Group 17 and so has seven outer electrons. (The electronic 
configuration of I is 15? 2s? 2p$ 3s? 3p$ 3d"° 45? 4p 4d'^ 5s? 5p?.) One of the 
outer electrons is used to bond with another I atom, thus forming an I; 
molecule. The I atoms now have a share in eight electrons. One of the I 
atoms in the I; molecule accepts a lone pair from an I” ion, thus forming 
an I5 ion, The outer shell of the central I atom now contains ten electrons, 
that is five electron pairs. Thus the shape is based on a trigonal bipyramid. 
There are two bond pairs and three lone pairs. To minimize the repulsive 
forces the three lone pairs occupy the equatorial positions, and I atoms are 
located at the centre and in the two apical positions. The ion is therefore 
linear in shape, with a bond angle of exactly 180°. 


Figure 4.5 Sulphur tetrafluoride 
molecule. 


I 
Figure 4.6 The triiodide ion. 


ure 4.7 Sulphur hexafluoride 


lecule. 
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Sulphur hexafluoride SFe 


Sulphur is in Group 16 and thus has six outer electrons. (The electronic 
structure of S is 1s? 2s? 2p° 3s? 3p*.) All six of the outer electrons are used 
to form bonds with the F atoms. Thus in SF, the S has six electron pairs in 
the outer shell: hence the structure is octahedral. There are no lone pairs 
so the structure is completely regular with bond angles of 90°. 


Iodine heptafluoride IF; 


This is the only common example of a non-transition element using seven 

orbitals for bonding giving a pentagonal bipyramid. (See Chapter 15.) 
The total numbers of outer orbitals, bonding orbitals and lone pairs are 

related to the commonly occurring shapes of molecules in Table 4.1. 


VALENCE BOND THEORY 


This theory was proposed by Linus Pauling, who was awarded the Nobel 
Prize for Chemistry in 1954. The theory was very widely used in the period 
1940-1960. Since then it has to some extent fallen out of fashion. How- 
ever, it is still much used by organic chemists, and it provides a basis for 
simple description of small inorganic molecules. 

Atoms with unpaired electrons tend to combine with other atoms which 
also have unpaired electrons. In this way the unpaired electrons are paired 
up, and the atoms involved all attain a stable electronic arrangement. This 
is usually a full shell of electrons (i.e. a noble gas configuration). Two 
electrons shared between two atoms constitute a bond. The number of 
bonds formed by an atom is usually the same as the number of unpaired 
electrons in the ground state, i.e. the lowest energy state. However, in 
some cases the atom may form more bonds than this. This occurs by exci- 
tation of the atom (i.e. providing it with energy) when electrons which 
were paired in the ground state are unpaired and promoted into suitable 
empty orbitals. This increases the number of unpaired electrons, and 
hence the number of bonds which can be formed. 

The shape of the molecule is determined primarily by the directions in 
which the orbitals point. Electrons in the valence shell of the original atom 
which are paired are called lone pairs. 

A covalent bond results from the pairing of electrons (one from each 
atom). The spins of the two electrons must be opposite (antiparallel) 
because of the Pauli exclusion principle that no two electrons in one atom 
can have all four quantum numbers the same. 

Consider the formation of a few simple molecules. 


1. In HF, H has a singly occupied s orbital that overlaps with a singly 
filled 2p orbital on F. 

2. In H,O, the O atom has two singly filled 2p orbitals, each of which 
overlaps with a singly occupied s orbital from two H atoms. 
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3. In NHs, there are three singly occupied p orbitals on N which overlap 
with s orbitals from three H atoms. 

4. In CH,, the C atom in its ground state has the electronic configuration 
152, 25?, 2p}, 2p} and only has two unpaired electrons, and so can form 
only two bonds. If the C atom is excited, then the 2s electrons may be 
unpaired, giving 1s*, 2s', 2p}, 2p}, 2p}. There are now four unpaired 
electrons which overlap with singly occupied s orbitals on four H atoms. 


1s 2s 2p 
2p, 2p, 2p. 
Electronic structure of za 
carbon atom — ground nu [ra] T |f 
state 
1s 2s 2p 


Carbon atom — 
excited state n [ Tt JT 
Carbon atom having gained 


four electrons from H [ty] m fete 
atoms in CH, molecule 


The shape of the CH, molecule is not immediately apparent. The 
three p orbitals py, py and p, are mutually at right angles to each other, 
and the 5 orbital is spherically symmetrical. If the p orbitals were used 
for bonding then the bond angle in water should be 90°, and the bond 
angles in NH; should also be 90°. The bond angles actually found differ 
appreciably from these: 


CH; H—C—H = 109°28' 
NH; H—N-—H = 107748" 
H;O H—O—H = 10427 


M 


Hybridization 


The chemical and physical evidence indicates that in methane CH, there 
are four equivalent bonds. If they are equivalent, then repulsion between 
electron pairs will be a minimum if the four orbitals point to the corners of 
a tetrahedron, which would give the observed bond angle of 10928'. 
Each electron can be described by its wave function y. If the wave 
functions of the four outer atomic orbitais of C are Was, Vp,» Wap, and Yop’, 
then the tetrahedrally distributed orbitals will have wave functions psp 
made up from a linear combination of these four atomic wave functions. 


Wsp = CrW2« + Coop, + CaW2p, + Cap. 
There are four different combinations with different weighting constants 
Cy, C2, C3 and C4. 

Ypa = hys, + pap, + Jpop, sy, 

Mspx2) = hys + Wop, - sy, = Apr. 
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Wsp33) = Wyo, — Mop, + Wp, — Wp. 

Vea) = Ms — Mop, — Wp, + Wr). 
Combining or mixing the wave functions for the atomic orbitals in this way 
is called hybridization. Mixing one s and GS p orbitals in this way gives 
four sp? hybrid orbitals. The shape of an sp? orbital is shown in Figure 4.8. 
Since one lobe is enlarged, it can SOUS more effectively than an s orbital 
ora p orbital on its own. Thus sp? hybrid orbitals form stronger bonds than 
the original atomic orbitals, (See Table 4. 3.) 


t 


2s 2p. sp? 
Atomic orbital Atomic orbital Hybrid orbital 


Figure 4.8 Combination of s and p atomic orbitals to give an sp? hybrid orbital: 
(a) 2s atomic orbital, (b) 2p, atomic orbital and (c) sp? hybrid orbital. 


Table 4.3 Approximate strengths of bonds 
formed by various orbitals 


Orbital Relative bond strength 
s 1.0 

p 1.73 

SP, 1.93 

sp 1.99 

sp? 2.00 


It is possible to mix other combinations of atomic orbitals in a similar 
way. The structure of a boron trifluoride BF; molecule is a planar triangle 
with bond angles of 120*. The B atom is the central atom in the molecule, 
and it must be excited to give three unpaired electrons so that it can form 
three covalent bonds. 


Boron atom — ground state 


Boron atom — excited state 
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BF, molecule having gained a 
share in three electrons by 
bonding to three F atoms 


Dr aU) mE 
Sp? hybridization of the three orbitals 
in outer shell, hence structure is a planar triangle 


Combining the wave functions of the 25, 2p, and 2p, atomic orbitals gives 
three hybrid sp? orbitals. 
1 2 
Wop) = y» Yas + y6 Y2p, 


1 1 1 
Pma = yi Wos + y6 Wop, + y Pap, 


1 1 1 
Yma = y Yrs + 6 Map, — y Pzp, 


These three orbitals are equivalent, and repulsion between them is mini- 
mized if they are distributed at 120° to each other giving a planar triangle. 
In the hybrid orbitals one lobe is bigger than the other, so it can overlap 
more effectively and hence form a stronger bond than the original atomic 
orbitals. (See Table 4.3.) Overlap of the sp" orbitals with p orbitals from F 
atoms gives the planar triangular molecule BF; with bond angles of 120°. 
Though this gives the correct shape, the bonds are actually shorter than 
would be expected for single bonds, and the reason for this is discussed 
under Trihalides in Chapter 12. 


(a) 


Figure 4.9 (a) sp? hybrid orbitals and (b) the BF; molecule. 


The structure of a gaseous molecule of beryllium fluoride BeF; is linear 
F—Be—F. Be is the central atom in this molecule and determines the 
shape of the molecule formed. The ground state electronic configuration 
of Be is 15? 2s?. This has no unpaired electrons, and so can form no bonds. 
If energy is supplied, an excited state will be formed by unpairing and 
promoting a 2s electron to an empty 2p-level, giving 1s? 2s' 2px. There are 
now two unpaired electrons, so the atom can form the required two bonds. 


[a 
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Figure 4.10 (a) s orbital, (b) p orbital, (c) formation of two sp hybrid orbitals and 
(d) their use in forming beryllium difluoride. 


Beryllium atom — ground state 


Beryllium atom — excited state 


BeF; molecule having gained a 
share in two electrons by 
bonding to two F atoms 


sp hybridization of the two orbitals in 
the outer shell, hence structure is linear 


Hybridizing the 2s and 2p, atomic orbitals gives two equivalent sp hybrid 
orbitals. 
1 1 
Wspay = y Was + y2 op, 


1 1 
Psp) = y Vos — y Wop, 


Because of their shape these sp orbitals overlap more effectively and result 
in stronger bonds than the original atomic orbitals. Repulsion is minimized 
if these two hybrid orbitals are oriented at 180° to each other. If these 
orbitals overlap with p orbitals on F atoms, a linear BeF, molecule is 
obtained. 

It should in principle be possible to calculate the relative strength of | 
bonds formed using s, p or various hybrid orbitals. However, the wave 
equation can only be solved exactly for atoms containing one electron, that 
is hydrogen-like species H, He*, Li**, Be** etc. Attempts to work out 
the relative bond strengths involve approximations, which may or may not 
be valid. On this basis it has been suggested that the relative strengths of 
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Table 4.4 Number of orbitals and type of hybridization 


Number of Type of Distribution in space 
outer orbitals hybridization of hybrid orbitals 

2 sp Linear 

3 sp? Plane triangle 

4 sp? Tetrahedron 

5 sped Trigonal bipyramid 

6 sped? Octahedron 

7 sp? Pentagonal bipyramid 
(4 dsp?) Square planar 


bonds using s, p and various hybrid atomic orbitals may be as shown in 
Table 4.3. 

Hybridization and the mixing of orbitals is a most useful concept. Mixing 
of s and p orbitals is well accepted, but the involvement of d orbitals is 
controversial. For effective mixing, the energy of the orbitals must be 
nearly the same. 

It is a common misconception that hybridization is the cause of a par- 
ticular molecular shape. This is not so. The reason why any particular 
shape is adopted is its energy. It is also important to remember that the 
hybridized state is a theoretical step in going from an atom to a molecule, 
and the hybridized state never actually exists. It cannot be detected even 
spectroscopically, so the energy of hybrid orbitals cannot be measured and 
can only be estimated theoretically. 


THE EXTENT OF d ORBITAL PARTICIPATION IN MOLECULAR 
BONDING 
The bonding in PCI; may be described using hybrids of the 3s, 3p and 3d 


atomic orbitals for P — see below. However, there are doubts as to whether 
d orbitals can take part and this has led to the decline of this theory. 


3s 3p 3d 
Electronic structure of full 
phosphorus atom — inner [rs] t TERZE 
shell 


ground state 


Phosphorus atom — balck hae 


excited state 


Phosphorus having gained five electrons 
from chlorine atoms in PCls molecule 


sp?d hybridization, trigonal bipyramid 


However, d orbitals are in general too large and too high in energy to mix 
completely with s and p orbitals. The difference in size is illustrated by 
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the mean values for the radial distance for different phosphorus orbitals: 
3s = 0.47 À, 3p = 0.55 À and 3d = 2.4 À. The energy of an orbital is 
proportional to its mean radial distance, and since the 3d orbital is much 
larger it is much higher in energy than the 3s and 3p orbitals. It would at 
first seem unlikely that hybridization involving s, p and d orbitals could 
possibly occur. 

Several factors affect the size of orbitals. The most important is the 
charge on the atom. If the atom carries a formal positive charge then all 
the electrons will be pulled in towards the nucleus. The effect is greatest 
for'the outer electrons. If the central P atom is bonded to a highly elec- 
tronegative element such as F, O or Cl, then the electronegative element 
attracts more than its share of the bonding electrons and the F or Cl atom 
attains a 6— charge. This leaves a 5+ charge on P, which makes the 
orbitals contract. Since the 3d orbital contracts in size very much more 
than the 3s and 3p orbitals, the energies of the 3s, 3p and 3d orbitals may 
become close enough to allow hybridization to occur in PCl;. Hydrogen 
does not cause this large contraction, so PHs does not exist. 

In a similar way the structure of SF, can be described by mixing the 3s, 
three 3p and two 3d orbitals, that is sp*d 7 hybridization. 


3 3 3d 
Electronic structure of full x P. 
sulphur atom — ground inner [ra] [rs] Ter 
state shell 
HTT TT] 
Sulphur atom having gained 
six electrons from fluorine 


atoms in SF, molecule 
spd? hybridization, octahedral structure 


Electronic structure of 
sulphur atom — excited 
state 


The presence of six highly electronegative F atoms causes a large con- 
traction of the d orbitals, and lowers their energy. so mixing may be 
possible. 

A second factor affecting the size of d orbitals is the number of d orbitals 
occupied by electrons. If only one 3d orbital is occupied on an S atom, the 


Table 4.5 Sizes of orbitals 


Mean radial distance (À) 


(sp^d^ configuration) 3s 3p 3d 


S atom (neutral, no charge) 0:88 0.94 1.60 
S atom (charge +0.6) 0.87 0.93 1.40 


SIGMA AND PI BONDS 


average radial distance is 2.46 Å, but when two 3d orbitals are occupied 
the distance drops to 1.60 A. The effect of changing the charge can be seen 
in Table 4.5. 

A further small contraction of d orbitals may arise by coupling of the 
spins of electrons occupying different orbitals. 

It seems probable that d orbitals do participate in bonding in cases 
where d orbital contraction occurs. 


SIGMA AND PI BONDS 


All the bonds formed in these examples result from end to end overlap of 
orbitals and are called sigma o bonds. In o bonds the electron density is 
concentrated in between the two atoms, and on a line joining the two 
atoms. Double or triple bonds occur by the sideways overlap of orbitals, 
giving pi x bonds. In x bonds the electron density also concentrates be- 
tween the atoms, but on either side of the line joining the atoms. The 
shape of the molecule is determined by the o bonds (and lone pairs) but 
not by the zx bonds. Pi bonds merely shorten the bond lengths. 

Consider the structure of the carbon dioxide molecule. Since C is 
typically four-valent and O is typically two-valent, the bonding can be 
simply represented 


O0-—C—O 
Triatomic molecules must be either linear or angular. In CO;, the C 


atom must be excited to provide four unpaired electrons to form the four 
bonds required. 


1s 2s 
Electronic structure of 
carbon atom — ground Ir] 


state 

Electronic structure of 

carbon atom — excited 
state 


Carbon atom having gained four 
electrons from oxygen atoms by 
forming four bonds 


There are two o bonds and two x bonds in the molecule. Pi orbitals are 
ignored in determining the shape of the molecule. The remaining s and p 
orbitals are used to form the o bonds. (These could be hybridized and the 
two sp? orbitals will point in opposite directions. Alternatively VSEPR 
theory suggests that these two orbitals will be oriented as far apart as 
possible.) These two orbitals overlap with p orbitals from two O atoms, 
forming a linear molecule with a bond angle of 180*. The 2p, and 2p. 
orbitals on C used for x bonding are at right angles to the bond, and 


t EUM 


(a) 


(b) 


Figure 4.11 Sigma and pi 
overlap: (a) sigma overlap (lobes 
point along the nuclei); (b) pi 
overlap (lobes are at right angles 
to the line joining the nuclei). 


Figure 4.12 Sulphur dioxide 


molecule. 
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overlap sideways with p orbitals on the O atoms at either side. This x 
overlap shortens the C—O distances, but does not affect the shape. 

The sulphur dioxide molecule SO; may be considered in a similar way. S 
shows oxidation states of (+II), (--IV) and (4 VI), whilst O is two-valent. 
The structure may be represented: 


0-—Ss—0O 


Triatomic molecules are either linear or bent. The S atom must be excited 
to provide four unpaired electrons. 


3d 


i 


Electronic structure of ful 2% 


sulphur atom — ground inner [9] 
state shell 


Electronic structure of e 3p 3d 
sulphur atom — excited [ra] 1 :] T LIJ 


state 


i Y 3s 3p ad 
Sulphur atom having gained 
four electrons from four bonds m |r te t] T | 
to oxygen atoms in SO; molecule 

two o bonds two x bonds 

and one lone pair 


The two electron pairs which form the x bonds do not affect the shape 
of the molecule. The remaining three orbitals point to the corners of a 
triangle, and result in a planar triangular structure for the molecule with 
two corners occupied by O atoms and one corner occupied by a lone pair. 
The SO; molecule is thus angular or V shaped (Figure 4.12). 

The x bonds do not alter the shape, but merely shorten the bond lengths. 
The bond angle is reduced from the ideal value of 120° to 119°30’ because 
of the repulsion by the lone pair of electrons. Problems arise when we 
examine exactly which AOs are involved in x overlap. If the o bonding 
occurs in the xy plane then z overlap can occur between the 3p, orbital on 
S and the 2p, orbital on one O atom to give one x bond. The second zx 
bond involves a d orbital. Though the 3d.» orbital on S is in the correct 
orientation for x overlap with the 2p. orbital on the other O atom, the 
symmetry of the 3d .. orbital is wrong (both lobes have a + sign) whilst for 
a p orbital one lobe is + and the other —. Thus overlap of these orbitals 
does not result in bonding. The 3d,. orbital on S is in the correct orien- 
tation, and has the correct symmetry to overlap with the 2p: orbital on the 
second O atom, and could give the second x bond. It is surprising that 7 
bonds involving p and d orbitals both have the same energy (and bond 
length). This calls into question whether it is correct to treat molecules 
with two x bonds as containing two discrete x bonds. A better approach is 
to treat the x bonds as being delocalized o 7er several atoms. Examples of 
this treatment are given near the end of this chapter. 


MOLECULAR ORBITAL METHOD 


In the sulphur trioxide molecule SO; valency requirements suggest the 
structure 


I 
Te 
[9] o 


The central S atom must be excited to provide six unpaired electrons to 
form six bonds. 


Electronic structure of 
sulphur atom — excited 
state 


Sulphur atom having gained 


3d 
RRIII] 
six electrons from six bonds 


3d 
to oxygen atoms in SOs [rere] T E] 


molecule w [e 
three o bonds three x bonds 


The three x bonds are ignored in determining the shape of the molecule. 
The three o orbitals are directed towards the corners of an equilateral 
triangle, and the SO; molecule is a completely regular plane triangle 
(Figure 4.13). The x bonds shorten the bond lengths, but do not affect the 
shape. This approach explains the o bonding and shape of the molecule, 
but the explanation of x bonding is unsatisfactory. It presumes: 


1. That one 3p and two 3d orbitals on S are in the correct orientation to 
overlap sideways with the 2p, or 2p. orbitals on three different 


O atoms, and 
2. That the x bonds formed are all of equal strength. 


This calls into question the treatment of x bonds. In molecules with more 
than one x bond, or molecules where the zt bond could equally well exist in 
more than one position, it is better to treat the xt bonding as being de- 
localized over several atoms rather than localized between two atoms. 
This approach is developed near the end of this chapter. 


MOLECULAR ORBITAL METHOD 


In the valence bond (electron pair) theory, à molecule is considered to be 
made up of atoms. Electrons in atoms occupy atomic orbitals. These may 
or may not be hybridized. If they are hybridized, atomic orbitals from the 
same atom combine to produce hybrid orbitals which can overlap more 
effectively with orbitals from other atoms, thus producing stronger bonds. 
Thus the atomic orbitals (or the hybrid orbitals) are thought to remain 
even when the atom is chemically bonded in a molecule. 

In the molecular orbital theory. the valency electrons are considered to 


7 
o E 


Figure 4.13 Sulphur trioxide 
molecule. 
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be associated with all the nuclei in the molecule. Thus the atomic orbitals 
from different atoms must be combined to produce molecular orbitals. 

Electrons may be considered either as particles or waves. An electron in 
an atom may therefore be described as occupying an atomic orbital, or by 
a wave function xj, which is a solution to the Schrödinger wave equation. 
Electrons in a molecule are said to occupy molecular orbitals. The wave 
function describing a molecular orbital may be obtained by one of two 
procedures: 


1. Linear combination of atomic orbitals (LCAO). 
2. United atom method. 


LCAO METHOD 


Consider two atoms A and B which have atomic orbitals described by the 
wave functions Ya) and YB). If the electron clouds of these two atoms 
overlap when the atoms approach, then the wave function for the molecule 
(molecular orbital (apy) can be obtained by a linear combination of the 
atomic orbitals Y;a) and Wp): 


Wap) = N(ciWay + cuyo») 


where N is a normalizing constant chosen to ensure that the probability 
of finding an electron in the whole of the space is unity, and c, and c; are 
constants chosen to give a minimum energy for ap). If atoms A and B. 
are similar, then c, and c; will have similar values. If atoms A and B are 
the same, then c, and c» are equal. 

The probability of finding an electron in a volume of space dv is wedv, 
so the probability density for the combination of two atoms as above is 
related to the wave function squared: 


TENE: 2:1. 
Wrap) = (cipa) + 2eicWuayvo + Co») 


If we examine the three terms on the right of the equation, the first term 
C7Wia) is related to the probability of finding an electron on atom A if A is 
an isolated atom. The third term cJyrp, is related to the probability of 
finding an electron on atom B if B is an isolated atom. The middle term 
becomes increasingly important as the overlap between the two atomic 
orbitals increases, and this term is called the overlap integral. This term 
represents the main difference between the electron clouds in individual 
atoms and in the molecule. The larger this term the stronger the bond. 


s—s combinations of orbitals 


Suppose the atoms A and B are hydrogen atoms; then the wave functions 
a) and Yip) describe the 1s atomic orbitals on the two atoms. Two com- 
binations of the wave functions Ya) and yp) are possible: 


1. Where the signs of the two wave functions are the same 
2. Where the signs of the two wave functions are different. 


LCAO METHOD | [91] 


(If one of the wave functions Ya) is arbitrarily assigned a +ve sign, the l 
other may be either +ve or —ve.) Wave functions which have the same 
sign may be regarded as waves that are in phase, which when combined | 
add up to give a larger resultant wave. Similarly wave functions of different 

signs correspond to waves that are completely out of phase and which 

cancel each other by destructive interference. (The signs + and — refer to 

signs of the wave functions, which determine their symmetry, and have 

nothing to do with electrical charges.) The two combinations are: 


V = NOU, + voy) 
and 
Voy = Na + [7e] = NO, 7 ve») 


The latter equation should be regarded as the summation of the wave | 
functions and not as the mathematical difference between them. 


Atomic orbitals Molecular orbitals 
Bonding orbital 
D e ane 
%) 
s s Var 
bine Antibonding orbital 
(se ene | 
! Olu) 
1 
s s Wey 


Figure 4.14 s—s combinations of atomic orbitals. 


When a pair of atomic orbitals Ya) and jg; combine, they give rise to a 
pair of molecular orbitals Wg) and Yu). The number of molecular orbitals | 
produced must always be equal to the number of atomic orbitals involved. | 
The function Yg) leads to increased electron density in between the nuclei, | 
and is therefore a bonding molecular orbital. It is lower in energy than the 
original atomic orbitals. Conversely yy) results in two lobes of opposite 
sign cancelling and hence giving zero electron density in between the 
nuclei. This is an antibonding molecular orbital which is higher in energy 
(Figure 4.15). 
The molecular orbital wave functions are designated Yg) and Yiu): g 
stands for gerade (even) and u for ungerade (odd). g and u refer to the 
symmetry of the orbital about its centre. If the sign of the wave function is 
unchanged when the orbital is reflected about its centre (i.e. x, y and z are 
replaced by —x, —y and —z) the orbital is gerade. An alternative method 
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distance between atoms 
Figure 4.15 Energy of y and Wu) molecular orbitals. 


for determining the symmetry of the molecular orbital is to rotate the 
orbital about the line joining the two nuclei and then about a line perpen- 
dicular to this. If the sign of the lobes remains the same, the orbital is 
gerade, and if the sign changes, the orbital is ungerade. 

The energy of the bonding molecular orbital ipp) passes through a 
minimum (Figure 4.15), and the distance between the atoms at this point 
corresponds to the internuclear distance between the atoms when they 
form a bond. Consider the energy levels of the two 1s atomic orbitals, and 
of the bonding wig) and antibonding Yu) orbitals (Figure 4.16). 

The energy of the bonding molecular orbital is lower than that of the 
atomic orbital by an amount A. This is known as the stabilization energy. 


Atomic Molecular Atomic 
orbitals orbitals orbitals 


Energy 


atom (B) 
1s orbital 


Figure 4.16 Energy levels of s-s atomic and molecular orbitals. 


LCA METHOD [93] 


Similarly the energy of the antibonding molecular orbital is increased by 
A. Atomic orbitals may hold up to two electrons (provided that they have 
opposite spins) and the same applies to molecular orbitals. In the case of 
two hydrogen atoms combining, there are two electrons to be considered: 
one from the 15 orbital of atom A and one from the 1s orbital of atom B. 
When combined, these two electrons both occupy the bonding molecular 
orbital Yg): This results in a saving of energy of 2A, which corresponds to 
the bond energy: It is only because the system is stabilized in this way that 
a bond is formed. 

Consider the hypothetical case of two He atoms combining. The 1s 
orbitals on each He contain two electrons, making a total of four electrons 
to put into molecular orbitals. Two of the electrons occupy the bonding 
MO, and two occupy the antibonding MO. The stabilization energy 2A 
derived from filling the bonding MO is offset by the 2A destabilization 
energy from using the antibonding MO. Since overall there.is no saving of 
energy, He; does not exist, and this situation corresponds to non-bonding. 

Some further symbols are necessary to describe the way in which the 
atomic orbitals overlap. Overlap of the orbitals along the axis joining the 
nuclei produces o molecular orbitals, whilst lateral overlap of atomic 
orbitals forms zx molecular orbitals. 


s — p combinations of orbitals 


An s orbital may combine with a p orbital provided that the lobes of the p 
orbital are pointing along the axis joining the nuclei. When the lobes which 
overlap have the same sign this results in a bonding MO with an increased 
electron density between the nuclei. When the overlapping lobes have 


Atomic ‘ Molecular 
orbitals orbitals 
o overlap 
bonding orbital 
Px s Wig 
node 
i 
i 
» | o* overlap 
1 antibonding orbital 
| 
Px s bm 


Figure 4.17 s- p combination of atomic orbitals. 
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opposite signs this gives an antibonding MO with a reduced electron 


density in between the nuclei (Figure 4.17). 


p p combinations of orbitals 


Consider first the combination of two p orbitals which both have lobes 
pointing along the axis joining the nuclei. Both a bonding MO and an 


antibonding MO are produced (Figure 4.18). 


Next consider the combination of two p orbitals which both have lobes 
perpendicular to the axis ioining the nuclei. Lateral overlap of orbitals will 


Atomic orbitals Molecular orbitals 
GRAB ro ae Ml t 2 
Px Px 
Vio 
1 node 
| 
| 
MR | 
1 
Px Px i 
' 
Vo 


Figure 4.18 p-p combination of atomic orbitals. 
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Figure 4.19 p-p combinations giving x bonding. 


c overlap 
bonding orbital 


o* overlap 
antibonding orbital 


z overlap 
bonding orbital 


z* overlap 
antibonding orbital 
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occur, resulting in x: bonding and x* antibonding MOs being produced 
(Figure 4.19). 

There are three points of difference between these molecular orbitals 
and the o orbitals described previously: 


1. For x overlap the lobes of the atomic orbitals are perpendicular to the 
line joining the nuclei, whilst for a overlap the lobes point along the line 
joining the two nuclei. 

2. For x molecular orbitals, ij is zero along the internuclear line and 
consequently the electron density 4° is also zero. This is in contrast to o 
orbitals. 

3. The symmetry of x molecular orbitals is different from that shown by o 
orbitals. If the bonding x MO is rotated about the internuclear line 
a change in the sign of the lobe occurs. The x bonding orbitals are 
therefore ungerade, whereas all o bonding MOs are gerade. Conversely 
the antibonding x MO is gerade whilst all ø antibonding MOs are 
ungerade. 


Pi bonding is important in many organic compounds such as ethene 
(where there is one o bond and one x bond between the two carbon 
atoms), ethyne (one o and two zx), and benzene, and also in a number of 
inorganic compounds such as CO; and CN- 

Ethene contains a localized double bond, which involves only the two 
carbon atoms. Experimental measurements show that the two C atoms and 
the four H atoms are coplanar, and the bond angles are close to 120*. Each 
C atom uses its 2s and two 2p orbitals to form three sp? hybrid orbitals that 
form o bonds to the other C atom and two H atoms. The remaining p 
orbital on each C atom is at right angles to the o bonds so far formed. In 
the valence bond theory these two p orbitals overlap sideways to give a 7 
bond. This sideways overlap is not as great as the end to end overlap in o 
bonds so a C—C, though stronger than a C—C bond, is not twice as strong 
(C—C in ethane 346kJ mol^!, C=C in ethene 598kJ mol-!). The mol- 
ecule can be twisted about the C—C bond in ethane, but it cannot be 
twisted in ethene since this would reduce the amount of x overlap. In 
the molecular orbital theory the explanation of the x bonding is slightly 
different, The two p orbitals involved in x bonding combine to form two x 
molecular orbitals, one bonding and one antibonding. Since there are only 
two electrons involved, these occupy the x bonding MO since this has the 
lower energy. The molecular orbital explanation becomes more important 
in cases where there is non-localized x bonding, that is where x bonding 
covers several atoms as in benzene, NO7 and CO}. 

In ethyne each C atom uses sp hybrid orbitals to form o bonds to the 
other C atom and a H atom. These four atoms form a linear molecule. 
Each C atom has two p orbitals at right angles to one another, and these 
overlap sideways with the equivalent p orbitals on the other C atom, thus 
forming two x bonds. Thus a C=C triple bond is formed, which is 
stronger than a C=C double bond (C=C in ethyne 813kJ mol" !). 

The majority of strong x bonds occur between elements of the first short 
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Figure 4.21 5 bonding by d 
orbitals (sideways overlap of two 
diy orbitals. 


period in the periodic table, for example C=C, C==N, C=0, C=C and 
C=O. This is mainly because the atoms are smaller and hence the orbitals 
involved are reasonably compact, so it is possible to get substantial overlap 
of orbitals. There are a smaller number of cases where x bonding occurs 
between different types of orbitals, for example the 2p and 3d orbitals. 
Though these orbitals are much larger, the presence of nodes may con- 
centrate electron density in certain parts of the orbitals. 


p-d combinations of orbitals 


A p orbital on one atom may overlap with a d orbital on another atom as 
shown, giving bonding and antibonding combinations. Since the orbitals 
do not point along the line joining the two nuclei, overlap must be of the x 
type (Figure 4.20). This type of bonding is responsible for the short bonds 
found in the oxides and oxoacids of phosphorus and sulphur. It also occurs 
in transition metal complexes such as the carbonyls and cyanides. 


Atomic orbitals Molecular orbitals 
CY-) Ker NY zx overlap 
CAS = CY ~~ O bonding orbital 
Py dyy Vu) 
GYD) Ge eC) x* overlap 
e ie antibonding orbit 
GB M AUS 
Py yy Vgl 


Figure 4.20 p-d combinations of atomic orbitals. 


d—d combinations of orbitals 


It is possible to combine two d atomic orbitals, producing bonding and 
antibonding MOs which are called 6 and * respectively. On rotating these 
orbitals about the internuclear axis, the sign of the lobes changes four 
times compared with two changes with zt overlap and no change for o 
overlap. 


Non-bonding combinations of orbitals 


All the cases of overlap of atomic orbitals considered so far have resulted 
in a bonding MO of lower energy. and an antibonding MO of higher 
energy. To obtain a bonding MO with a concentration of electron density 
in between the nuclei, the signs (symmetry) of the lobes which overlap 
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s Py Px dyz 
Figure 4.22 Some non-bonding combinations of atomic orbitals. 


must be the same. Similarly for antibonding MOs the signs of the over- 
lapping lobes must be different. In the combinations shown in Figure 4.22 
any stabilization which occurs from overlapping + with + is destabilized 
by an equal amount of overlap of + with —. There is no overall change in 
energy, and this situation is termed non-bonding. It should be noted that 
in all of these non-bonding cases the symmetry of the two atomic orbitals is 
different, i.e. rotation about the axis changes the sign of one. 


RULES FOR LINEAR COMBINATION OF ATOMIC ORBITALS 


In deciding which atomic orbitals may be combined to form molecular 
orbitals, three rules must be considered: 


1. The atomic orbitals must be roughly of the same energy. This is im- 
portant when considering overlap between two different types of atoms. 

2. The orbitals must overlap one another as much as possible. This implies 
that the atoms must be close enough for effective overlap and that the 
radial distribution functions of the two atoms must be similar at this. 
distance. 

3. In order to produce bonding and antibonding MOs, either the sym- 
metry of the two atomic orbitals must remain unchanged when rotated 
' about the internuclear line, or both atomic orbitals must change sym- 
metry in an identical manner. 


In the same way that each atomic orbital has a particular energy, and 
may be defined by four quantum numbers, each molecular orbital has a 
definite energy, and is also defined by four quantum numbers. 


1. The principal quantum number z has the same significance as in atomic 
orbitals. 

2. The subsidiary quantum number / also has the same significance as in 
atomic, orbitals. 

3. The magnetic quantum number of atomic orbitals is replaced by a 
new quantum number A. In a diatomic molecule, the line joining the 
nuclei is taken as a reference direction and À represents the quantization 
of angular momentum in h/2z units with respect to this axis. ) takes the 
same values as m takes for atoms, i.e. 
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ta —l,..., 73, 22, 21,0, +1, +2, +3,..., +1 


When X = 0, the orbitals are symmetrical around the axis and are 
called o prbitals. When à = +1 they are called x orbitals and when 
) = +2 they are called à orbitals. 

4. The spin quantum number is the same as for atomic orbitals and may 
have values of +3. 

The Pauli exclusion principle states that in a given atom no two electrons 
can have all four quantum numbers the same. The Pauii principle also 
applies to molecular orbitals: No two electrons in the same molecule can 
have all four quantum numbers the same. 

The order of energy of molecular orbitals has been determined mainly 
from spectroscopic data. In simple homonuclear diatomic molecules, the 
order is: 


T2py, { 1"2p,, O*2py 
n2p., | n*2p; 
increasing energy 


ols, o*1s,.62s, 6*2s, o2p,, { 


Note that the 2p, atomic orbital gives x bonding and x* antibonding MOs 
and the 2p, atomic orbital gives x bonding and x* antibonding MOs. The 
bonding z2p, and x2p. MOs have exactly the same energy and are said to 
be double degenerate. In a similar way the antibonding x*2p, and x*2p, 
MOs have the same energy and are also doubly degenerate. 

A similar arrangement of MOs exists from 03s to o*3p,, but the energies 
are known with less certainty. 

The energies of the o2p and x2p MOs are very close together. The order 
of MOs shown above is correct for oxygen and heavier elements, but for the 
lighter elements boron, carbon and nitrogen the 2p, and 2p, are probably 
lower than o2p,. For these atoms the order is: 


m2py, E { 
y o2p,x, O* 2px, 


increasing energy 


n*2py 


ols, o*1s, 02s, o*25, { n*2p; 


EXAMPLES OF MOLECULAR ORBITAL TREATMENT FOR 
HOMONUCLEAR DIATOMIC MOLECULES 
In the build-up of atoms, electrons are fed into atomic orbitals. The 
Aufbau principle is used: 
1. Orbitals of lowest energy are filled first. 
2. Each orbital may hold up to two electrons, provided that they have 
opposite spins. 
Hund’s rule states that when several orbitals have the same energy 
(that is they are degenerate), electrons will be arranged so as to give the 
maximum number of unpaired spins. 


E EXAMPLES OF MOLECULAR ORBITAL TREATMENT 


EIE 


In the molecular orbital method, we consider the whole molecule rather 
than the constituent atoms, and use molecular orbitals rather than atomic 
orbitals. In the build-up of the molecule, the total number of electrons 
from all the atoms in the molecule is fed into molecular orbitals. The 
Aufbau principle and Hund's rule are used as before. 

For simplicity homonuclear diatomic molecules will be examined first. 
Homonuclear means that there is only one type of nucleus, that is one 
element present, and diatomic means that the molecule is composed of 
two atoms. 


HZ molecule ion 


This may be considered as a combination of a H atom with a H* ion. This 
gives one electron in the molecular ion which occupies the lowest energy 
MO: 


ols! 


The electron occupies the ols bonding MO. The energy of this ion is thus 
lower than that of the constituent atom and ion, by an amount A, so there 
is some stabilization. This species exists but it is not common since H; is 
much more stable. However, H} can be detected spectroscopically when 
H3 gas under reduced pressure is subjected to an electric discharge. 


H; molecule 


There is one electron from each atom, and hence there are two electrons 
in the molecule. These occupy the lowest energy MO: 


ols? 


This is shown in Figure 4.23. The bonding ols MO is full, so the stabiliza- 
tion energy is 2A. Ao bond is formed, and the Hz molecule exists and is 
well known. 

Atomic Molecular Atomic 


Energy orbitals orbitals orbitals Energy 


Figure 4.23 Electronic configuration, atomic and molecular orbitals for hydrogen. 


100 


THE COVALENT BOND 


He} molecule ion 


This may be considered as a combination of a He atom and a He* ion. 
There are threc electrons in the molecular ion, which are arranged in MOs: 
ols, of 1s! 


The filled cls bonding MO gives 2A stabilization, whilst the half-filled 
ols* gives A destabilization. Overall there is A stabilization. Thus the 
helium molecule ion can exist. It is not very stable, but it has been 
observed spectroscopically. 


He; molecule 


There are two electrons from each atom, and the four electrons are 
arranged in MOs: 


ols?, o*ls? 


The 2A stabilization energy from filling the 62s MO is cancelled by the 24 
destabilization energy from filling the o*ls MO. Thus a bond is not 
formed, and the molecule does not exist. 


Li; molecule 
Each Li atom has two electrons in its inner shell, and one in its outer shell, 


giving three electrons. Thus there is a total of six electrons in the molecule, 
and these are arranged in MOs: 


ols?, o*1s^, 02s" 


This is shown in Figure 4.24. The inner shell of filled o1s and o* 1s MOs do 
not contribute to the bonding in much the same way as in Hez. They are 
essentially the same as the atomic orbitals from which they were formed, 


and are sometimes written: 

KK, 025 
However, bonding occurs from the filling of the o2s level, and Li; mol- 
ecules do exist in the vapour state. However, in the solid it is energetically 


more favourable for lithium to form a metallic structure. Other Group 1 
metals such as sodium behave in an analogous way: 


Na» KK, LL, 03s? 


Be; molecule 


A beryllium atom has two electrons in the first shell plus two electrons in 
the second shell. Thus in the Be? molecule there are eight electrons. These 


are arranged in MOs: 


oo 
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Figure 4.24 Electronic configuration, atomic and molecular orbitals for lithium. 


ols?, o*1s?, 025°, o*25? 
or 
KK, 025°, o*2s 
Ignoring the inner shell as before, it is apparent that the effects of the 


bonding 02s and antibonding o*25 levels cancel, so there is no stabilization 
and the molecule would not be expected to exist. 


B; molecule 


Each boron atom has 2 + 3 electrons. The B; molecule thus contains a 
total of ten electrons, which are arranged in MOs: 


2 1 
als, o*1s?, 029, o*2s?, { Prin 


mp: 


This may be shown diagrammatically (Figure 4.25). Note that B is a 
light atom and the order of energies of MOs is different from the ‘usual’ 
arrangement. Thus the z2p orbitals are lower in energy than the o2p,. 
Since the z2p, and z2p, orbitals are degenerate (identical in energy), 
Hund’s rule applies, and each is singly occupied. The inner shell does not 
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Figure 4.25 Electronic configuration, atomic and molecülar orbitals for boron. 


participate in bonding. The effects of bonding and antibonding 025 orbitals 
cancel but stabilization occurs from the filling of the 2p orbitals, and 
hence a bond is formed and B; exists. 


C; molecule 


A carbon atom has 2 + 4 electrons. A C; molecule would contain a total of 
12 electrons, and these would be arranged in MOs: 
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Figure 4.26 Electronic configuration, atomic and molecular orbitals for carbon. 


7p; 


2 491.2 u 
ols’, o L, a2, onn { Oh 


This is shown diagrammatically in Figure 4.26. 

The molecule should be stable, since the two z2p bonding orbitals 
provide 4A of stabilization energy, giving two bonds. In fact carbon exists 
as a macromolecule in graphite and diamond, since these are an even more 
stable arrangement (where each carbon forms four bonds): hence diamond 
and graphite are formed in preference to C;. 
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Figure 4.27 Electronic configuration, atomic and molecular orbitals for nitrogen. 


Nz molecule 


A nitrogen atom has 2 + 5 = 7 electrons. Thus the Nz molecule contains 
14 electrons. These are arranged in MOs: 


2 
ols?, o*1s?, o2s?, o*2s?, { "Py ap? 
np: 
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This is shown diagrammatically (Figure 4.27). 

Assuming that the inner shell does not participate in bonding, and that 
the bonding and antibonding 2s levels cancel, one o and two x bonding 
pairs remain, giving a total of three bonds. This is in agreement with the 
valence bond formulation as N==N. 


O; molecule 


Each oxygen atom has 2 + 6 = 8 electrons. Thus the Oz molecule contains 
a total of 16 electrons. These are arranged in MOs: 


#192 " 2 [7095 { n*2pj 
ols?, o*1s?, 025°, o*2s", o2p?, { nop, | n*2p! 
This is shown diagrammatically in Figure 4.28. 

The antibonding x*2p, and x*2p, orbitals are singly occupied in accor- 
dance with Hund’s rule. Unpaired electrons give rise to paramagnetism. 
Since there are two unpaired electrons with parallel spins, this explains 
why dioxygen is paramagnetic. If this treatment is compared with the 
Lewis electron pair theory or the valence bond theory, these do not 
predict unpaired electrons or paramagnetism. 


:0.4:0:2:010: 


This was the first success of the molecular orbital theory in successfully 
predicting the paramagnetism of Oz, a fact not even thought of with a 
valence bond representation of O=O. 

As in the previous examples, the inner shell does not participate in 
bonding and the bonding and antibonding 2s orbitals cancel each other. A 
o bond results from the filling of o2p?. Since 1*2pj is half filled and there- 
fore cancels half the effect of the completely filled x2p; orbital, half of a x 
bond results. Similarly another half of a x bond arises from z2pl and 
x*2p!, giving a total of 1 + 4 + 4 = 2 bonds. The bond order is thus two. 

Instead of working out the bond order by cancelling the effects of filled 
bonding and antibonding MOs, the bond order may be calculated as half 
the difference between the number of bonding and antibonding electrons: 


( number of electrons ) M ( number of electrons ) 
Bond _ \occupying bonding orbitals in antibonding orbitals, 


order 2 


In the case of O; the bond order calculates as (10 — 6)/2 = 2, which 
corresponds to a double bond. 


Ož ion 
The compound potassium superoxide KOz contains the superoxide ion 
O7. The O; ion has 17 electrons, and has one more electron than the Oz 
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Figure 4.28 Electronic configuration, atomic and molecular orbitals for oxygen. 


molecule. This extra electron occupies either the 2*2p, or x*2p; orbital. It 
does not matter which it occupies since they are the same energy. 


ols, o*1s, o2s^, o*25?, 02px, { 


n2p;. { n*2py 
z2p?, | x*2p? 


The inner shell of electrons does not take part in bonding. The bonding 


02s? and antibonding o*2s? 


cancel. The o2p? orbital is filled and forms a 
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o bond. The effects of the bonding 2p} and antibonding z2p? orbitals 
cancel, and the completely filled bonding m2p? is-half cancelled by the half 
filled antibonding x2p!, thus giving half a x bond. The bond order is thus 
1 + 4 = 14. Alternatively the bond order may be calculated like this: 
(bonding — antibonding)/2, that is (10 — 7)/2 = M. This corresponds to a 
bond that is intermediate in length between a single and a double bond. 
The superoxide ion has an unpaired electron and is therefore para- 
magnetic. (A bond order of 14 is well accepted in benzene.) 


O2- ion 
In a similar way sodium peroxide Na?O; contains the peroxide ion (x. 
This ion has 18 electrons, arranged: 


2 *552 

ols?, o*1s?, o2s?, o*25^, o2p%, { ess { T Py 
n2p;, \ x*2p; 

Once again the inner shell takes no part in bonding. The bonding and 
antibonding 2s orbitals completely cancel each other. One o bond forms 
from the filled 2p, orbital. Both the bonding 2p, and 2p, orbitals are 
cancelled out by their corresponding antibonding orbitals. Thus the bond 
order is one, that is a single bond. Alternatively the bond order may be 
calculated as (bonding — antibonding)/2, that is (10 — 8)/2 = 1. 


F; molecule 

Fluorine atoms have 2 + 7 electrons, so an Fz molecule contains 18 elec- 
trons. These are arranged: 

n2p;, { n*2p; 


ols, o*1s?, o2s?, o*2s?, o2p?, { mp, \ atop! 


This is shown diagrammatically in Figure 4.29. 

The inner shell is non-bonding, and the filled bonding 2s, 2p, and 2p, 
are cancelled by the equivalent antibonding orbitals. This leaves a o bond 
from the filled 02p2 orbital, and thus a bond order of one. Alternatively 
the bond order may be calculated as (bonding — antibonding)/2, that is 
(10 — 8)/2 = 1. 

it should be noted that Cl; and Brz have structures analogous to F2, 
except that additional inner shells of electrons are full. 

The F—F bond is rather weak (see Chapter 15) and this is attributed to 
the small size of fluorine and repulsion between lone pairs of electrons on 
adjacent atoms. 


EXAMPLES OF MOLECULAR ORBITAL TREATMENT FOR 
HETERONUCLEAR DIATOMIC MOLECULES 


The same principles apply when combining atomic orbitals from two 
different atoms as applied when the atoms were identical, that is: 
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Figure 4.29 Electronic configuration, atomic and molecular orbitals for fluorine 


1. Only atomic orbitals of about the same energy can combine effectively. 
2. They should have the maximum overlap. 
3. They must have the same symmetry. 


Since the two atoms are different, the energies of their atomic orbitals 
are slightly different. A diagram showing how they combine to form 
molecular orbitals is given in Figure 4.30. 
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Molecular 
Atomic orbital orbitals Atomic orbital 


Figure 4.30 The relative energy levels of atomic orbitals and molecular orbitals for 
a heteronuclear diatomic molecule AB. 


The problem is that in many cases the order of MO energy levels is not 
known with certainty. Thus we will consider first some examples where the 
two differént atoms are close to each other in the periodic table, and 
consequently it is reasonable to assume that the order of energies for the 
MOs are the same as for homonuclear molecules. 


NO molecule 


The nitrogen atom has 2 + 5 = 7 electrons, and the oxygen atom has 
2 + 6 = 8 electrons, making 15 electrons in the molecule. The order of 
energy levels of the various MOs are the same as for homonuclear 
diatomic molecules heavier than C2, so the arrangement is: 


x2p;, { n*2py 


This is shown in Figure 4.31. 

The inner shell is non-bonding. The bonding and antibonding 2s orbitals 
cancel, and a o bond is formed by the filled 02p? orbital. A x bond is 
formed by the filled x2p? orbital. The half-filled x*2py half cancels the 
filled 2p? orbital, thus giving half a bond. The bond order is thus 21, 
that is in between a double and a triple bond. Alternatively the bond order 
may be worked out as (bonding — antibonding)/2, that is (10 — 5)/ = 25. 
The molecule is paramagnetic since it contains an unpaired electron. In 
NO there is a significant difference of about 250 kJ mol-' in the energy 
of the AOs involved, so that combination of AOs to give MOs is less 
effective than in Oz or Nz. The bonds are therefore weaker than might 
be expected. Apart from this the molecular orbital pattern (Figure 4.31) 
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Figure 4.31 Electronic configuration, atomic orbitals and molecular orbitals for 
nitric oxide. (This diagram is essentially the same as that for homonuclear diatomic 
molecules such as N2, O2 or F2. The difference is that the atomic energy levels of 
N and O are not the same. The ols and c*1s MOs are omitted for simplicity.) 


is similar to that for homonuclear diatomic molecules. Removal of one 
electron to make NO* results in a shorter and stronger bond because the 
electron is removed from an antibonding orbital, thus increasing the bond 
order to 3. 


CO molecule 


The carbon atom has 2 4 4 — 6 electrons, and the O atom has 2 + 6-8 
electrons, so the CO molecule contains 14 electrons. In this case we are 
rather less certain of the order of energies of the MOs. since they are 
different for C and O. Assume the order is the same as for light atoms 
like C: 
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Figure 4.32 Electronic configuration, atomic orbitals and molecular orbitals for 
carbon monoxide. (The ols and o*1s MOs are omitted for simplicity.) 


z2pi 
ols?, o*1s?, 025^, 0*2s?, { PY g2p? 


This is shown in Figure 4.32. 

The inner shell is non-bonding, and the bonding and antibonding 2s 
orbitals cancel, leaving one o and two zt bonds — and thus a bond order of 
3. Alternatively the bond order may be calculated using the formula 
(bonding — antibonding)/2, that is (10 — 4)/2 = 3. This simple picture is 
not adequate, since if CO is ionized to give CO* by removal of one 
electron from the o2p, orbital then the bond order should be reduced to 
24 and the bond length increased. In fact the bond length in CO is 1.128À 
and in CO* it is 1.115 À. Thus the bond length decreases when we 
expected it to increase, and it indicates that the electron must have been 
removed from an antibonding orbital. The problem remains if we assume 
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the order of energy for the MOs is the same as for atoms heavier than C, 
since this only reverses the position of the o2p, and the (x2p, and z2p;) 
MOs. The most likely explanation of the bond shortening when CO is 
changed to CO" is that the 02s and 9*2s molecular orbitals differ in 
energy more than is shown in the figure. This means that they are wider 
apart, and the o*2s MO is higher in energy than the o2p,, 2p, and x2p. 
MOs. This illustrates very plainly that the order of MO energy levels for 
simple homonuclear diatomic molecules used above is not automatically 
applicable when two different types of atoms are bonded together, andit is 
certainly incorrect in this particular heteronuclear case. 


HCI molecule 


With heteronuclear atoms it is not obvious which AOs should be combined 
by the LCAO method to form MOs. In addition because the energy levels 
of the AOs on the two atoms are not identical, some MOs will contain a 
bigger contribution from one AO than the other. This is equivalent to 
saying that the MO ‘bulges’ more towards one atom, or the electrons in the 
MO spend more time round one atom than the other. Thus some degree of 
charge separation + and 5— occurs, resulting in a dipole. Thus partial 
ionic contributions may play a significant part in the bonding. 

Consider the HCI molecule. Combination between the hydrogen 1s AO 
and the chlorine 15, 2s, 2p and 3s orbitals can be ruled out because their 
energies are too low. If overlap occurred between the chlorine 3p, and 3p: 
orbitals it would be non-bonding (see Figure 4.22) because the positive 
lobe of hydrogen will overlap equally with the positive and negative lobes 
of the chlorine orbitals. Thus the only effective overlap is with the chlorine 
3p, orbital. The combination of H 1s' and Cl 3p! gives both bonding and 
antibonding orbitals, and the two electrons occupy the bonding MO, 
leaving the ‘antibonding MO empty. It is assumed that all the chlorine AOs 
except 3px are localized on the chlorine atom and retain their original AO 
status, and the 35, 3py and 3p. orbitals are regarded as non-bonding lone 
pairs. 

This over-simplification ignores any ionic contribution such as can be 
shown with the valence bond resonance structures 


H*CI- and H- CI* 
The former would be expected to contribute significantly, resulting in a 
stronger bond. 


EXAMPLES OF MOLECULAR ORBITAL TREATMENT 
INVOLVING DELOCALIZED x BONDING 
Carbonate ion CO3— 


The structure of the carbonate jon is a planar triangle, with bond angles of 
120°. The C atom at the centre uses sp? orbitals. All three oxygen atoms 
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are equivalent, and the C—O bonds are shorter than single bonds. A 
single valence bond structure such as that shown would have different 
bond lengths, and so fails to describe the structure adequately. 


[o] 
I 


CS 


-O 0- 


The problem is simply that an electron cannot be represented as a'dot, or a 
pair of electrons as a line (bond). The fourth electron pair that makes 
up the double bond is not localized in one of the three positions, but is 
somehow spread out over all three bonds, so that each bond has a bond 
order of 14. 

Pauling adapted the valence bond notation to cover structures where 
electrons are delocalized. Three contributing structures can be drawn for 
the carbonate ion: 


o 0= O= 


| | | 


G o E e C 
lag (o eger 360 melior ò- 


These contributing structures do not actually exist. The CO$- does not 
consist of a mixture of these structures, nor is there an equilibrium be- 
tween them. The true structure is somewhere in between, and is called a 
resonance hybrid. Resonance was widely accepted in the 1950s but is now 
regarded at best as clumsy and inadequate, and at worst as misleading or 
wrong! 

Delocalized x bonding is best described by multi-centre bonds, which 
involve x molecular orbitals. The steps in working this out are: 


1. Find the basic shape of the molecule or ion, either experimentally, or 
from the VSEPR theory using the number of o bonds and lone pairs on 
the central atom. 

2. Add up the total number of electrons in the outer (valence) shell of all 
the atoms involved, and add or subtract electrons as appropriate to 
form ions. 

3. Calculate the number of electrons used in o bonds and lone pairs, and 
by subtracting this from the total determine the number of electrons 
which can participate in x bonding. 

4. Count the number of atomic orbitals which can take part in x bonding. 
Combine these to give the same number of molecular orbitals which are 
delocalized over all of the atoms. Decide whether MOs are bonding, 
non-bonding or antibonding, and feed the appropriate number of x 
electrons into the MOs (two electrons per MO). The orbitals with 
lowest energy are filled first. The number of x bonds formed can easily 
be determined from the MOs which have been filled. 


ma 
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The structure of the CO3” will be examined in this way. There are 24 
electrons in the valence shell (four from C, six from each of the three O 
atoms and two from the charges on the ion). 

Of these, six are used to form the o bonds between C and the three O 
atoms. Each O has four non-bonding electrons. This leaves six electrons 
available for x bonding. 

The atomic orbitals available for x bonding are the 2p, orbital on C and 
the 2p, orbitals from the three O atoms. Combining these four atomic 
orbitals gives four four-centre 7t molecular orbitals. Each of these covers 
all four atoms in the ion. The lowest energy MO is bonding, the highest 
is antibonding, and the remaining two are non-bonding (and are also 
degenerate, i.e. the same in energy). The six x electrons occupy the MOs 
of lowest energy. Two electrons fill the bonding MO and four electrons fill 
both of the non-bonding MOs and thus contribute one 7 bond to the 
molecule. Each of the C—O bonds has a bond order of 14, 1 from the o 
bond and 4 from the x bond. 


Nitrate ion NO3 


The structure of the nitrate ion is a planar triangle. The N atom at the 
centre uses sp” orbitals. All three oxygen atoms are equivalent, and the 
bond lengths N—O are all a little shorter than for a single bond. This 
cannot be explained by a valence bond structure: 


There 24 electrons in the valence shell (five from N, six from each of the 
three O atoms and one from the charge on the ion). 

Of these, six are used to form the g bonds between N and the three O 
atoms. Each O has four non-bonding electrons. This leaves six electrons 
available for x bonding. 

The atomic orbitals used for x bonding are the 2p, orbitals. on N and 
the three O atoms. Combining these four atomic orbitals gives four four- 
centre x molecular orbitals. The lowest in energy is bonding, the highest is 
antibonding, and the remaining two are degenerate (the same in energy) 
and are non-bonding. The six x electrons fill the bonding MO and both of 
the non-bonding MOs and thus contribute one 7 bond to the molecule. 
Each of the N—O bonds has a bond order of 14, 1 from the o bond and $ 
from the x bond. 


Sulphur trioxide SO3 


The structure of SO; is à planar triangle. The S atom at the centre uses sp 
orbitals. All three oxygen atoms are equivalent, and the S—O bonds are 
much shorter than single bonds. The valence bond structure is: 
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The multi-centre x MO explanation is as follows. There are 24 electrons in 
the valence shell (six from S and six from each of the three O atoms). 

Of thése, six are used to form the o bonds between S and the three O 
atoms. Each O has four non-bonding electrons. This leaves six electrons 
available for x bonding. 

SO; has 24 outer electrons like the NOx ion. If SO; followed the same 
pattern as the NO; ion and used the 3p, AO on S and the 2p, AOs on 
the three O atoms, four MOs would be formed, one bonding, two non- 
bonding and one antibonding, and the six 7 electrons would occupy the 
bonding and non-bonding MOs, thus contributing one x bond to the 
molecule and giving a S—O bond order of 14. The bonds are much shorter 
than this would imply. Though SO; has the same number of outer elec- 
trons as NO3, the two are not isoelectronic. The S atom has three shells of 
electrons, so there is the possibility of using d orbitals in the bonding 
scheme. 

The six atomic orbitals available for x bonding are the 2p; orbitals on 
the three O atoms and the 3p., 3d,, and 3d,, orbitals on S. Combining one 
2p, AO with the 3p, AO gives two MOs, one bonding and the other 
antibonding. Similarly, combining the second 2p, AO with the 3d,, AO 
gives one bonding MO and one antibonding MO, and combining the third 
2p, AO with the 3d,, AO gives one bonding MO and one antibonding 
MO. Thus we obtain three bonding MOs and three antibonding MOs. The 
six electrons available for x bonding occupy the three bonding MOs, and 
thus contribute three x bonds to the molecule. Each of the S—O bonds 
has a bond order of approximately 2, 1 from the o bond and approximately 
1 from the x bond. The reason why the bond order is approximate is that 
the extent of d orbital participation depends on the number of electrons 
and the size and energy of the orbitals involved. This involves detailed 
calculation. 


Ozone O; 


Ozone O; forms a V-shaped molecule. Both bond lengths are 1.278 A, 
and the bond angle is 116°48’. We assume that the central O atom uses 
roughly sp? orbitals for o bonding. The valence bond representation of 
the structure is inadequate since it suggests that the bonds are of different 
lengths, though it could be explained in terms of resonance hybrids. 


(0) 
AEN single valence bond structure 
oO O 
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The double bonding in the structure is best explained by means of 
delocalized three-centre x bonding. There is a total of 18 electrons in the 
valence shell, made up of six from each of the three O atoms. 

The central O atom forms a o bond with each of the other O atoms, 
which accounts for four electrons. The central O atom uses sp? orbitals, 
one of which is a lone pair. If the ‘end’ O atoms also use sp? atomic orbi- 
tals, each O contains two non-bonding pairs of electrons. Thus lone pairs 
account for 10 electrons. Sigma bonds and lone pairs together account for 
14 electrons, thus leaving four electrons for x bonding. 

The atomic orbitals involved in zt bonding are the 2p; orbitals on each of 
the three O atoms. These give rise to three molecular orbitals. These are 
three-centre x molecular orbitals. The lowest energy MO is bonding, the 
highest energy MO is antibonding, and the middle one is non-bonding. 
There are four x electrons and two fill the bonding MO and two fill the 
non-bonding MO, thus contributing one zt bond over the molecule. This 
gives a bond order of 1.5 for the O—O bonds. The x system is thus a 
four-electron three-centre bond, 


Nitrite ion NOZ 


The nitrite ion NOz is V-shaped. This is based on a plane triangular 
structure, with N at the centre, two corners occupied by O atoms, and 
the third corner occupied by a lone pair. Thus the N atom is roughly sp? 
hybridized. 

In the NO; ion there are 18 electrons in the valence shell. These are 
made up of five from N, six from each of the two O atoms, and one from 
the charge on the ion. 

The N atom forms o bonds to each of the O atoms, which accounts 
for four electrons, and the N atom has a lone pair accounting for two 
electrons. If the O atoms also use sp? atomic orbitals (one for bonding 
and two for lone pairs), the lone pairs on the O atoms account for eight 
more electrons. A total of 14 electrons has been accounted for, leaving 
four electrons for x bonding. 

Three atomic orbitals are involved in zx bonding: the 2p, orbitals on the 
N atom and on both of the O atoms. These three atomic orbitals form 
three molecular orbitals. These are three-centre x molecular orbitals. The 
lowest in energy is bonding, the highest is antibonding, and the middle one 
is non-bonding. Two of the four x electrons fill the bonding MO and two 
fill the non-bonding MO, thus contributing one x bond over the molecule. 

The bond order of the N—O bonds is thus 1.5, and the N—O distances are 
in between those for a single and double bond. 


Carbon dioxide CO; 


The structure of CO; is linear O—C—O, and the C atom uses sp hybrid 
orbitals for o bonds. Both C—O bonds are the same length, but are much 
shorter than a single bond. This is best explained by delocalized x bonding, 
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and involves multi-centre x molecular orbitals. The molecule contains 
16 outer shell electrons, made up from six electrons from each of the two 
O atoms and four electrons from the C atom. 

The C atom forms o bonds to both the O atoms, thus accounting for four 
electrons. There are no lone pairs of electrons on the C atom. If the O 
atoms also use sp hybrid orbitals then there is one lone pair of electrons on 
each O atom, accounting for a further four electrons. This accounts for 
eight electrons altogether, leaving eight electrons available for x bonding. 

If the o bonding and lone pairs of electrons occupy the 2s and 2p, atomic 
orbitals on each O atom, then the 2p, and 2p; atomic orbitals can be used 
for x bonding. Thus there are six atomic orbitals available for x bonding. 
The three 2p, atomic orbitals (one from C and one from each of the O 
atoms) form three three-centre x molecular orbitals which cover all three 
atoms. The MO with the lowest energy is called a bonding molecular 
orbital. The MO with the highest energy is called an antibonding MO, and 
the remaining MO is non-bonding. In a similar way, the three 2p, atomic 
orbitals also form bonding, non-bonding and antibonding three-centre x 
molecular orbitals. Each of these MOs covers all three atoms in the mol- 
ecule. The eight x electrons occupy the MOs of lowest energy, in this case 
two electrons in the bonding 2p, MO, two electrons in the bonding 2p. 
MO, then two electrons in the non-bonding 2p, MO and two electrons in 
the non-bonding 2p, MO. This gives a net contribution of two x bonds to 
the molecule, in addition to the two o bonds. Thus the bond order C—Ois 
thus two. 


Azide ion Ny 


The N; ion has 16 outer electrons (five from each N and one from the 
charge on the ion). It is isoelectronic with CO;, and is linear N—N—N 
like CO;. We assume the central N uses sp hybrid orbitals for o bonding. 

Four electrons are used for the two o bonds. Each of the end N atoms 
has one non-bonding pair of electrons, accounting for four more electrons. 
This leaves eight electrons for zx bonding. 

If the bonding and non-bonding electrons are assumed to use the 2s 
and 2p, orbitals, this leaves six atomic orbitals for zx bonding. These are 
three 2p, AOs and three 2p. AOs. The three 2p, orbitals form three three- 
centre x molecular orbitals. The lowest in energy is bonding, the highest 
is antibonding, and the remaining MO is non-bonding. In a similar way 
the three 2p, atomic orbitals give bonding, non-bonding and antibonding 
MOs. The eight x electrons fill both of the bonding MOs, and both of the 
non-bonding MOs. Thus there are two o and two x bonds, giving a bond 
order of 2. Thus both N—N bonds are the same length, 1.16 A. 


SUMMARY OF MULTI-CENTRE x BONDED STRUCTURES 


Isoelectronic species have the same shape and the same bond order 
(Table 4.6). 
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Table 4.6 Multi-centre bonded structures 


Species Number of outer Shape Bond 
electrons order 
CO; 16 Linear 2 
N3 16 Linear 2, 
Os 18 V-shaped 1.5 
NO; 18 V-shaped 1.5 
coi 24 Plane triangle 1.33 
NO7 24 Plane triangle 1.33 
UNITED ATOM METHOD 


The LCAO method described above is tantamount to bringing the atoms 
from infinity to their equilibrium positions in the molecule. The united 
atom method is an alternative approach. lt starts with a hypothetical 
‘united atom’ where the nuclei are superimposed, and then moved to their 
equilibrium distance apart. The united atom has the same number of 
orbitals as a normal atom, but it contains the electrons from two atoms. 
Thus some electrons must be promoted to higher energy levels in the 
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Figure 4.33 Mulliken correlation for like atoms forming a diatomic molecule. 
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united atom. Further, the energy of the united atom orbitals differs from 
that of the atomic orbitals because of the greater nuclear charge. Thus the 
molecular orbitals are in an intermediate position between the orbitals in 
the united atom and those in the separate atom. If lines are drawn between 
the/energies of the electrons in the separate atoms and in the united atom 
(that is a graph of internal energy against the distance between the nuclei 
from r = 0 to r = o), a correlation diagram is obtained (Figure 4.33). 
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Bond lengths and bond angles of molecular structures in the crystalline and 
gaseous states are given in The Chemical Society’s Special Publication 11 
(Interatomic Distances) and Special Publication 18 (/nteratomic Distances 
Supplement). 


PROBLEMS 


1. Show by drawings how an s orbital, a p orbital or a d orbital on one 
atom may overlap with s, p or d orbitals of an adjacent atom. 


2. List three rules for the linear combination of atomic orbitals. 


3. Show how the LCAO approximation gives rise to bonding and anti- 
bonding orbitals. Illustrate your answer by reference to three different 
diatomic molecules. 


4. Use the molecular orbital theory to explain why the bond strength in a 
N; molecule is greater than that in a F} molecule. 


5. Use the MO theory to predict the bond order and the number of 
unpaired electrons in 02^, OF, Or, Of, NO and CO. 


6. Draw MO energy level diagrams for C;, O; and CO. Show which 
orbitals are occupied, and work out the bond orders and magnetic 
properties of these molecules. 


7. Name the three types of hybrid orbital that may be formed by an atom 
with only s and p orbitals in its valence shell. Draw the shapes and 
stereochemistry of the hybrid orbitals so produced. 


8. What are the geometric arrangements of sp?d?, sp°d and dsp? hybrid 
orbitals? 


9. Predict the structure of each of the following, and indicate whether 
the bond angles are likely to be distorted from the theoretical values: 
(a) BeCl; (b) BCI; (c) SiCl; (d) PCl; (vapour); (e) PF3; (f) F20; 
(g) SFa; (h) IFs; (i) SO»; (j) SFe- 
10. How and why does the cohesive force in metals change on descending 
a group, or on moving from one group to another? What physical 
properties follow these changes in cohesive force? 


11. Use energy level diagrams and the band theory to explain the dif- 
ference between conductors, insulators and semiconductors. 
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GENERAL PROPERTIES‘OF METALS 


All metals have characteristic physical properties: 


l. 
2. 

* highly reflective. 
3: 
4. 


Pi 


They are exceptionally good conductors of electricity and heat. 
They have a characteristic metallic lustre — they are bright, shiny and 


They are malleable- and ductile. 

Their crystal structures are almost always cubic close-packed, hexag- 
onal close-packed, or body-centred cubic. 

They form alloys readily. 


Conductivity 


All metals are exceptionally good conductors of heat and electricity. 
Electrical conduction arises by the movement of electrons, This is in 
contrast to the movement of ions which is responsible for conduction in 
aqueous solution or fused melts of ionic compounds like sodium chloride, 
where sodium ions migrate to the cathode, and chloride ions migrate to 
the anode. In the solid state, ionic compounds may conduct to a very small 
extent (semiconduction) if defects are present in the crystal. There is an 
enormous difference in the conductivity between metals and any other 
type of solid (Table 5.1). 


Table 5.1 Electrical conductivity of various solids 


oan aatia catio e a cata 3l sii N E 
Substance Type of bonding Conductivity 
(ohm cm!) 
MCI atic eres See eee 
Silver Metallic 6.3 x 10° 
Copper Metallic 6.0 x 10° 
Sodium Metallic 2.4 x 10° 
Zinc Metallic 1.7 x 10° 
Sodium chloride Ionic 107 
Diamond Covalent giant molecule 1074 


Quartz Covalent giant molecule 107 


ee 
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Most of the elements to the left of carbon in the periodic table arc 
metals. A carbon atom has four outer electrons. If these are all used to 
form four bonds, the outer shell is complete and there are no electrons 
free to conduct electricity. 


T 2s 2p 
Carbon atom ~ excited state von (t) aan 
Carbon atom having gained ful 
sars meee ier 


Elements to the left of carbon have fewer electrons, and so they must 
have vacant orbitals. Both the number of electrons present in the outer 
shell, and the presence of vacant orbitals in the valence shell, are import- 
ant features in explaining the conductivity and bonding of metals. 

The conductivity of metals decreases with increasing temperature 
Metals show some degree of paramagnetism., which indicates that they 
possess unpaired electrons. 


Lustre 


Smooth surfaces of metals typically have a lustrous shiny appearance. All 
metals except copper and gold are silvery in colour, (Note that when finely 
divided most metals appear dull grey or black.) The shininess is rather 
special, and is observed at all viewing angles. in contrast to the shininess of 
a few non-metallic elements such as sulphur and iodine which appear shiny 
when viewed at low angles. Metals are used as mirrors because they reflect 
light at all angles. This is because of the "free" electrons in the metal, which 
absorb energy from light and re-emit it when the electron drops back from 
its excited state to its original energy level. Since light of all wavelengths 
(colours) is absorbed, and is immediately re-emitted, practically all the 
light is reflected back - hence the lustre. The reddish and golden colours 
of copper and gold occur because they absorb some colours more readily 
than others. 

Many metals emit electrons when exposed to light - the photoelectric 
effect, Some emit electrons when irradiated with short-wave radiation. 
and others emit electrons on heating (thermionic emission). 


Malleability and cohesive force 

The mechanical properties of metals are that they are typically malleable 
and ductile, This shows that there is not much resistance to deformation of 
the structure. but that a large cohesive force holds the structure together 


AH 
Mensis ——* Mya 
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Table 5.2 Enthalpies of atomization AA (k) mol ^) (Measured 
at 25°C except for Hg) 


Mad MF Ming pit eign 


j 


Li 162 Int mnn 
Na 108 Ll 

K LU ot 76 
Rb Li » nt 
e 7 x ons 
Be a4 1277 un 
Mg 146 650 1120 
Ca 178 RIR 1492 
Sr 163 768 wm 
Ba 178 Ju 1638 
B ses 2090 27 
Al x6 60) 2447 
Ga m » 2237 
Se 376 1559 2480 
T 409 1668 3280 
v se 1900 3380 
Cr w? 1875 2642 
Mn 285 1245 204) 
ve! 45 1537 2987 
Co AI 1495 2887 
Ni aw 145) 2837 
Cu M 1083 2582 
Zn no 420 LI 


——————————————— 
Enthalpies of atomization from Brewer, L., Science, 1968, 161, 
115, with some additions, 


The cohesive force may be measured as the heat of atomization, Some 
numerical values of AH*, the heats of atomization at 25°C, are given in 
Table 5.2. The heats of atomization (cohesive energy) decrease on de- 
scending group in the periodic table Li-Na-K-«Rb-Cs, showing that 
they are inversely proportional to the internuclear distance. 


The melting points and to am even greater extent the boiling points 
of the metals follow the trends in the cohesive energies. The cohesive 
energies vary over an appreciable range, and they approach the magnitude 
of the lattice energy which holds ionic crystals together. The cohesive 


THE METALLIC BOND _ E] 


energies are much larger than the weak van der Waals forces which hold 
discrete covalent molecules together in the solid state. 

There are two rules about the cohesive energy and structure of metals 
(or alloys), and these are examined below: 


Rule 1. The bonding energy of a metal depends on the average number of 
unpaired electrons available for bonding on each atom. 

Rule 2. The crystal structure adopted depends on the number of s and p 
orbitals on each atom that are involved with bonding. 


Consider the first rule - Group 1 metals have the outer electronic con- 
figuration ns', and so have one electron for bonding. In the ground state 
(lowest energy), Group 2 elements have the electronic configuration ns?, 
but if the atom is excited, an outer electron is promoted, giving the con- 
figuration ns', np', with two unpaired electrons, which can form two 
bonds. Similarly Group 13 elements in the ground state have the con- 
figuration ns^, np', but when excited to ns', np*, they can use three elec- 
trons for metallic bonding. 

The second rule attempts to relate the number of s and p electrons 
available for bonding to the crystal structure adopted (Table 5.3). Apart 
from Group 1 metals, the atoms need to be excited, and the structures 
adopted are shown in Table 5.4. 


Table 5.3 Prediction of metal structures from the number of s 
and p electrons involved in metallic bonding 


Number of s and p Structure 
electrons per atom 
involved in bonding 


Less than 1.5 Body-centred cubic 
1.7-2.1 Hexagonal close-packed 
2.5-3.2 Cubic close-packed 
Approaching 4 Diamond structure — not metallic 


Group 1 elements have a body-centred cubic structure, and follow the 
rule. In Group 2, only Be and Mg have a hexagonal close-packed struc- 
ture and strictly follow the rule. In Group 13, AI has a cubic close-packed 
structure as expected. However, not all the predictions are correct. There 
is no obvious reason why Ca and Sr form cubic close-packed structures. 
However, the high temperature forms of Ca and Sr, and the room tem- 
perature form of Ba, form body-centred cubic structures (like Group 1), 
instead of the expected hexagonal close-packed structure. The explanation 
is probably that the paired s electron is excited to a d level instead of a p 
level, and hence there is only one s or p electron per atom participating in 
metallic bonding. This also explains why the first half of the transition 
metals.also form'body-centred cubic structures. In the second half of the 
transition series, the extra electrons may be put in the p level, to avoid 
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pairing d electrons, and so allow the maximum participation of d orbitals 
in metallic bonding. This increases the number of s and p electrons in- 
volved in metallic bonding, and for example in Cu, Ag and Au the excited 
electronic state involved in bonding is probably d, s', p?, giving a cubic 
close-packed structure and five bonds per atom (two d, one s and two p 
electrons). At Zn the d orbitals are full, and the excited state used for 
bonding is 3d", 4s!, 4p', giving two bonds per atom and a body-centred 
cubic structure. The enthalpies of atomization are in general agreement 
with these ideas on bonding. 


Crystal structures of metals 


Metallic elements usually have a close-packed structure with a coordina- 
tion number of 12. There are two types of close packing depending on the 
arrangement of adjacent layers in the structure: cubic close packing 
ABCABC and hexagonal close packing ABAB (see Metallic bonds and 
metallic structures in Chapter 2). However, some metals have a body- 
centred cubic type of structure (which fills the space slightly less efficiently) 
where there are eight nearest neighbours, with another six next-nearest 
neighbours about 15% further away. If this small difference in distance 
between nearest and next-nearest neighbours is disregarded, the coor- 
dination number for a body-centred cubic structure may be regarded 
loosely as 14. The mechanical properties of malleability and ductility 
depend on the ease with which adjacent planes of atoms can glide over 
each other, to give an equivalent arrangement of spheres. These properties 
are also affected by physical imperfections such as grain boundaries and 
dislocations, by point defects in the crystal lattice and by the presence of 
traces of impurity in the lattice. The possibility of planes gliding is greatest 
in cubic close-packed structures, which are highly symmetrical and have 
possible slip planes of close-packed layers in four directions (along the 
body diagonals), compared with only one direction in the hexagonal close- 
packed structure. This explains why cubic close-packed structures are 
generally softer and more easily deformed than hexagonal or body-centred 
cubic structures, Impurities may cause dislocations in the normal metal 
lattice, and the localized bonding increases the hardness. Some soft metals 
like Cu become work hardened — it is harder to bend the metal a second 
time. This is because dislocations are caused by the first bending, and these 
disrupt the slip planes. Other metals such as Sb and Bi are brittle. This is 
because they have directional bonds, which pucker layers, preventing one 
layer from slipping over another. 

The type of packing varies with the position of the element in the 
periodic table (Table 5.4), which is related to the number of s and p 
electrons on each atom that can take part in metallic bonding. This has 
been described earlier. 

Metallic elements commonly react with other metallic elements, often 
over a wide range of composition, forming a variety of alloys which look 
like metals, and have the properties of metals. 
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Table 5.5 Interatomic distances in M; mole- 
cules and metal crystals 


—— 


Distance in Distance in 
metal M; molecule 
(À) (À) 
Li 3.04 2.67 
Na 3.72 3.08 
K 4.62 3.92 
Rb 4.86 422 
Cs 5.24 4.50 


M 


Bond lengths 


If the valence electrons in a metal are spread over a large number of 
bonds, each bond should be weaker and hence longer. The alkali metals 
exist as diatomic molecules in the vapour state, and the interatomic dis- 
tances in the metal crystal are longer than in the diatomic molecule (Table 
5:5). 

Though the bonds in the metal are longer and weaker, there are many 
more of them than in the M; molecule, so the total bonding energy is 
greater in the metal crystal. This can be seen by comparing the enthalpy 
of sublimation of the metal crystal with the enthalpy of dissociation of the 
M; molecules (Table 5.6). 


THEORIES OF BONDING IN METALS 


The bonding and structures adopted by metals and alloys are less fully 
understood than those with ionic and covalent compounds. Any successful 
theory of metallic bonding must explain both the bonding between a large 
number of identical atoms in a pure metal, and the bonding between 
widely different metal atoms in alloys. The theory cannot involve direc- 
tional bonds, since most metallic properties remain even when the metal is 
in the liquid state (for example mercury), or when dissolved in a suitable 


Table 5.6 Comparison of enthalpies of subli- 
mation and dissociation 


Enthalpy of 4 enthalpy of 
sublimation dissociation 
of metal of M; molecule 

(kJ mol!) (kJ mol!) 

AALA 

Li 161 54 

Na 108 38 

K 90 26 

Rb 82 24 

Cs 78 21 


——————————————————— 
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Li uit Li 
| | 
Li Li—Li Li 
(a) 
Li-Li Li—Li 
U= Li—Li 
(b) 
Li-Li Li—Li- 
| 
Li' Li-Li. Li 
(c) 
Li Li—Li—Li 
| 
Li Li—Li Li* 
(d) 


solvent (for example solutions of sodium in liquid ammonia). Further, the 
theory should explain the great mobility of electrons. 


Free electron theory 


As early as 1900, Drude regarded a metal as a lattice with electrons moving 
through it in much the same way as molecules of a gas are free to move. 
The idea was refined by Lorentz in 1923, who suggested that metals com- 
prised a lattice of rigid spheres (positive ions), embedded in a gas of free 
valency electrons which could move in the interstices. This model explains 
the free movement of electrons, and cohesion results from electrostatic 
attraction between the positive ions and the electron cloud. Whilst it does 
explain in a rough qualitative way why an increased number of valency 
electrons results in an increased cohesive energy, quantitative calculations 
are much less successful than similar calculations for the lattice energies of 
ionic compounds. 


Valence bond theory 


Consider a simple metal such as lithium, which has a body-centred cubic 
structure, with eight nearest neighbours and six next-nearest neighbours at 
a slightly greater distance. A lithium atom has one electron in its outer 
shell, which may be shared with one of its neighbours, forming a normal 
two-electron bond. The atom could equally well be bonded to any of its 
other eight neighbours, so many different arrangements are possible, and 
Figures 5.1a and b are two examples. 

A lithium atom may form two bonds if it ionizes, and it can then form 
many structures similar to those in Figures 5.1c and d. Pauling suggested 
that the true structure is a mixture of all the many possible bonding forms. 
The more possible structures there are, the lower the energy. This means 
that the cohesive force which holds the structure together is large, and in 
metallic lithium the cohesive energy is three times greater than in a Li? 
molecule. The cohesive energy increases from Group 1 to 2 to 13, and this 
is explained by the atoms being able to form an increased number of 
bonds, and give an even larger number of possible structures. The pres- 
ence of ions could explain the electrical conduction, but the theory does 
not explain the conduction of heat in solids, or the lustre, or the retention 
of metallic properties in the liquid state or in solution. 


Molecular orbital or band theory 


The electronic structure of a lithium atom is 
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The Li, molecule exists in the vapour state, and bonding occurs using the 
2s atomic orbital. There are three empty 2p orbitals in the valence shell, 
and the presence of empty AOs is a prerequisite for metallic properties. 
(Carbon in its excited state, nitrogen, oxygen, fluorine, and neon all lack 
empty AOs in the valence shell and are all non-metals.) 

The valence shell has more AOs than electrons, so even if the elec- 
trons are all used to form normal two-electron bonds, the atom cannot 
attain a noble gas structure. Compounds of this type are termed ‘electron 
deficient’. 

Empty AOs may be utilized to form additional bonds in two different 
ways: 


1. Empty AOs may accept lone pairs of electrons from other atoms or 
ligands, forming coordinate bonds. 

2. Cluster compounds may be formed, where each atom shares its few 
electrons with several of its neighbours, and obtains a share in their 
electrons. Clustering occurs in the boron hydrides and carboranes, and 
is a major feature of metals. 


The molecular orbital description of an Li? molecule has been discussed 
earlier in Chapter 4, in the examples of MO treatment. There are six 
electrons arranged in molecular orbitals: 


ols?, o*1s?, 02s? 


Bonding occurs because the 02s bonding MO is full and the corresponding 
antibonding orbital is empty. Ignoring any inner electrons, the 2s AOs on 
each of the two Li atoms combine to give two MOs - one bonding and one 
antibonding. The valency electrons occupy the bonding MO (Figure 5.2a). 

Suppose three Li atoms joined to form Lis. Three 2s AOs would com- 
bine to form three MOs = one bonding, one non-bonding and one anti- 
bonding. The energy of the non-bonding MO is between that for the 
bonding and antibonding orbitals. The three valency electrons from the 
three atoms would occupy the bonding MO (two electrons) and the non-, 
bonding MO (one electron) (Figure 5.2b). 

In Liy, the four AOs would form four MOs - two bonding, and two anti- 
bonding. The presence of two non-bonding MOs between the bonding and 
antibonding orbitals reduces the energy gap betweez the orbitals. The four 
valency electrons would occupy the two lowest energy MOs, which are 
both bonding orbitals, as shown in Figure 5.2c. 

As the number of electrons in the cluster increases, the spacing between 
the energy levels of the various orbitals decreases further, and when there 
are a large number of atoms, the energy levels of the orbitals are so close 
together that they almost form a continuum (Figure 5.2d). 

The number of MOs must by definition be equal to the number of 
constituent AOs. Since there is only one valence electron per atom in 
lithium, and a MO can hold two electrons, it follows that only half the 
MOs in the 2s valence band are filled — i.e. the bonding MOs. It requires 
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Figure 5.2 Development of molecular orbitals into bands in metals. 


only a minute amount of energy to perturb an electron to an unoccupied 
MO. 

The MOs extend in three dimensions over all the atoms in the crystal, so 
electrons have a high degree of mobility. The mobile electrons account for 
the high thermal and electrical conduction of metals. 

If one end of a piece of metal is heated, electrons at that end gain energy 
and move to an unoccupied MO where they can travel rapidly to any other 
part of the metal, which in turn becomes hot. In an analogous manner, 
electrical conduction takes place through a minor perturbation in energy 
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Molecular 
orbitals 


H 


qo 
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Figure 5.3 Two methods by which conduction can occur: (a) metallic molecular 
orbitals for lithium showing half-filled band; (b) metallic molecular orbitals for 
beryllium showing overlapping bands. 


promoting an electron to an unfilled level, where it can move readily, In 
the absence of an electric field, equal numbers of electrons will move in all 
directions. If a positive electrode is placed at one end, and a negative 
electrode at the other, then electrons will move towards the anode much 
more readily than in the opposite direction; hence an electric current flows. 

Conduction occurs because the MOs extend over the whole crystal, and 
because there is effectively no energy gap between the filled and unfilled 
MOs. The absence of an energy gap in lithium is because only half the 
MOs in the valence band are filled with electrons (Figure 5.3a). 

In beryllium there are two valence electrons, so the valence electrons 
would just fill the 2s valence band of MOs. In an isolated beryllium atom, 
the 2s and 2p atomic orbitals differ in energy by 160 kJ mol^'. In much the 
same way as the 2s AOs form a band of MOs, the 2p AOs form a 2p band 
of MOs. The upper part of the 2s band overlaps with the lower part of the 
2p band (Figure 5.3b). Because of this overlap of the bands some of the 2p 
band is occupied and some of the 2s band is empty. It is both possible and 
easy to perturb electrons to an unoccupied level in the conduction band, 
where they can move throughout the crystal. Beryllium therefore behaves 
as a metal. It is only because the bands overlap that there is no energy gap, 
so perturbation from the filled valence band to the empty conduction band 
can occur. 


CONDUCTORS, INSULATORS AND SEMICONDUCTORS 


In electrical conductors (metals), either the valence band is only partly 
full, or the valence and conduction bands overlap. There is therefore no 
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significant gap between filled and unfilled MOs, and perturbation can 
occur readily. 

In insulators (non-metals), the valence band is full, so perturbation 
within the band is impossible, and there is an appreciable difference in 
energy (called the band gap) between the valence band and the next empty 
band. Electrons cannot therefore be promoted to an empty level where 
they could move freely. 

Intrinsic semiconductors are basically insulators, where the energy gap 
between adjacent bands is sufficiently small for thermal energy to be able 
to promote a small number of electrons from the full valence band to the 
empty conduction band. Both the promoted electron in the conduction 
band and the unpaired electron left in the valence band can conduct elec- 
tricity. The conductivity of semiconductors increases with temperature, 
because the number of electrons promoted to the conduction band in- 
creases as the temperature increases. Both n-type and p-type semicon- 
ductors are produced by doping an insulator with a suitable impurity. The 
band from the impurity lies in between the valence and conduction bands 
in the insulator, and acts as a bridge, so that electrons may be excited from 
the insulator bands to the impurity bands, or vice versa (Figure 5.4). 
(Defects and semiconductors are discussed at the end of Chapter 3.) 


ALLOYS 


When two metals are heated together, or a metal is mixed with a non- 
metallic element, then one of the following will occur: 


1. An ionic compound may be formed. 
2. An interstitial alloy may be formed. 
3. A substitutional alloy may be formed. 
4. A simple mixture may result. 


Which of these occurs depends on the chemical nature of the two elements 
concerned, and on the relative sizes of the metal atoms and added atoms. 


Ionic compounds 


Consider first the chemical nature of the two elements. If an element of 
high electronegativity (e.g. F 4.0, CI 3.0 or O 3.5) is added to a metal of 
low electronegativity (e.g. Li 1.0, Na 0.9), the product will be ionic. not 
metallic. 


Interstitial alloys and related compounds 


Next consider the relative sizes of the atoms. The structure of many metals 
is a close-packed lattice of spherical atoms or ions. There are therefore 
many tetrahedral and octahedral holes. If the element added has small 
atoms, they can be accommodated in these holes without altering the 
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Figure 5.4 Conductors, insulators, impurity and intrinsic semiconductors. 


structure of the metal. Hydrogen is small enough to occupy tetrahedral 
holes, but most other elements occupy the larger octahedral holes. 

The invading atoms occupy interstitial positions in the metal lattice, 
instead of replacing the metal atoms. The chemical composition of com- 
pounds of this type may vary over a wide range depending on how many 
holes are occupied. Such alloys are called interstitial solid solutions, and 
are formed by a wide range of metals with hydrogen, boron, carbon, 
nitrogen and other elements. The most important factor is the size of the 
invading atoms. For octahedral holes to be occupied, the radius ratio of 
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Figure 5.5 Part of the iron—carbon phase diagram (X = eutectic, Y — eutectoid, 
P = pearlite). 


the smaller atom/larger atom should be in the range 0.414-0.732. The 
invasion of interstitial sites does not significantly alter the metal structure. 
It still looks like a metal, and still conducts heat and electricity. However, 
filling some of the holes has a considerable effect on the physical pro- 
perties, particularly the hardness, malleability and ductility of the metal. 
This is because filling holes makes it much more difficult for one layer of 
metal ions to slip over another. 

Interstitial borides, carbides and nitrides are extremely inert chemically, 
have very high melting points, and are extremely hard. Interstitial carbides 
of iron are of great importance in the various forms of steel. 

The iron—carbon phase diagram is of great importance in the ferrous 
metal industry, and part of this is shown in Figure 5.5. The most important 
part is from pure Fe to the compound iron carbide or cementite, Fe3C. 
Pure Fe exists as two allotropic forms: one is a-ferrite or austenite, with a 
body-centred cubic structure, which is stable up to 910°C; above this 
temperature it changes to y-ferrite with a face centred-cubic structure. 
Above 1401°C y-ferrite changes back to a body-centred cubic structure, 
but is now called 5-ferrite. 

The upper part of the curve is typical of two solids which are only partly 
miscible, and a eutectic point occurs at X, between y-ferrite, iron carbide 
and liquid. A similar triple point occurs at Y, but since it occurs in à 
completely solid region it is called a eutectoid point. A solid with the 
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eutectoid composition (a mixture of y-ferrite and iron carbide) is called 
pearlite. This is a mixture, not a compound, and is marked P in the dia- 
gram. The name pearlite refers to the mother-of-pearl-like appearance 
when examined under a microscope. The various solid regions a, y, 6 are 
the different allotropic forms of iron and all contain varying amounts of 
carbon in interstitial positions. 

Steel contains up to 2% carbon. The more carbon present, the harder 
and more brittle the alloy. When steel is heated, the solid forms austenite, 
which can be hot rolled, bent or pressed into any required shape. On 
cooling, the phases separate, and the way in which the cooling is carried 
out affects the grain size and the mechanical properties. The properties of 
steel can be changed by heat treatment such as annealing and tempering. 

Cast iron contains more than 2% carbon. Iron carbide is extremely hard, 
and brittle. Heating cast iron does not produce a homogeneous solid 
solution (similar to austenite for stéel), so cast iron cannot be worked 
mechanically, and the liquid must be cast into the required shape. 


Substitutional alloys 


If two metals are completely miscible. with each other they can form a 
continuous range of solid solutions. Examples include Cu/Ni, Cu/Au, 
K/Rb, K/Cs and Rb/Cs. In cases like these, one atom may replace another 
at random in the lattice. 

In the Cu/Au case at temperatures above 450°C a disordered structure 
exists (Figure 5.7c), but on slow cooling the more ordered superlattice may 
be formed (Figure 5.7d). Only a few metals form this type of continuous 
solid solution, and Hume-Rothery has shown that for complete miscibility 
the following three rules should apply. 
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Figure 5.6 Cu/Ni — a continuous series of solid solutions. (After W.J. Moore, 
Physical Chemistry.) 


| 136 


THE METALLIC BOND 


o o [9] o o o [9] [9) 
[9] [9] [9] [o] Oo xXx o 
(e) o o o O Xx O [e] o 
[9] o o Corn Oe xX, O 
o o o [] o [e] o [o] 
(a) pure metal lattice (b) interstitial alloy (X atoms occupy 
interstitial positions) 
e o e LÀ e [9] LJ (0) 
o o o o e [9] 
e o e o o e [0] e 
o e e. e [9] e 
e o [9] e e [9) e o 
(c) random substitutional alloy (d) superlattice (ordered substitutional alloy) 


Figure 5.7 Metal and alloy structures: (a) pure metal lattice; (b) interstitial alloy 
(X atoms occupy interstitial positions); (c) random substitutional alloy and (d) 
superlattice (ordered substitutional alloy). 


1. The two metals must be similar in size — their metallic radii must not 
differ by more than 14-15%. 

2. Both metals must have the same crystal structure. 

3. The chemical properties of the metals must be similar — in particular the 
number of valency electrons should be the same. 


Consider an alloy of Cu and Au. The metallic radii differ by only 12.5%, 
both have cubic close-packed structures, and both have similar properties 
since they are in the same vertical group in the periodic table. The two 
metals are therefore completely miscible. The Group 1 elements are 
chemically similar, and all have body-centred cubic structures. The size 
differences between adjacent pairs of atoms are Li-Na 22.4%, Na-K 
22.0%, K-Rb 9.3% and Rb- Cs 6.9%. Because of the size difference, 
complete miscibility is found with K/Rb and Rb/Cs alloys, but not with 
Li/Na and Na/K alloys. 

If only one or two of these rules is satisfied then random substitutional 
solid solutions will only occur over a very limited range at the two extremes 
of composition. 

Consider alloys of tin and lead. The radii differ by only 8.0%, and they 
are both in Group 14, and so have similar properties. However, their 
structures are different, so they are only partly miscible. (See Figure 5.8.) 
Solder is an alloy of Sn and Pb with typically about 30% Sn, but it may 
have 2-63% Sn. The phase diagram is shown in Figure 5.8. There are two 
small areas of complete miscibility, labelled a and D, at the extremes of 
composition at the extreme left and right of the diagram. With plumbers’ 


tel 
ny 
vel 
3y 
prar 
no 


(uonvurpioo2-Z] 104) (y) sjuauia[o ay) JO 


L8'l cc soz 
v1 rg sO 
[^ stc RPT 


A 4S qu 
rl L6 LTT 
3s "o x 
091 9g 

SN UN 

cV [cu 

od "t 


pa UIA, L'S AQEL 


138 THE METALLIC BOND 


400 
Liquid 
327 
300 
Solid solution p 
Solid solution a fy 
+ Liquid Liquid 
200 Solid Sn-19.5% Eutectic 232 
solution S / 


Sn = 97.4% 
Solid solution f 


Temperature (°C) 


100 100 


[ 
| 
| 
l 
I 
Solid solution a + Solid solution B 
l 
l 
| 
! 
| 
I 


| 

| 

| 

I 

| 

I 

| 

l 

| 

| 
inte —— — — 

20 40 60 80 100 

Pb Sn 
% tin (by weight) 

Figure 5.8 Phase diagram for Sn/Pb showing partial miscibility, and only a limited 
range of solid solutions. (The eutectic occurs at 62% Sn, and eutectoid points occur 
at 19.5% Sn and 97.4% Sn.) 


solder (30% Sn, 70% Pb), the liquid and solid curves are far apart, so that 
there is a temperature interval of nearly 100°C over which the solder is 
pasty, with solid solution suspended in liquid. When in this part-solid 
part-liquid state, a solder joint can be ‘wiped’ smooth. 

Similar behaviour is found with the Na/K alloy, and the Al/Cu alloy. 
The metallic radii of Na and K differ by 22.0%, so despite their structural 
and chemital similarities they only form solid solutions over a limited 
range of composition. 

In other cases where only a limited range of solid solutions are formed, 
the tendency of the different metals to form compounds instead of solu- 
tions is important. One or more intermetallic phases may exist, each of 
which behaves as a compound of the constituent metals, though the exact 
stoichiometry may vary over a limited range. For example, in the Cu/Zn 
system the metallic radii differ by only 7.0%, but they have different 
structures (Cu is cubic close-packed and Zn is hexagonal close-packed), 
and they have a different number of valence electrons. Only a limited 
range of solid solutions is expected, but the atoms have a strong tendency 
to form compounds, and five different structures may be distinguished, as 
shown in Table 5.8. 
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ALLOYS 
Table 5.8 Table of intermetailic phases 
T ——————— 
Phase Zn Composition Structure 
a 0-35% Random substitutional solid solution of Zn in Cu 
P 45-50% Intermetallic compound of approximate 
stoichiometry CuZn. 
Structure body-centred cubic 
Y 60-65% Intermetallic compound of approximate 
stoichiometry CusZng. 
Structure complex cubic 
£ 82-88% Intermetallic compound of approximate 
stoichiometry CuZn;. 
Structure hexagonal close-packed 
1 97-100% Random substitutional solid solution of Cu in Zn 


a 


1200 
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Figure 5.9 Phase diagram for Cu/Zn alloy systems. (Copyright Bohm and Klemm, 


Z. Anorg. Chem., 


243, 69, 1939.) 
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Table 5.9 Some intermetallic compounds with various 
ratios of valency electrons to number of atoms 


—————— 


Ideal formula No. of valency electrons 
No. of atoms 

CuZn 3/2 

Cu;Al 6/4 = 3/2 

Cu;Sn 9/6 — 3/2 

AgZn 3/2 p phases 

CusSi 9/6 = 3/2 

AgsAl 6/4 = 3/2 

CoZn; 3/2* 

CusZng 21/13 

CusAl, 21/13 h 

Nas;Pbs 21133 | Y Puases 

CosZn; 21/13* 

CuZn; 14 

CusSi 7/4 h 

AgsAls 14/8 = 7j4 | © Phases 

AusAls 14/8 = 7/4 


—————————— 


* Metals of the Fe, Co and Ni groups are assumed to 
have zero valence electrons for metallic bonding. 


The relation between the various phases is shown in the phase diagram 
(Figure 5.9). Each phase can be represented by a typical composition or 
ideal formula, even though it exists over a range of composition. Hume- 
Rothery studied the compositions of the phases formed and found that the 
B phase always occurs in alloys when the ratio of the sum of the valency 
electrons to the number of atoms is 3:2. In a similar way the y phase 
always occurs when the ratio is 21 : 13, and the y phase always occurs when 
the ratio is 7 : 4, irrespective of the particular metals involved (Table 5.9). 

The explanation of why similar binary metallic phases are formed at 
similar electron to atom ratios is not fully understood, but seems to lie in 
filling the electronic bands in such a way as to give the minimum energy. 


SUPERCONDUCTIVITY 


Metals are good conductors of electricity, and their conductivity increases 
as the temperature is lowered. In 1911 the Dutch scientist Heike Kamer- 
lingh Onnes discovered that metals such as Hg and Pb became supercon- 
ductors at temperatures near absolute zero. A superconductor has zero or 
almost zero electrical resistance. It can therefore carry an electric current 
without losing energy, and in principle the current can flow for ever. There 
is a critical temperature T. at which the resistance drops sharply and 
superconduction occurs. Later, Meissner and Ochsenfeld found that some 
superconducting materials will not permit a magnetic field to penetrate 
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their bulk. This is now called the Meissner effect, and gives rise to ‘levi- 
tation’. Levitation occurs when objects float on air. This can be achieved 
by the mutual repulsion between a permanent magnet and a supercon- 
ductor. A superconductor also expels all internal magnetic fields (arising 
from unpaired electrons), so superconductors are diamagnetic. In many 
cases the change in magnetic properties is easier to detect than the in- 
creased electrical conductivity, since the passage of high currents or strong 
magnetic fields may destroy the superconductive state. Thus there is also a 
critical current and critical magnetization which are linked to T.. 

A superconducting alloy of niobium and titanium, which has a T, of 
about 4K and requires liquid helium to cool it, has been known since the 
1950s. Considerable effort has been put into finding alloys which are 
superconductors at higher temperatures. Alloys of Nb3Sn, Nb3Ge, Nb3Al 
and V3Si all show superconductivity and have T. values of about 20K. It is 
interesting that these alloys all have the same f-tungsten structure. The 
Nb,Sn and and Nb3Ge alloys have T; values of 22 K and 24 K respectively. 
These alloys are used to make the wire for extremely powerful electro- 
magnets. These magnets have a variety of uses: 


1. In linear accelerators used as atom smashers for high energy particle 
physics research 

2. In nuclear fusion research to make powerful magnetic fields which act 
as a magnetic bottle for a plasma 

3. For military purposes 

4. For nuclear magnetic resonance machines in chemical laboratories and 
for imaging (which is used in diagnostic medicine). 


An extremely high current can be passed through a very fine wire made 
of a superconductor. Thus small coils with a large number of turns can be 
used to make extremely powerful high field electromagnets. Because the 
superconductor has effectively zero resistance, the wire does not get hot. 
Since there is no current loss, once the current is flowing in the coil it 
continues indefinitely. For example, in large superconducting magnets 
used in plasma research, the current used by a Nb/Ta superconducting 
alloy at 4K was only 0.3% of the current used in an electromagnet of 
similar power using copper wire for the metal turns. A major obstacle to 
the widespread use of these low temperature superconductors has been the 
very low value of the transition temperature To. The only way of attaining 
these low temperatures was to use liquid helium, which is very expensive. 

The first non-metallic superconductor was found in 1964. This was a 
metal oxide with a perovskite crystal structure and is a different type of 
superconductor from the alloys. It was of no practical use since the T, is 
only 0.01 K. 

The perovskite structure is formed by compounds of formula ABO;, 
where the oxidation states of A and B add up to 6. Examples include 
BaTiO;, CaTiO3 and NaNbYO3. The perovskite crystal structure is cubic. 
A Ca?* ion is located at the body-centred position (at the centre of the 
cube), the smaller Ti** ions are located at each corner, and the O% are 


o9 * o 


Ca Ti o 


Figure 5.10 Perovskite. 
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tructure of YBa;Cu3O;..,. 


located half-way along each of the edges of the cube. Thus the Ca?* has 
a coordination number of 12 since it is surrounded by 12 O atoms, and 
the Ti^* are surrounded octahedraliy by 6 O atoms. This structure is 
illustrated in Figure 5.10. 

Superconductivity has also been observed in certain organic materials 
with flat molecules stacked on top of each other, and in certain sulphides 
called Chevrel compounds. 

In 1986 Georg Bednorz and Alex Müller (who were working for IBM in 
Zurich, Switzerland) reported a new type of superconductor with a T, 
value of 35K. This temperature was appreciably higher than that for the 
alloys. This compound is a mixed oxide in the Ba-La-Cu-O system. 
Though originally given a different formula, it has now been reformulated 
as Lag ,)Ba,CuOq y) where x is between 0.15 and 0.20 and y is small. 
This compound has a perovskite structure based on La,CuO,. Though 
La;CuO, itself is non-conducting, superconductors can be made by re- 
placing 7.5-10% of the La?* ions by Ba?*. There is a small deficiency of 
O?-. It seems reasonable that the oxygen loss from the lattice is balanced 


by the reduction of an easily reducible metal cation, in this case Gut: 


Ofiattice) — 10; + 2e 
: 2Cu3+ + 2e > 2Cu?* 


The publication of this paper stimulated enormous interest in ‘ceramic’ 
superconductors and a flood of papers was published in 1987. Different 
laboratories prepared similar compounds, replacing Ba?* with Ca?* or 
Sr^*, substituting different lanthanides, and varying the preparative 
conditions to control the amount of oxygen. In the main syntheses stoi- 
chiometric quantities of the appropriate metal oxides or carbonates are 
heated in air, cooled, ground, heated in dioxygen and annealed. Com- 
pounds were made with T, values of about 50 K. Bednorz and Müller were 
awarded the Nobel Prize for Physics in 1987. 

Another very significant superconducting system based on the Y-Ba- 
Cu-O system was reported in March 1987 by Wu, Chu and coworkers. 
This was important because it was the first report of a superconductor 
which worked at 93K. This temperature was significant for practical 
reasons. It allows liquid nitrogen (boiling point 77 K) to be used as coolant 
rather than the more expensive liquid helium. The compound is formu- 
lated as YBa,Cu307_,. This is called the 1-2-3 system because of the 
ratio of the metals present. Like the previous La;CuO, system, the 1-2-3 
structure contains Cu and is based on a perovskite structure. This com- 
prises three cubic perovskite units stacked one on top of the other, giving 
an elongated (tetragonal) unit cell. 
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The upper and lower cubes have a Ba?* ion at the body-centred position 
and the smaller Cu?* ions at each corner. The middle cube is similar but 
has a Y?* ion at the body centre. A perovskite structure has the formula 
ABO;, and the stoichiometry of this compound would be YBa;Cu3Os. 
Since the formula actually found is YBa;CusO;.,, there is a massive 
oxygen deficiency, and about one quarter of the oxygen sites in the crystal 
are vacant. In a perovskite cube, O?- are located half-way along each of 
the 12 edges of the cube. Neutron diffraction shows that the O vacancies 
are ordered. All the O which should be present at the same height up 
the z axis as the Y atom are absent: half of the O atoms around Cu and 
between the Ba planes are also missing. 

Several lanthanides, including Sm, Eu, Nd, Dy and Yb, have been 
substituted for Y in 1-2-3 structures. Values of T, up to 93K are well 
established. These are called warm superconductors. 

In 1988 new systems were reported using Bi or TI instead of the lan- 
thanides. For example, in the system Bi;Sr;Ca,,.. ;,Cu, O5, 4; compounds 
are known where z is 1, 2, 3 and 4. These all have a perovskite structure 
and have T, values of 12K, 80K, 110K and 90K respectively. A similar 
range of compounds TI;Ba;Ca,,..;;Cu,O(?,,4; are known with T, values 
of 90K, 110K, 122K and 119K respectively. There are claims that the 
compound Bi, ;Pbo Sb, ;Sr;Ca;Cu» gO, has a T, value of 164K. 

BaBiO; has a perovskite structure, but is not a superconductor. How- 
ever, replacing some of the Ba sites with K, or replacing some of the Bi 
sites with Pb, gives other superconducting phases such as K,Bay_,)BiO3 
and BaPb(.,)Bi,Os. These compounds have relatively low T, values, but 
are of theoretical interest because they do not contain Cu or a lanthanide 
element. 

The race to discover superconductors which work at higher tempera- 
tures continues. The prospect of making superconductors which work at 
room temperature will continue to attract attention, since its technical 
applications have great financial benefits. What are these potential 
uses? 


1. The possibility of power transmission using a superconductor is highly 
attractive. There are obvious difficulties about making long cables from 
a ceramic material. However, low loss transmission of DC through 
resistanceless cables from electricity generating power stations rather 
than AC through normal wire is economically attractive. 

Use in computers. One of the biggest difficulties in further minia- 
turization of computer chips is how to get rid of unwanted heat. If 
superconductors were used, the heat problems would be dramatically 
reduced. The greater speed of chips is hindered by the time it takes to 
charge a capacitor, due to the resistance of the interconnecting metal 
film. Superconductors could lead to faster chips. 

3. Powerful electromagnets using superconducting windings are already 

used. It would be much easier to do this at higher temperatures. 

4. Levitation — much pioneering work was done by Eric Laithwaite at 


to 
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Imperial College on linear motors, and a prototype of a train wh 
floats on a magnetic field has been built in Japan. 


Superconductivity of metals and alloys is thought to involve two el 
trons at a time (Bardeen et al., 1957; Ogg, 1946). There is no one accep! 
explanation of how high temperature superconduction occurs in th 
mixed oxide (ceramic) systems. However, it seems appropriate to dr 
together the apparent facts at this time: 


1. Many, but not all, warm superconductors contain Cu. Two features 
- Cu chemistry are that it exists in three oxidation states, (+1), (+I) a 
(+III), and that Cu(II) forms many tetragonally distorted octahed 
complexes. Both of these factors may be important. In the LayCu 
compounds some Ba^* ions are substituted for La**. To balance | 
charges some Cu(II) atoms change into Cu(III). Superconductivity 
this system is thought to involve the transfer of electrons from Cu(II) 
Cu(IlI), but if the process involves two electrons as in the metal sup 
conductors it could involve electron transfer from Cu(I) to Cu(II). 

2. It is also significant that these superconductors are all related to | 
perovskite structure. 

3. Another common feature is that the oxygen deficiency seems to 
critical. There is strong evidence from neutron diffraction that | 
vacancies left by missing O are ordered. It seems reasonable to si 
pose that, since Cu is normally octahedrally surrounded by six 
atoms, when an O vacancy occurs (that is when an O is omitted), th 
two Cu atoms may interact directly with each other. Interactions st 
as Cu'-Cu!! or Cu'-Cu'! could occur by transferring an el 
tron between the two Cu atoms. Similarly superconductivity in | 
YBa,Cu;07_, is thought to be associated with the ready transfer 
electrons between Cu(I), Cu(II) and Cu(II). 
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PROBLEMS 
" 
1. List the physical and chemical properties associated with metals. 
2. Name and draw the three common crystal structures adopted by metals. 


3. Aluminium has a face-centred cubic structure. The unit cell length is 
4.05 Å. Calculate the radius of Al in the metal. (Answer: 1.43 A.) 


4. Explain why the electrical conductivity of a metal decreases as the 
temperature is raised, but the opposite occurs with semiconductors. 


5. Describe the structures of interstitial and substitutional alloys and 
outline the factors determining which is formed. 


6. What is superconductivity? What uses and potential uses are there for 
superconductors? What types of materials are superconductors? 


General properties of 
the elements 


SIZE OF ATOMS AND IONS 


Size of atoms 


The size of atoms decreases from left to right across a period in the periodic 
table. For example, on moving from lithium to beryllium one extra positive 
charge is added to the nucleus, and an extra orbital electron is also added. 
Increasing the nuclear charge results in all of the orbital electrons being 
pulled closer to the nucleus. In a given period, the alkali metal is the largest 
atom and the halogen the smallest. When a horizontal period contains ten 
transition elements the contraction in size is larger, and when in addition 
there are 14 inner transition elements in a horizontal period, the contrac- 
tion in size is even more marked. 

On descending a group in the periodic table such as that containing 
lithium, sodium, potassium, rubidium and caesium, the sizes of the atoms 
increase due to the effect of extra shells of electrons being added: this 
outweighs the effect of increased nuclear charge. 


Size of ions 


Metals usually form positive ions. These are formed by removing one or 
more electrons from the metal atom. Metal ions are smaller than the atoms 
from which they were formed for two reasons: 


l. The whole of the outer shell of electrons is usually ionized, i.e. 
removed. This is one reason why cations are much smaller than the 
original metal atom. 

2. A second factor is the effective nuclear charge. In an atom, the number 
of positive charges on the nucleus is exactly the same as the number of 
orbital electrons. When a positive ion is formed, the number of positive 
charges on the nucleus exceeds the number of orbital electrons, and the 
effective nuclear charge (which is the ratio of the number of charges on 
the nucleus to the number of electrons) is increased. This results in the 
remaining electrons being more strongly attracted by the nucleus. Thus 
the electrons are pulled in — further reducing the size. 
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GENERAL PROPERTIES OF THE ELEMENTS 


A positive ion is always smaller than the corresponding atom, and the 
more electrons which are removed (that is, the greater the charge on the 
ion), the smaller the ion becomes. 


Metallic radius Na — 1.86À Atomic radius Fe — 1.17À 
Ionic radius Na 1.02À  Ionicradius Fe** 0.780A (high spin) 
Ionic radius —Fe?* 0.645 À (high spin) 


When a negative ion is formed, one or more electrons are added to an 
atom, the effective nuclear charge is reduced and hence the electron cloud 
expands. Negative ions are bigger than the corresponding atom. 


Covalent radius Cl 0.99 Å 
Ionic radius ^ Cl 1.84À 


Problems with ionic radii 


There are several problems in obtaining an accurate set of ionic radii. 


1. Though it is possible to measure the internuclear distances in a crystal 
very accurately by X-ray diffraction, for example the distance between 
Na* and F- in NaF, there is no universally accepted formula for 
apportioning this to the two ions. Historically several different sets of 
ionic radii have been estimated. The main ones are by Goldschmidt, 
Pauling and Ahrens. These are all calculated from observed inter- 
nuclear distances, but differ in the method used to split the distance 
between the ions: The most recent values, which are probably the most 
accurate, are by Shannon (1976). 

2. Corrections to these radii are necessary if the charge on the ion is 
changed. 

3. Corrections must also be made for the coordination number, and the 
geometry. 

4. The assumption that ions are spherical is probably true for ions from 
the s- and p-blocks with a noble gas configuration, but is probably 
untrue for transition metal ions with an incomplete d shell. 

5. In some cases there is extensive delocalization of d electrons, for 
example in TiO where they give rise to metallic conduction, or in cluster 
compounds. This also changes the radii. 


Thus ionic radii are not absolute constants, and are best seen as a working 
approximation. 


Trends in ionic radii 
Irrespective of which set of ionic radii are used, the following trends are 
observed: 


1. In the main groups, radii increase on descending the group, e.g. 
Lit = 0.76À, Na* = 1.02A, K* = 1.38 À, because extra shells of 


electrons are added. 
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2. The ionic radii decrease moving from left to right across any period in 
the periodic table, e.g. Na* = 1.02A, Mg?* = 0.720A and AP* = 
0.535 A. This is partly due to the increased number of charges on the 
nucleus, and also to the increasing charge on the ions. 

3. The ionic radius decreases as more electrons are ionized off, that is as 
the valency increases, e.g. Cr^* = 0.80A (high spin), C^* = 0.615A, 
Cr** = 0.55 A, Cr+ = 0.49 À and Cr°* = 0.44 Å. 

4. The d and f orbitals do not shield the nuclear charge very effectively. 
Thus there is a significant reduction in the size of ions just after 10d or 
14f electrons have been filled in. The latter is called the lanthanide con- 
traction, and results in the sizes of the second and third row transition 
elements being almost the same. This is discussed in Chapter 30. 


IONIZATION ENERGIES 


If a small amount of energy is supplied to an atom, then an electron may 
be promoted to a higher energy level, but if the amount of energy supplied 
is sufficiently large the electron may be completely removed. The energy 
required to remove the most loosely bound electron from an isolated 
gaseous atom is called the ionization energy. 

Ionization energies are determined from spectra and are measured in 
kJ mol~'. It is possible to remove more than one electron from most 
atoms. The first ionization energy is the energy required to remove the first 
electron and convert M to M*; the second ionization energy is the energy 
required to remove the second electron and convert M* to M?*; the third 
ionization energy converts M?* to M?*, and so on. 

The factors that influence the ionization energy are: 


1. The size of the atom. 

2. The charge on the nucleus. 

3. How effectively the inner electron shells screen the nuclear charge. 
4. The type of electron involved (s, p, d or f). 


These factors are usually interrelated. In a small atom the electrons are 
tightly held, whilst in a larger atom the electrons are less strongly held. 
Thus the ionization energy decreases as the size of the atoms increases. 


Table 6.2 Ionization energies for Group 1 and 2 elements (kJ mol^!) 


* Estimated value. 
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This trend is shown, for example, by Group.1 and Group 2 elements (see 
Table 6.2), and also by the other main groups. 

Comparison of the first and second ionization energies for the Group 1 
elements shows that removal of a second electron involves a great deal 
more energy, between 7 and 14 times more than the first ionization energy. 
Because the second ionization energy is so high, a second electron is not 
removed. The large difference between the first and second ionization 
energies is related to the structure of the Group 1 atoms. These atoms have 
just one electron in their outer shell. Whilst it is relatively easy to remove 
the single outer electron, it requires much more energy to remove a second 
electron, since this involves breaking into a filled shell of electrons. 

The ionization energies for the Group 2 elements show that the first 
ionization energy is almost double the value for the corresponding Group 1 
element. This is because the increased nuclear charge results in a smaller 
size for the Group 2 element. Once the first electron has,been removed, 
the ratio of charges on the nucleus to the number of orbital electrons (the 
effective nuclear charge) is increased, and this reduces the size. For 
example, Mg* is smaller than the Mg atom. Thus the remaining electrons 
in Mg* are even more tightly held, and consequently the second ionization 
energy is greater than the first. Removal of a third electron from a Group 
2 element is very much harder for two reasons: 


1. The effective nuclear charge has increased, and hence the remaining 
electrons are more tightly held. 

2. Removing another electron would involve breaking a completed shell of 
electrons. 


The ionization energy also depends on the type of electron which is 
removed. s, p, d and f electrons have orbitals with different shapes. An s 
electron penetrates nearer to the nucleus, and is therefore more tightly 
held than a p electron. For similar reasons a p electron is more tightly held 
than a d electron, and a d electron is more tightly held than an f 
electron. Other factors being equal, the ionization energies are in the order 
s >p >d > f. Thus the increase in ionization energy is not quite smooth 
on moving from left to right in the periodic table. For example, the first 
ionization energy for a Group 13 element (where a p electron is being 
removed) is actually less than that for the adjacent Group 2 element 
(where an s electron is being removed). 

In general, the ionization energy decreases on descending a group and 
increases on crossing a period. Removal of successive electrons becomes 


Table 6.3 Comparison of some first ionization energies (kJ mol” ') 


C N Ne 
1086 1403 2080 
Si P Ar 
786 1012 1521 
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lonization enthalpy (kJmol-*) 


Atomic number 


Figure 6.1 First ionization energies of the elements. 


more difficult and first ionization energy < second ionization energy < 
third ionization energy. There are a number of deviations from these 
generalizations. 

The variation in the first ionization energies of the elements are shown in 
Figure 6.1. The graph shows three features: 


1. The noble gases He, Ne, Ar, Kr, Xe and Rn have the highest ionization 
energies in their respective periods. 

2. The Group 1 metals Li, Na, K and Rb have the lowest ionization 
energies in their respective periods. 

3. There is a general upward trend in ionization energy within a horizontal 
period, for example from Li to Ne or from Na to Ar. 


The values for Ne and Ar are the highest in their periods because a great 
deal of energy is required to remove an electron from a stable filled sheil of 
electrons. 

The graph does not increase smoothly. The values for Be and Mg are 
high, and this is attributed to the stability of a filled s level. The values for 
N and P are also high, and this indicates that a half-filled p level is also 
particularly stable. The values for B and Al are lower because removal of 
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one electron leaves a stable filled s shell, and similarly with O and S a stable 
half-filled p shell is left. 


Electronic arrangements with extra stability 


Filled s level 


Half-filled p level 


Completely full — noble gas structure 


In general the first ionization energy decreases in a regular way on 
descending the main groups. A departure from this trend occurs in Group 
13, where the expected decrease occurs between B and AI, but the values 
for the remaining elements Ga, In and TI do not continue the trend, and 
are irregular. The reason for the change at Ga is that it is preceded by ten 
elements of the first transition series (where the 3d shell is being filled). 
This makes Ga smaller than it would otherwise be. A similar effect is 
observed with the second and third transition series, and the presence of 
the three transition series not only has a marked effect on the values for 
Ga, In and TI, but the effect still shows in Groups 14 and 15. 


Table 6.5 Ionization energies for Group 13 
elements (kJ mol-!) 


Ist 2nd 3rd 
B 801 2427 3659 
Al 577 1816 2744 
Ga 579 1979 2962 
In. 558 1820 2704 
TI 589 1971 2877 


The ionization energies of the transition elements are slightly irregular, 
but the third row elements starting at Hf have lower values than would be 
expected due to the interpolation of the 14 lanthanide elements between 
La and Hf. 


ELECTRON AFFINITY 


The energy released when an extra electron is added to a neutral gaseous 
atom is termed the electron affinity. Usually only one electron is added, 
forming a uninegative ion. Since energy is evolved these terms have a 
negative sign. Electron affinities depend on the size and effective nuclear 
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Table 6.6 Some electron affinity values (kJ mol~') 


He— He 54 


20- 702 Si $8 7-332 
>F -33 Cl = CI —348 Br — Br" -324 Ir -295 


charge. They cannot be determined directly, but are obtained indirectly 
from the Born-Haber cycle. 

Negative electron affinity values indicate that energy is given out when 
the atom accepts an electron. The above values show that the halogens all 
evolve a large amount of energy on forming negative halide ions, and it is 
not surprising that these ions occur in a large number of compounds. 

Energy is evolved when one electron is added to an O or S atom, 
forming the species O^ and S^, but a substantial amount of energy is 
absorbed when two electrons are added to form O?- and S?- ions. Thus the 
electron affinities for O—O?- and S—S?- have a positive sign. Even 
though it requires energy to form these divalent ions, compounds contain- 
ing these ions are known. It follows that the energy required to form the 
ions must come from some other process, such as the lattice energy when 
the ions are packed together in a regular way to form a crystalline solid, or 
from solvation energy in solution. It is always dangerous to consider one 
energy term in isolation, and a complete energy cycle should be considered 
whenever possible. 


BORN-HABER CYCLE 


This cycle devised by Born and Haber in 1919 relates the lattice energy 
of a crystal to other thermochemical data. The energy terms involved in 
building a crystal lattice such as sodium chloride may be taken in steps. The 
elements in their standard state are first converted to gaseous atoms, and 
then to ions, and finally packed into the crystal lattice. 

The enthalpies of sublimation and dissociation and the ionization energy 
are positive since energy is supplied to the system. The electron affinity and 
lattice energy are negative since energy is evolved in these processes. 

According to Hess's law, the overall energy change in a process depends 
only on the energy of the initial and final states and not on the route taken. 
As can be seen from Fig. 6.2 the enthalpy of formation of AH; is the 
algebraic sum of the terms going round the cycle (paying heed to the 
exothermic or endothermic nature of each step). 


AH, = AH, + 1+ 4AH, +E + U 
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Figure 6.2 Born- Haber cycle for the formation of NaCl. 


All the terms except the lattice energy and electron affinity can be 
measured. Originally the cycle was used to calculate electron affinities. By 
using known crystal structures, it was possible to calculate the lattice 
energy, and hence values were obtained for the electron affinity. 


AH, = +AH, +1 +4Hy +E+U 
For NaCl 381.2 = +108.4 + 495.4 + 120.9 + E — 757.3 
hence E = —348.6kJ mol! 


Now that some electron affinity values are known, the cycle is used to 
calculate the lattice energy for unknown crystal structures. 

It is useful to know the lattice energy, as a guide to the solubility of the 
crystal. When a solid dissolves, the crystal lattice must be broken up (which 
requires that energy is put in). The ions so formed are solvated (with the 
evolution of energy). When the lattice energy is high a large amount of 
energy is required to break the lattice. It is unlikely that the enthalpy of 
solvation will be big enough (and evolve sufficient energy to offset this), so 
the substance will probably be insoluble. 
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Table 6.7 Comparison of theoretical and experimental lattice energies 


"Theoretical lattice Born- Haber % difference 
energy lattice energy 
(kJ mol!) (kJ mol!) 
LiCl —825 —817 0.8 
NaCl —764 —764 0.0 
KCl —686 —679 1.0 
KI —617 —606 1.8 
CaF, . —2584 —2611 1.0 
Cdl; —1966 —2410 22.6 


The ‘noble behaviour’ of many transition metals, that is their resistance 
to chemical attack, is related to a similar series of energy changes. Noble 
character is favoured by a high heat of sublimation, high ionization energy 
and low enthalpy of solvation of the ions. 

Lattice energies may also provide some information about the ionic/ 
covalent nature of the bonding. If the lattice energy is calculated theoreti- 
cally assuming ionic bonding then the value can be compared with the 
experimental value for the lattice energy obtained from the experimentally 
measured quantities in the Born—Haber cycle. Close agreement indicates 
that the assumption that bonding is ionic is in fact true, whilst poor agree- 
ment may indicate that the bonding is not ionic. A number of lattice 
energies are compared in Table 6.7. The agreement is good for all the 
compounds listed except for Cdl, confirming that these are ionic. The 
large discrepancy for Cd], indicates that the structure is not ionic, and in 
fact it forms a layer structure which is appreciably covalent. 


POLARIZING POWER AND POLARIZABILITY — FAJANS’ RULES 


Consider making a bond theoretically by bringing two ions A* and B^ 
together to their equilibrium distance. Will the bond remain ionic, or will it 
become covalent? Ionic and covalent bonding are two extreme types of 
bonding, and almost always the bonds formed are intermediate in type, 
and this is explained in terms of polarizing (that is deforming) the shape of 
the ions. 

The type of bond between A* and B^ depends on the effect one ion has 
on the other. The positive ion attracts the electrons on the negative ion and 
at the same time it repels the nucleus, thus distorting or polarizing the 
negative ion. The negative ion will also polarize the positive ion, but since 
anions are usually large, and cations small, the effect of a large ion on a 
small one will be much less pronounced. If the degree of polarization is 
quite small, then the bond remains largely ionic. If the degree of polariza- 
tion is large, electrons are drawn from the negative ion towards the positive 
ion, resulting in a high concentration of electrons between the two nuclei, 
and a large degree of covalent character results. 
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The extent to which ion distortion occurs depends on the power of an ion 
to distort the other ion (that is on its polarizing power) and also on how 
susceptible the ion is to distortion (that is on its polarizability). Generally 
the polarizing power increases as ions become smaller and more highly 
charged. The polarizability of a negative ion is greater than that of a 
positive ion since the electrons are less firmly bound because of the dif- 
ferences in effective nuclear charge. Large negative ions are more polariz- 
able than small ones. 

Fajans put forward four rules which summarize the factors favouring 
polarization and hence covalency. 


1. A small positive ion favours covalency. 
In small ions the positive charge is concentrated over a small area. This 
makes the ion highly polarizing, and very good at distorting the negative 
ion. 

2. A large negative ion favours covalency. 
Large ions are highly polarizable, that is easily distorted by the positive 
ion, because the outermost electrons are shielded from the charge on 
the nucleus by filled shells of electrons. 

3. Large charges on either ion, or on both ions, favour covalency. 
This is because a high charge increases the amount of polarization. 

4. Polarization, and hence covalency, is favoured if the positive ion does 
not have a noble gas configuration. 
Examples of ions which do not have a noble gas configuration include 
a few main group elements such as TI*, Pb?* and Bi^*, many transi- 
tion metal ions such as Ti**, V?*, Cr^*, Mn?* and Cu*, and some 
lanthanide metal ions such as Ce?* and Eu2*. A noble gas configuration 
is the most effective at shielding the nuclear charge, so ions without the 
noble gas configuration will have high charges at their surfaces, and thus 
be highly polarizing. 


ELECTRONEGATIVITY 


In 1931, Pauling defined the electronegativity of an atom as the tendency 
of the atom to attract electrons to itself when combined in a compound. 

The implication of this is that when a covalent bond is formed, the 
electrons used for bonding need not be shared equally by both atoms. If 
the bonding electrons spend more time round one atom, that atom will 
have a 8^ charge, and consequently the other atom will have a ô* charge. 
In the extreme case where the bonding electrons are round one atom all of 
the time, the bond is ionic. Pauling and others have attempted to relate 
the electronegativity difference between two atoms to the amount of ionic 
character in the bond between them. 

Generally, small atoms attract electrons more strongly than large ones, 
and hence small atoms are more electronegative. Atoms with nearly filled 
shells of electrons tend to have higher electronegativities than those with 
sparsely occupied ones. Electronegativity values are very difficult to 
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measure. Even worse, a particular type of atom in different molecules may 
well be in a different environment. It is unlikely that the electronegativity 
of an atom remains constant regardless of its environment, though it is 
invariably assumed that it is constant. Some of the more important ap- 
proaches to obtaining electronegativity values are outlined below. 


Pauling 
Pauling pointed out that since reactions of the type: 
A2 + B; —> 2AB 


are almost always exothermic, the bond formed between the two atoms 
A and B must be stronger than the average of the single bond energies 
of A—A and B—B molecules. For example: 

Hogas) + Fagas) — 2HF (gas) AH = -5393 kJ mol^' 

Hagas) + Cb(gas) > 2HCligas) AH = —1852kJ mol"! 

Hogas) + Bragas) > 2HBrigasy) AH = —727 kJ mol! 


The bonding molecular orbital for AB (pasg) is made up from contri- 
butions from the wave functions for the appropriate atomic orbitals (p 


and yg). 
ap = (Wa) + constant (Ys) 


If the constant is greater than 1, the molecular orbital is concentrated on 
the B atom, which therefore acquires a partial negative charge, and the 
bond is partly polar. 

LOHN Y 

A——B 
Conversely. if the constant is less than 1, atom A gains a partial negative 
charge. Because of this partial ionic character, the A—B bond is stronger 
than would be expected for a pure covalent bond. The extra bond energy is 
called delta A. 


= (actual bond energy) — (energy for 100% covalent bond) 


The bond energy can be measured, but the energy of a 100% covalent 
bond must be calculated. Pauling suggested the 100% covalent bond 
energy be calculated as the the geometric mean of the covalent energies of 
A—A and B—B molecules. 
Eos coven A—B = V(Ea—a - Ep—s) 
The bond energy in A—A and B—B molecules can be measured and so: 
= (actual bond energy) — V(Ea—a. Es—B) 


Pauling states that the electronegativity difference between two atoms is 
equal to 0.208/A. where A is the extra bond energy in kcal mol` 
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(Converting the equation to SI units gives 0.1017//A, where A is measured 
in kJ mol.) 

Pauling evaluated 0.208/A for a number of bonds and called this the 
electronegativity difference between A and B. Repeating Pauling's cal- 
culation with SI units for energy, we can evaluate 0.1017y/A: 


Ch ŘaaaaaaaaaaaaaaaaaiaaaiħōI 


Bond A(kJ mol” ') 0.1017yA 

C—H 24.3 0.50 ie. xC — xH = 0.50 
H—Gl 102.3 1.02 i.e. XCl — xH = 1.02 
N—H 105.9 1.04 ie. xN — xH = 1.04 


(x (chi) = electronegativity of atom) 


If xH = 0 then the electronegativity values for C, Cl and N would be 0.50, 
1.02 and 1.04 respectively. Pauling changed the origin of the scale from yH 
= 0 to xH = 2.05 to avoid having any negative values in the table of values, 
and this made the value for C become 2.5 and the value for F become 4.0. 
At the same time the values for a number of other elements approximated 
to whole numbers: Li = 1.0, B = 2.0, N = 3.0. Thus by adding 2.05 to the 
values calculated in this way we can obtain the usually accepted 
electronegativity values (Table 6.8). 

If two atoms have similar electronegativities, that is a similar tendency to 
attract electrons, the bond between them will be predominantly covalent. 
Conversely a large difference in electronegativity leads to a bond with a 
high degree of polar character, that is a bond that is predominantly ionic. 

Rather than have two extreme forms of bond (ionic and covalent), 
Pauling introduced the idea that the ionic character of a bond varies with 


Table 6.8 Pauling's electronegativity coefficients (for the most 
common oxidation states of the elements) 


H 

24 
Li Be B C N oO F 
1.0 1.5 2.0 2.5 3.0 BS 4.0 
Na CI 
0.9 3.0 
K Br 
0.8 2.8 
Rb I 
0.8 25 
Cs 
0.7 
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Figure 6.3 Electronegativity difference. 


the difference in electronegativity as shown in Figure 6.3. This graph is 
based on the ionic characters HI 4% ionic, HBr 11%, HCI 19% and HF 
45%, which are known from dipole measurements. Fifty per cent ionic 
character occurs when the electronegativity difference between the atoms 
is about 1.7, so for a larger difference than this a bond is more ionic than 
covalent, Similarly, if the electronegativity difference is less than 1.7, the 
bond is more covalent than ionic. It is better to describe a bond such as one 
of those in BF; as 63% ionic, rather than just ionic. 


Mulliken 


In 1934, Mulliken suggested an alternative approach to electronegativity 
based on the ionization energy and electron affinity of an atom. Consider 
two atoms A and B. If an electron is transferred from A to B, forming ions 
A* and B^, then the energy change is the ionization energy of atom A (Z4) 
minus the electron affinity of atom B (Eg), that is /4 — Eg. Alternatively, 
if the electron was transferred the other way to give B* and A ions, then 
the energy change would be /g — Ea. If A* and B^ are-actually formed, 
then this process requires less energy, and 


(JA — Eg) < (Is - Ea) 
Rearranging 
Ua + Ea) € (Ip + Eg) 
Thus Mulliken suggested that electronegativity could be regarded as the 
average of the ionization energy and the electron affinity of an atom. 
(1 + E) 
2 


Mulliken used / and E values measured in electron volts, and the values 
were about 2.8 times larger than the Pauling values. We now measure / and 


Electronegativity — 
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E in kJ mol^*. The energy leV/molecule = 9648kJmol ', so the 
commonly accepted Pauling values are more nearly obtained by perform- 
ing this calculation (7 + &)/(2 x 2.8 x 96.48) or (/ + E)/S40 

This method has a simple theoretical basis, and also has the advantage 
that different values can be obtained for different oxidation states of the 
same clement. It suffers from the limitation that only a few electron 
affinities are known. It is more usual to use the approach based on bond 
energies. 


Allred and Rochow 


In 1958 Allred and Rochow considered electronegativity in a different way 
and worked out values for 69 elements, (See Further Reading.) They 
defined electronegativity as the attractive force between a nucleus and an 
electron at a distance equal to the covalent radius, This force F is 
electrostatic, and is given by: 


€. Zeta 
Fe tT 
where e is the charge on an electron, r is the covalent radius, and Zeren: 
is the effective nuclear charge. The latter is the nuclear charge modificd 
by screening factors for the orbital electrons. The screening factors vary 
depending on the principal quantum number (the shell that the electron 
occupies), and the type of electron, s, p, d or f. Screening factors have been 
worked out by Slater, so this provides a convenient method of calculating 
electronegativity values. These F values may be converted to clectronega- 
tivity values on the Pauling scale of values using an empirical relationship 

x" 0,744 + d 

The electronegativity values so obtained agree quite closely with those 
obtained by Pauling and Mulliken. 

As the oxidation number of an atom increases, the attraction for the 
electrons increases, so the electronegativity should also increase. Allred 
and Rochow's method gives slightly different values: 

Mo(ll) 2.18 Fe) 183 THI) (162 Sail) 1.80 

Moit) 2.19 Fe(II) 1.96 THEM) 204  Sn(IV) 1.96 

Mo(IV) 2.24 

Mo(V) 2:7 

Mo(VI) 2.35 
Allred and Rochow's method depends on measuring covalent radii (and 
these are obtained with great accuracy by X-ray crystallography) so it 


might be expected to yield very accurate clectronegativity valucs. This i$ 
not so, because although the interatomic distances can be measured very 


L o 771. NEN 


precisely, covalent radii are much less well known because the multiply 
of the bond is not known for certain, that i the bond may posses some 


The electronegativity values given in this book are these due to Pauling, 


this purpose, it is worth remembering à few electronegativity values (see 
Table 6.8). From these it is possible to make a reasonable guess at the 
values for other elements, and hence predict the nature of the bonds 
formed. Bonds between atoms with smitar electronegativity values will be 
largely non-polar (covalent), and bonds between atoms with a large cleo 
tronegativity difference will be largely polar (ionic). Predictions using 
clectronegativity in general agree with those made using Fajam rules. 
The basic properties of elements are inversely related to the electro- 
negativity, Thus on descending one of the main groups. the electro- 
negativity decreases, and basic properties increase. Similarly, on 
acros a period the elements become more electronegative, and less 


METALLIC CHARACTER 


Metals ure electropositive and have a tendency to lose electrom, if 
supplied with energy: 


Strongly clectropositive elements give sonic compounds Metalle: oxides 
and hydroxides are basic since they komze, and pve hydroryi wms 
"NaOH — Na* + OH“ 
CaO + HO - Ca^* * 20H 
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Oxides which are insoluble in water cannot produce OH” in this way, and 
these are regarded as basic if they react with acids to form salts. Thus in the 
main groups of the periodic table, basic properties increase on descending 
a group because the elements become more electropositive and more ionic. 
However, this generalization does not hold for the d-block, and parti- 
cularly for the central groups of transition elements (Cr, Mn, Fe, Co, Ni) 
where basicity and the ability to form simple ions decreases on descending 
the group. 

The degree of electropositivity is shown in a variety of ways. Strongly 
electropositive elements react with water and acids. They form strongly 
basic oxides and hydroxides, and they react with oxoacids to give stable 
salts such as carbonates, nitrates and sulphates. Weakly electropositive 
elements are unaffected by water and are much less readily attacked by 
acids. Their oxides are frequently amphoteric, and react with both acids 
and alkalis. They are not basic enough to form stable carbonates. 

The electropositive nature of a metal is also shown in the degree of 
hydration of the ions. In the change M* to [(H20),, > M]* the positive 
charge becomes spread over the whole complex ion. Since the charge is 
no longer localized on the metal, this is almost the same as the change 
M* — M. Strongly electropositive metals have a great tendency to the 
opposite change, M — M*, so that they are not readily hydrated. The less 
electropositive the metal, the weaker the tendency M — M* and the 
stronger the degree of hydration. Thus the elements in Group 2 are less 
electropositive than those of Group 1, and Group 2 ions are more heavily 
hydrated than those in Group 1. The degree of hydration also decreases 
down a group, e.g. MgCl; - 6H;O and BaCl;-2H;O. 

Salts of strongly electropositive metals have little tendency to hydrolyse 
and form oxosalts. Since the metal ion is large, it has little tendency to form 
complexes. On the other hand, salts of weakly electropositive elements 
hydrolyse and may form oxosalts. Because they are smaller, the metal ions 
have a greater tendency to form complexes. 


VARIABLE VALENCY AND OXIDATION STATES 


In the s-block the oxidation state is always the same as the group number. 
For p-block elements, the oxidation state is normally (the group number — 
10) or (18 — the group number). Variable valency does occur to a limited 
extent in the p-block. In these cases the oxidation state always changes by 
two, e.g. TICl; and TICI, SnCl, and SnCl;, PCl; and PCl;, and is due to a 
pair of electrons remaining paired and not taking part in bonding (the inert 
pair effect). The term oxidation state is preferred to valency. The oxidation 
state may be defined as the charge left on the central atom when all the 
other atoms of the compound have been removed in their usual oxidation 
states. Thus Tl shows oxidation states of (+III) and (+1), Sn of (--IV) and 
(+II), and P of (+V) and (+III). The oxidation number can be calculated 
equally well for ionic or covalent compounds, and without knowing the 
types of bonds. The oxidation number of S in H5SO, can be worked out as 
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follows. O usually has an oxidation state of (—II) (except in O, and O37), 
H usually has an oxidation state of (+I) (except in H and H^). The sum of 
the oxidation numbers of all the atoms in H5SO, is zero, so: 


(2 x 1) + (S=) + (4 x -2) =0 


Thus x, the oxidation state of S, is (+ VI). In the case of the oxidation state 
of Mn in KMnO,, the compound ionizes into K* and MnOj ions. In 
MnO, the sum of the oxidation states is equal to the charge on the ion, so: 


Mn‘ + (4x -2) = -1 


Thus x, the oxidation state of Mn, is 7, i.e. (+ VII). 

One of the most striking features of the transition elements is that the 
elements usually exist in several different oxidation states. Furthermore, 
the oxidation states change in units of 1, e.g. Fe?* and Fe?*, Cu?* and 
Cu*. This is in contrast to the s-block and p-block elements. The reason 
why this occurs is that a different number of d electrons may take part in 
bonding. 

Though the oxidation number is the same as the charge on the ion for 
ions such as TI* and TI^*, the two are not necessarily the same. Thus Mn 
exists in the oxidation state (+VII) but Mn?* does not exist, as KMnO4 
ionizes into K* and MnO;. 


STANDARD ELECTRODE POTENTIALS AND 
ELECTROCHEMICAL SERIES 


When a metal is immersed in water, or a solution containing its own ions, 
the metal tends to lose positive metal ions into the solution. Thus the metal 
acquires a negative charge. 


M"* (hydrated) + ne = M(solid) 


The size of the electric potential E set up between the two depends on the 
particular metal, the number of electrons involved, the activity of the ions 
in solution, and the temperature. E° is the standard electrode potential, 
which is a constant for any particular metal and is in fact the electrode 
potential measured under standard conditions of temperature and with 
unit activity. These terms are related by the equation: 


RT 
E-E? CES In (1/ayn +) 


(where R is the gas constant, T the absolute temperature, ayn + the activity 
of the ions in solution, n the valency of the ion and F the Faraday). For most 
purposes, the activity, ay/t +, may be replaced by the concentration of ions 
in solution. 

The potential of a single electrode cannot be measured, but if a second 
electrode of known potential is placed in the solution, the potential dif- 
ference between the two electrodes can be measured. The standard against 
which all electrode potentials are compared is the hydrogen electrode. 
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Table 6.10 Standard electrode potentials 
(volts at 25°C) 


Li* | Li -3.05 
K*|K —2.93 
Ca^ | Ga —2.84 
AP* | Al —1.66 
Mn?* | Mn —1.08 
Zn?* | Zn —0.76 
Fe?* | Fe —0.44 
Cd?* | Cd —0.40 
CoS Ep. —0.27 
Ni?* | Ni —0.23 
Sn?* | Sn -0.14 
Pb?* | Pb —0.13 
H+ | H, 0.00 
Cu” | Cu +0.35 
Ag* | Ag +0.80 
Au?* | Au +1.38 


Table 6.11 Standard electrode potentials (V) 


O: | OH™ +0.40 
Hi +0.57 
Br; | Br- +1.07 
(er ters 41.36 
F,|F- +2.85 


(This comprises a platinized platinum electrode, which is saturated with 
hydrogen at one atmosphere pressure and immersed in a solution of H30 * 
at unit activity. The potential developed by this electrode is arbitrarily 
fixed as zero.) 

If the elements are arranged in order of increasing standard electrode 
potentials, the resulting Table 6.10 is called the electrochemical series. 

Electrode potentials can also be measured for elements such as oxygen 
and the halogens which form negative ions (Table 6.11). 

In the electrochemical series the most electropositive elements are at the 
top and the least electropositive at the bottom. The greater the negative 
value of the potential, the greater is the tendency for a metal to ionize. 
Thus a metal high in the electrochemical series will displace another metal 
lower down the series from solution. For example, iron is above copper in 
the electrochemical series, and scrap iron is sacrificed to displace Cu^* ions 
from solution of CuSO, in the recovery of metallic copper. 


Fe + Cv?* — Cu + Fe?* 


In the Daniell cell zinc displaces copper from copper salts in solution. This 
causes the potential difference between the plates. 
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Table 6.12 Some standard reduction potentials in acid solution at 25°C (volts) 
a 


Group I 

Lit +e Li 

Kt *e—K 

Rb* + e— Rb 
Cst + e > Cs 
Na* + e — Na 


Group 2 

Ba^* + 2e > Ba 
Srt + 2e > Sr 
Ca?* + 2e —> Ca 
Mg'* + 2e — Mg 
Be^* 4 2e — Be 


Group 13 

AI'* + 3e— Al 
Gat + 3e > Ga 
In^* + 3e > In 
Tit  e— TI 
TI* + 2e — TI* 


Group 14 

SiO; + 4e > Si 
PbSO, + 2e — Pb 
CO; + 4e > C 
GeQ, + 4e > Ge 
Sn** + 2e — Sn 
Pb?* + 2e — Pb 
Si + 4e > SiH, 

C + 4e — CH, 
Sn** + 2e 5 Snt 
PbO; + 2e — PbSO, 


E" 
—3.05 
=2.93 
22:93 
22092 
-2.71 


=2.0) 
—2.89 
—2.87 
::2:37 
SEBS 


—1.66 
—0.53 
—0.34 
—0.34 
+1.25 


—0.86 


' 20.36 


—0.20 
-0.15 
—-0.14 
—0.13 
0.10 
+0.13 
+0.15 
+1.69 


Group 15 

As 3e — AsH, 

Sb + 3e — SbH; 
H,PO, + e — P 
HPO, + 2e — H;PO; 
HPO, + 2e > H;PO; 
ÍN; + 3e > NH,* 

IN; + 2e — IN; Hs* 

P + 3e— PH, 

Isb,0, + 3e > Sb 
HASO, + 3e > As 
H,AsO, + 2e > HAsO, 
HN, + 8e — 3NH,* 
NO, + 3e NO 
HNO, + e — NO 
4N,0, + 2e + NO 
4N,Ht + 2e > NH,* 
NH,OH + 2e > NH,* 


Group 16 

Te + 2e — H;Te 

Se + 2e — H;Se 
$,04- + 2e — 28,04 
S + 2e —^ H;S 

HSO; + 2e > H;SO; 
H,SO, + 2e > 4S,0,2> 
H.SO, + 4e > S 
4H:S0; + 6e — $,04- 
$,04- + 2e — 2H;S0, 
D; + 2e = H;0; 
H,SeO, + 4e — Se 
SeO,^- + 2e > H;SeO, 
40, + 2e + H,O 

H:O; + 2e — 2H;0 
S047 + 2e — 28047 
O; + 2e O; 


E" 
—0.60 
—0.51 
2:051 
—0.50 
—0.28 
—0.27 
—-0.23 
+0.06 
+0.15 
0.25 
*0.56 
+0.69 
+0.96 
+1.00 
+1.03 
+1.28 
+1.35 


—0.72 
—0.40. 
+0.08 
+0.14 
+0.17 
+0.40 
+045 
+0.51 
+0.57 
+0.68 
0.74 
HENS 
+1.23 
+1.77 
+2.01 
+2.07 


Group 17 

ly + 2e > 317 

Bry + 2e — 3Br^ 
2ICl; + 2e— I, 
Br; + 2e — 2Br^ 
210; + 10e > I; 
Cl, + 2e — 2CI- 
2HOI + 2e > I; 
HIO, + 2e — IO; 
2HOCI + 2e > Cl, 
F; + 2e > 2F^ 


Transition Metals 
Lat + 3e — La 
Sc** + 3e — Sc 
Mn?* + 2e — Mn 
Zn** + 2e > Zn 
Cr* + 3e > Cr 

Fe?* + 2e Fe 

Crt + e= Crt 
Cd?* + 2e — Cd 
Ni?* + 2e Ni 

Cu?* + e —> Cut 
Hg:Clz + 2e + 2Hg 
Cu?* + 2e 5 Cu 
[Fe(CN)q]*~ + e — [Fe(CN)4]*- 
Cut + e — Cu 

Cu?* + e > CuCl 
MnO; + e — MnOi 
Fe** + e— Fet 
Hgi* + 2e — 2Hg 
2Hg'* + 2e — Hgi* 
MnO, + 2e — Mn?* 
{CNO} + 3e > Cr+ 
MnO; + 5e — Mn?* 
NiO; + 2e > Ni?* 
MnO; + 3e > MnO, 


E? 
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Table 6.12 is a table of standard reduction potentials, From this table we 
can see that the standard reduction potential for Cu** /Cu is 0.35 V. What 
does this mean? 

Cu! * /Cu is referred to as a redox couple and as written it refers to the 
half reaction (ot electrode reaction) 


Cu?’ + 2e7 — Cu 


in redox couples are written ox/red where ox is the oxidized form 
is written on the left and red is the reduced form and is written on 
the right. 

Standard reduction potential value» are determined relative to a 
hydrogen electrode, that i» the redox couple H/H: at 25°C for IM 
concentrations (or one atmosphere pressure) of all chemical species in the 
equations. (The concentration of water is included in the constant ) 

Thus, Cu’/Cu E* = 40.35 V really means that the standard reduction 
potential of the reaction is 0.35 V. 


Cu + H;^2H* «Cu Et 0 40MV (6.1) 
Similarly the standard reduction potential of the couple Zn */Zn i = 0 7V 
Zn?* +H, 2H* + Za — EX = -076V (6.2) 


Subtracting equation (6.2) from (6.1) gives 
Cw* «Zn- Cur Zm* E= 40,35 - (7076) = *1.10V 


Both of the standard potentials are relative to the H'/Hy couple and 
therefore H” and H; disappear when the Cu?" /Cu couple is combined with 
the Zn * /Zn couple. 

From experience the oxidized forms of couples of high positive poten 
tial, for example MnO, + $e — Mn?” E* = * L4 V, are termed strong 
oxidizing agents. Conversely the reduced forms of couples of high negative 
potential, for example Li” + è — Li E’ 05V. are termed strong 

agents. It follows that at some intermediate potential the oxkitz 
ing power of the oxidized form and the reducing power of the reduced form 
are similar. What is the value of this potential at which there is a change 
over from oxidizing to reducing properties? The first point to note js that i! 
is not at Ò V, the value assigned arbitrarily to the H */H couple: hydrogen n 
known to be a reducing agent. A group of chemical species which are used 


Thus from experience, as a general rule of thumb we can say thal it 
E* = OSV. then the oxidized and reduced forms are of about equal 
stability in redox processes. 

It is not very discriminating to term a metal a reducing agent ment 
metals may be called reducing agents. Ir is useful to divide metals into fowr 
groups in regard to the case of reduction of their metal ions 


^" — — E "X -— P 


V. The noble metals (with A" more pontine than 
2 Metals which ane easly reduced (eg wh oote) (2° 0 (509) V) 
LU Mraeition wetals (7 (05) - (15) V) shih am 
by redata with 
4 The metal (0° more angalie than —1 3 V) shid eun 
LI by ehectiiemscal rodat 


Pa 64 Do colin. ln aai qune) (lem, fm He Pers img stony 
coco) er entendi quem 
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Consider first a transition metal. Most transition metals have high 
melting points: hence the enthalpy of sublimation is high. Similarly they 
are fairly small atoms and have high ionization energies. Thus the value for 
the electrode potential E is low, and the metal has little tendency to form 
ions: hence it is unreactive or noble. 

In contrast the s-block metals (Groups 1 and 2) have low melting points 
(hence low enthalpies of sublimation), and the atoms are large and there- 
fore have low ionization energies. Thus the electrode potential E is high 
and the metals are reactive. 

Electrons are lost when a substance is oxidized and electrons are gained 
when it is reduced. A reducing agent must therefore supply electrons, and 
elements having large negative electrode potentials are strong reducing 
agents. The strengths of oxidizing and reducing agents may be measured by 
the size of the potential between a solution and an inert electrode. 
Standard reduction potentials are obtained when the concentrations of 
oxidized and reduced forms are 1 M, and the potential developed is meas- 
ured against a standard hydrogen electrode. The most powerful oxidizing 
agents have a large positive oxidation potential and strong reducing agents 
have a large negative potential. Standard oxidation potentials allow us to 
predict which ions should oxidize or reduce other ions. The potentials 
indicate if the energy changes for the process are favourable or unfavour- 
able. It is important to realize that though the potentials may suggest that a 
reaction is possible, they do not give any kinetic information concerning 
the rate of the reaction. The rate of the reaction may be very fast or slow, 
and in some cases a catalyst may be required for it to occur at all — for 
example in the oxidation of sodium arsenite by ceric sulphate. 


OXIDATION- REDUCTION REACTIONS 


Oxidation is the removal of electrons from an atom, and reduction is the 
addition of electrons to an atom. The standard electrode potentials given in 
Table 6.10 are written by convention with the oxidized species on the left, 
and the reduced species on the right. 


Li*|Li E* = —3.05 volts 


M 


or 


Lit + e> Li E° = —3.05 volts 


The potential developed by the half cell is therefore written as a reduction 
potential, since electron(s) are being added. A fuller list of reduction 
potentials in acid solution is given in Table 6.12. 

Oxidation- reduction (redox) potentials can be used to great advantage 
in explaining oxidation- reduction reactions in aqueous solution. The 
reduction potential is related to energy by the equation: 


AG = —nFE? 


(where AG is the change in Gibbs free energy. n the valency of the ion, F 
the Faraday and E^ the standard electrode potential). This is really an 
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application of thermodynamics. Ultimately whether a reaction occurs or 
not depends on energy. A reaction will not proceed if the free energy 
change AG is positive, and thus thermodynamics saves us the trouble 
of trying the reaction. If AG is negative, then the reaction is thermo- 
dynamically possible. It does not follow that because a reaction is thermo- 
dynamically possible, it will necessarily occur. Thermodynamics does not 
give any information on the rate of a reaction, which may be fast, slow, 
or infinitely slow, nor does it indicate if another reaction is even more 
favourable. 

Consider the corrosion that may occur when a sheet of galvanized iron is 
scratched. (Galvanized iron is iron which has been coated with zinc to 
prevent rusting.) Half reactions and the corresponding reduction potentials 
are shown below. 


Fe** + 2e Fe E? — —0.44 volts 
Zn?* +2e—> Zn E° = -0.76 volts 


When in contact with water, either metal might be oxidized and lose metal 
ions, so we require the reverse reactions, and the potentials for these are 
called oxidation potentials, and have the same magnitude but the opposite 
sign to the reduction potentials. 


Fe — Fe?* + 2e E° = +0.44 volts 
Zn Zn +2e E° = 40.76 volts 


Plainly, since Zn — Zn?* produces the largest positive E? value, and since 
AG = -nFE?, it will produce the largest negative AG value. Thus it is 
energetically more favourable for the Zn to dissolve, and hence the Zn will 
corrode away in preference to the Fe. 

It is possible that when the galvanized steel is scratched, the air may 
oxidize some iron. The Fe** so produced is immediately reduced to iron by 
the zinc, and rusting does not occur. 


Zn + Fe?* — Fe + Zn?* 


Similar applications in which one metal is sacrificed to protect another are 
the attaching of sacrificial blocks of magnesium to underground steel 
pipelines and the hulls of ships to prevent the rusting of iron. 

Thus the coating of zinc serves two purposes — first it covers the iron and 
prevents its oxidation (rather like a coat of paint) and second it provides 
anodic protection. 

A table of standard reduction potentials (Table 6.12) may be used to 
predict if a reaction is possible, and what the equilibrium constant will be. 
Consider for example if the triiodide ion I; will oxidize As(III) in 
arsenious acid HAsO, into As(V). 


HAsO, + I; + 2H;0 — H3AsO, + 31° + 2H* 


Since the table lists reduction potentials, we must find the half reactions for 
H3AsO, + 2e — products, and I5 + 2e — products. 
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HAsO, + 2H;0 > H3AsO, + 2e + 2H* E° 


HAsO, + 2e + 2H* > HAsO, + 2H,0 E°? = +0.56 volts 
Iz + 2e— 3r E° = +0.54 volts 


The reaction we are investigating requires the first half- reaction in the 
reverse direction, added to the second half reaction. E^ values for half 
reactions must not be added together, since they do not take account of the 
number of electrons involved. However, E° values may be converted to the 
corresponding AG values, which may be added to give AG for the overall 
reaction. 


—0.56V AG = +(2 x F x 0.56) 
+0.54V AG = -(2X F x 0.54) 


>37 Es 


HAsO, + I5 + 2H,O > H3AsO, + 31” + 2H* AG = +0.04F 


The AG free energy change so calculated is positive, which indicates that 
the reaction will not proceed spontaneously in the forward direction, and 
suggests that it is energetically feasible for the reaction to proceed in the 
reverse direction. It should be noted that the value of AG is very small, 
and thus it is unwise to draw very firm conclusions. The E° values relate to 
standard conditions, and since AG is small, a small change in conditions, 
such as varying the concentration, or the pH, or the temperature, could 
change the potentials and hence change AG sufficiently to make the 
reaction proceed in either direction. There are volumetric methods of 
analysis for reducing arsenic acid with iodide ions in SM acid, and for 
oxidizing arsenious acid by triiodide ion at pH 7. 


THE USE OF REDUCTION POTENTIALS 


Enormous use may be made of reduction potentials for summarizing what 
species will oxidize or reduce something else, what the products of the 
reaction will be, and what oxidation states are stable with respect to the 
solvent, and also with respect to disproportionation. This topic is often 
insufficiently understood, so a number of examples are given. 

A great deal of useful information about an element can be shown by the 
appropriate half reactions and reduction potentials. Consider some half 
reactions involving iron: 


Fe?* + 2e — Fe E? = —0.47 volts 
Fe?* + 3e 5 Fe E? = —0.057 
Fe* + e— Fe?* E? = 40.77 


Fe0O2- 43e + 8H* > Fe?* + 4H,O E° = 4220 


Where an element exists in several different oxidation states (in this case 
Fe(VI), Fe(III), Fe(II), and Fe(0)), it is convenient to display all of the 
reduction potentials for the half reactions in a single reduction potential 
diagram. In this the highest oxidation state is written at the left, and the 
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lowest state at the right, and species such as electrons, H^ and H3O are 
omitted. 


oxidation state VI IH II 0 


E*(V. 
(V) Feo? 220. 2.20 Fet 0.77 OT pe Z047 Fe 


ea 2007] 


The potential for the reduction of FeO;^ to Fe?* is +2.20 volts. Since 
AG = -nFE?, it follows that AG for this change will be large and 
negative. This means that the reaction is thermodynamically possible since 
it releases a large amount of energy, and FeOj" is a strong oxidizing agent. 

Standard electrode potentials are measured on a scale with 


2+ 


H*+e—>H E* = 0.00 volts 


Since hydrogen is normally regarded as a reducing agent, reactions with 
negative value for E° are more strongly reducing than hydrogen, that is 
they are strongly reducing. Materials which are generally accepted as 
oxidizing agents have E? values above +0.8 volts, those such as Fe?* — 
Fe?* of about 0.8 volts are stable (equally oxidizing and reducing), and 
those below +0.8 volts become increasingly reducing. 

For the change Fe?*/Fe?*, E? is +0.77 V. This is close to the value of 
0.8 V, and. therefore Fe** and Fe?* are of almost equal stability with 
respect to oxidation and reduction. The E? values for the changes Fe? > 
Fe and for Fe?* — Fe are both negative: hence AG is positive, so neither 
Fe?* nor Fe?* have any tendency to reduce to Fe. 

One of the most important facts which can be obtained from a reduction 
potential diagram is whether any of the oxidation states are unstable with 
regard to disproportionation. Disproportionation is where one oxidation 
state decomposes, forming some ions in a higher oxidation state, and some 
in a lower oxidation state. This happens when a given oxidation state is a 
stronger oxidizing agent than the next highest oxidation state, and this 
situation occurs when a reduction potential on the right is more positive 
than one on the left. In the diagram of iron reduction potentials, the values 
become progressively more negative on moving from left to right, and 
hence Fe?* and Fe?* are stable with respect to disproportionation. 

At first sight the potential of —0.057 V for Fe?* — Fe seems wrong since 
the potentials for Fe?* — Fe?^* and Fe?* — Fe are 0.77 V and —0.47 V 
respectively, and adding 0.77 and —0.47 does nor give —0.057. Potentials 
for complete reactions may be added since there are no electrons left over 
in the process. Potentials may not be added for half reactions since the 
electrons may not balance. However, potentials can always be converted 
into free energies using the equation AG = —nFE*? where n is the number 
of electrons involved and F is the Faraday. Since the Gibbs free energy G is 
a thermodynamic function, free energies may be added, and the final total 
free energy converted back to an E° value: 
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e+ Fe*—Fe*. £°=+0.77V AG = —1(+0.77)F = —0.77F 
2e + Fe?* > Fe E°=-0.47V AG = -2(-0.47)F = +0.94F 


adding AG = +0.17F 
3e + Fet — Fe 


Hence E° can be calculated for the reaction Fe** — Fe 


AG _ 0.17F 


RS ae = 
LENT ah, 0.057 V 
The reduction potential diagram for copper in acid solution is 
oxidation state II I 0 
EXV Fa EU 
(v) QU EDUC 


baiss 4935 


*Disproportionates 
P 


The potential, and hence the energy released when Cu?* is reduced to 
Cu*, are both very small, and so Cu?* is not an oxidizing agent but is 
stable. On moving from left to right the potentials Cu?*-Cu* -Cu become 
more positive. Whenever this is found, the species in the middle (Cu* in 
this case) disproportionates, that is it behaves as both a self-oxidizing and 
self-reducing agent because it is energetically favourable for the following 
two changes to occur together 


Cu aes Gute Eosidation = —0.19 AG = +0.15F 
Cut +e— Cu Exeauction = +9-50 AG = —0.50F 
overall 2Cu*  — Cu?* + Cu AG = —0.35F 


Thus in solution Cu* disproportionates into Cu?* and Cu, and hence Cu* 
is only found in the solid state. 
The reduction potential diagram for oxygen is shown. 


oxidation state 0 =] =l 


(V .682 * 3 
E*(V) Gee o t6 uo 


ara: SoA ed 


* Disproportionates 
On moving from left to right, the reduction potentials increase, and hence 
H20; is unstable with respect to disproportionation. 
ET (Js EHE 
2H,0, > O: + H;O 


It must be remembered that the solvent may impose a limitation on what 
species are stable, or exist at all. Very strong oxidizing reagents will oxidize 
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water to O2, whilst strong reducing agents will reduce it to Hz. Thus very 
strong oxidizing or reducing agents can not exist in aqueous solution. The 
following half reactions are of special importance: 


Reduction of water 
neutral solution HO *e — OHT + lH; E° = -0.414V 


1.0M acid solution — H3O* + e^ > H,O + 4H, E°= 0,000V 
1.0M base solution H,O + e^ — OH” + 3H; E° = —0.828V 


Oxidation of water 
neutral solution JO; + 2H* + 2e^ > H,O E° = +0.185V 


1.0M acid solution 40, + 2H* + 2e^ + H,O E° = +1.229V 
1.0M base solution 40, + H,O + 2e~ > 20H™ E? = «0.401 V 


These reactions limit the thermodynamic stability of any species in aqueous 
solution. 

Thus the minimum reduction potentials required to oxidize water to 
dioxygen is E° > --0.185 V in neutral solution, E? > «1.229 V in 1.0M 
acid solution and E° > +0.401 V in 1.0M basic solution. 

In the same way half reactions with E° potentials less than zero (that is 
negative values) should reduce water to H» in 1.0 M acid solution, whilst an 
E? < —0.414 V is required in neutral solution, and E? < —0.828 V in 1.0M 
basic solution. 

Often when the E* values are just large enough to suggest that a reaction 
is thermodynamically possible, we find that it does not appear to happen. 
It must be remembered that a substance may be thermodynamically un- 
stable, but kinetically stable, since the activation energy for the reaction 
is high. This means that the rates of these reactions are very slow. If the 
potentials are appreciably more positive or negative than these limits then 
reaction with the solvent is usually observed. 

The reduction potentials for americium show that Am** is unstable with 
regard to disproportionation. 


*VI +V +IV +III 0 


1.70, *., 0.86 | *,, 42.62, 4, 72.07 


AmO} Am** —— Am Am 


AmO3* 


* Disproportionates 


The potential for the couple AmO% — Am** can be calculated by 
converting the values of 0.86 and 2.62 volts into free energies, adding 
them, then converting back to give a potential of 1.74 volts. When this step 
is added to the diagram it becomes apparent that the potentials do not 
decrease from AmO3* to AmO; to Am**, and hence AmO} is unstable 
with regard to disproportionation to AmO2* and Am**. Finally, the 
potential for the couple AmO3* > Am** can be worked out to be + 1.726 
volts. Thus considering AmO3* — Am** — Am, Am?* is stable: 
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+VI +V 41V +III 0 
+1.70, * Í PEN -2. 
AmO3* i OS sree: Bo epe AU 
esa pape cn] 

31.726 


* Disproportionates 


It is important to include all the possible half reactions in a reduction 
potential diagram, or incorrect conclusions may be drawn. Examination of 
the incomplete diagram for chlorine in basic solution would indicate that 
CIO; should disproportionate into ClO; and OCI, and that Cl; should 
disproportionate into OCI” and CI". Both of these deductions are correct. 


+VII +V +I +] 0 -=I 
40.36... +0.33 ,.*. +0.66 0.40,* +1. 
cio; 2936 qo; 1933 cio, pcr 36900, te 


* Disproportionates 


The incomplete data also süggest that OCI should be stable with regard to 
disproportionation, but this is not true. The species which disproportionate 
are ‘ignored’, and a single potential calculated for the change CIO; — 
OCI- to replace the values +0.33V and 40.66 V. Similarly a single 
potential is calculated for OCI” — CI- 


VII +V "m +I 0 s 
+0.36 _* _ +0.33 * 40.66 * _+0.40,* +1.36 
do 5599 e. 3033 co oa 1040 0, tj 

+0.50 J| +0.88 | 


* Disproportionates 
propo. 


When the complete diagram is examined, it is apparent that the potentials 
around OCI- do not decrease from left to right, and hence OCI is 
unstable with respect to disproportionation into CIO; and Cl” 


CIO; +0.50 OCI- +0.88 c- 


In the same way, the potentials round CIO; do not decrease from left to 
right 


cloz +0.36 Clo; +0.50 oci- 


Similarly CIO; should disproportionate into CIO; and OCI”, and OCI“ 
should disproportionate to give Cl” and more CIO; . 

Reduction potential diagrams may also be used to predict the products 
of reactions in which the elements have several oxidation states. Consider 
for example the reaction between an acidified solution of KMnO; and KI. 
The reduction potential diagrams are: 
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+VII +VI HIV +I +I 0 
40,567, 4542. 95. *, +1, A 
MuOz S ES MOLIS d MO, S UM Mig GO ME 
[ipa tae nd d coe 
+1.51 
+VII +V +11 +1 0 Ti 
iM +1.19 | 
^ mS £134 zum f 
10; I0; nor ES jp) 3994 1- 


HsO,— +1.60— L.— 40,99 


* Disproportionates 


If we assume that the reactions are thermodynamically controlled, that is 
equilibrium is reached fairly quickly, then since MnO;^, Mn?* and HOI 
disproportionate, they need not be considered. The half reaction Mn?* — 
Mn has a large negative E° value, and hence AG will have a large positive 
value, so this will not occur, and can be ignored. Thus the reduction 
potential diagrams may be simplified: 


+VII +V +IV +I 0 =I 
+1.70 : 
Mope ea Ln ere 
+1.65 +1.19 +0.54 
Rape ee a E usq 


H10, — +1.60 — 


If the reaction is carried out by adding KI solution dropwise to an 
acidified solution of KMnO,, the products of the reaction must be stable in 
the presence of KMnO,. Thus Mn?* cannot be formed, since KMnO, 
would oxidize it to MnO;. In a similar way, I, cannot be formed, since 
KMnO, would oxidize it. The fact that the half reaction potentials for 
10; — IO; and H4IO4 — IO; are close to the MnO; — MnO; potential is 
a complication, and it is not obvious whether IO , IO; or H5IO, will be 
the product. In fact I~ is oxidized to a mixture of IO and IO; . 


2MnO; + I- + 2H* — 2MnO; + IO; + H20 
8MnO; + 3I- + 8H* > 8MnO; + 3IO; + 4H;O 


If the reaction is carried out in a different way, by adding the KMnO, 
dropwise to the KI solution, then the products formed must be stable in the 
presence of I~. Thus MnO; cannot be formed, since it would oxidize I^ to 
I>. Similarly, IO cannot be formed since it would oxidize any excess I^ to 
Iz. The reaction which takes place is 


2MnO, + 1017 + 16H* — 2Mn?* + SI, + 8H;O 
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Since there is an excess of I~ ions, any I° formed will dissolve as the 
triiodide ion 13, but this does not affect the reaction 


L+ >} 


Note that the products formed depend on which reactant is in excess. 


THE OCCURRENCE AND ISOLATION OF THE ELEMENTS 


The most abundant elements in the earth's crust (by weight) are shown in 
Table 6.13. It is worth noting that the first five elements comprise almost 
92% by weight of the earth's crust, that the first ten make up over 99.5%, 
and the first twenty make up 99.97%. Thus a few elements are very 
abundant but most of the elements are very scarce. 


Table 6.13 The most abundant elements 


Parts per million % of earth's crust 
of earth's crust 


1. oxygen 455 000 45.5 
2. silicon 272000 21.2 
3. aluminium 83000 8.3 
4. iron 62 000 6.2 
5. calcium 46000 4.66 
6. magnesium 27640 2.764 
7. sodium 22700 2.27 
8. potassium 18400 1.84 
9. titanium 6320 0.632 
10. hydrogen 1520 0.152 
11. phosphorus 1120 0.112 
12. manganese 1060 0.106 


A full table of abundances is given in Appendix A. 


Other very abundant elements are nitrogen (78% of the atmosphere) 
and hydrogen. which occurs as water in the oceans. The chemistry of these 
abundant elements is well known. but some elements which are rare are 
also well known, because they occur in concentrated deposits — for 
example. lead as PbS (galena) and boron as Na;B,O;. 10H;O (borax). 

The different methods for separating and extracting elements may be 
divided into five classes (see Ives, D:J.G. in Further Reading). 


Mechanical separation of elements that exist in the native form 


A surprisingly large number of elements occur in the free elemental state. 
They have remained in the native form because they are unreactive. Only 
the least reactive of the metals, those of Group 11 (copper/silver/gold) and 
the platinum metals, occur in significant amounts as native elements. 


1. Gold is found in the native form. as grains in quartz. as nuggets and in 
the silt of river beds. Gold has a density of 19.3g cm ^. which is very 
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much higher than that of the rocks or silt it is mixed with, and gold can 
be separated by ‘panning’. (In recent times it has been more commonly 
extracted by amalgamating with mercury.) Silver and copper are some 
times found in the native form as ‘nuggets’. All three metals are noble 
or unreactive, and this is associated with their position in the electro- 
chemical series below hydrogen, and with the non-metals. 

2. Palladium and platinum are also found as native metals. In addition 
natural alloys of the Pt group are found. 


The platinum metals are Ru Rh Pd 
Os Egi Pt 


The names of these natural alloys indicate their composition: os- 
mididium, iridosmine. 

3. Liquid droplets of mercury are found associated with cinnabar HgS. 
Non-metals which occur as native elements in the earth's crust are from 
the carbon and sulphur groups, but the atmosphere comprises N2, O2 
and the noble gases. 

4. Diamonds are found in the earth, and are obtained by mechanical 
separation of large amounts of earth and rock. The largest deposits are 
in Australia, Zaire, Botswana, the USSR and South Africa. Diamonds 
are mostly used for making cutting tools, and some for jewellery. 
Graphite is mined mainly in China, South Korea, the USSR, Brazil and 
Mexico. It is used for making electrodes, in steel making, as a lubricant, 
and in pencils, brake linings and brushes for electric motors. It is also 
used as the moderator in the cores of gas cooled nuclear reactors. 

5. Deposits of sulphur are also found deep underground in Louisiana 
(USA), Poland, Mexico and the USSR. These are extracted by the 
Frasch process. Small amounts of selenium and tellurium are often 
present in sulphur. 

6. The atmosphere is made up of about 78% nitrogen, 22% oxygen and 
traces of the noble gases argon, helium and neon. These may be 
separated by fractional distillation of liquid air. Helium is also obtained 
from some natural gas deposits. 


Thermal decomposition methods 


A few compounds will decompose into their constituent elements simply 

by heating. 

1. A number of hydrides will decompose in this way, but since hydrides 
are usually made from the metal itself, the process is of no commercial 
significance. The hydrides arsine AsH; and stibine SbH, are produced 
in Marsh’s test, where an arsenic or antimony compound is converted to 
the hydride with Zn/H2SO, and the gaseous hydrides are decomposed 
to give a silvery mirror of metal by passing the hydride through a heated 
tube. 

2. Sodium azide NaN, decomposes to give sodium and pure dinitrogen on 
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gentle heating. Considerable care is needed as azides are often explosive. 
This method is not used commercially, but it is useful for making small 
quantities of very pure dinitrogen in the laboratory. 


2NaN; — 2Na + 3N; 


3. Nickel carbonyl Ni(CO), is gaseous and may be produced by warming 
Ni with CO at 50°C. Any impurities in the Ni sample remain solid and 
the gas is heated to 230°C, when it decomposes to give pure metal and 
CO which is recycled. This was the basis of the Mond process for 
purifying nickel which was used in South Wales from 1899 until the 
1960s. A new plant in Canada uses the same principle but uses 150*C 
and 20 atmospheres pressure to form Ni(CO),. 


Ni + 4CO So Ni(CO), 5 Ni + 4CO 


4. The iodides are the least stable of the halides, and the van Arkel-de- 
Boer process has been used to purify small quantities of zirconium and 
boron. The impure element is heated with iodine, producing a volatile 
iodide Zrl, or BI;. These are decomposed by passing the gas over an 
electrically heated filament of tungsten or tantalum which is white hot. 
The element is deposited on the filament and the iodine is recycled, The 
filament grows fatter, and is eventually removed. The tungsten core is 
drilled out of the centre, and a small amount of high purity Zr or B is 
obtained. 

5. Most oxides are thermally stable at temperatures up to 1000°C but the 
metals below hydrogen in the electrochemical series decompose fairly 
easily. Thus HgO and Ag,O decompose on heating. The mineral cinna- 
bar Hgs is roasted in air to give the oxide, which then decomposes on 
heating. Silver residues from the laboratory and photographic pro- 
cessing are collected as AgCI and treated with Na;CO;, giving Ag,COs, 
which decomposes on heating, first to Ag;O and then to Ag. 


2HgO — 2Hg + O; 
Ag CO; — CO; + Ag;O — 2Ag + 302 
6. Dioxygen may be produced by heating hydrogen peroxide H5O», bar- 
ium peroxide BaO;, silver oxide Ag;O or potassium chlorate KCIO;. 
2H;0,; — 2H20 + O2 
2BaO, = 2BaO + O, 
2Ag,0 — 2Ag + O: 
2KCIO; — 2KCI + 30; 


Displacement of one element by another 


In principle any element may be displaced from solution by another 
element which is higher in the electrochemical series. The method is in- 
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applicable to elements which react with water, and to be economic must 
involve sacrificing a cheap element to obtain a more expensive element. 


1. Copper ores which are too lean in CuS for the Cu to be extracted by 
roasting in air are left to be weathered by air and rain to form a solution 
of CuSO,. The Cu** ions are displaced as Cu metal by sacrificing scrap 
iron which turns into Fe** because iron is above copper in the electro- 
chemical series. 


Fe + Cu?* — Fe?* + Cu 


2. Cadmium occurs in small amounts with zinc ores. The Zn is recovered 
by electrolysing a solution of ZnSO, which contains traces of CdSO,. 
After a time the amount of Cd?* has concentrated, and since Zn is 
above Cd in the electrochemical series some Zn metal is sacrificed to 
displace the Cd?* from solution as Cd metal. The Zn which was 
sacrificed is subsequently recovered by electrolysis. 


Zn + Cd?* — Zn? + Cd 


3. Sea water contains Br~ ions. Chlorine is above bromine in the 
electrochemical series, and bromine is obtained by passing chlorine into 
sea water. 


Cl, + 2Br — 2Cl- + Br; 


High temperature chemical reduction methods 


A large number of commercial processes come into this group. Carbon can 
be used to reduce a number of oxides and other compounds, and 
because of the low cost and availability of coke this method is widely 
used. The disadvantages are that a high temperature is needed, which is 
expensive and necessitates the use of a blast furnace, and many metals 
combine with carbon, forming carbides. Some examples are: 


Reduction by carbon 


blast furnace 


Fe,0, + C ——— — —9 Fe 


ZnO +C Iia PO NONO 


electric furnace. 


Ca4(PO4); + C ————— P 
MgO + C EA Mn Mg (process now obsolete) 


electric furnace 


PbO + C ———— — —— Pb 
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Reduction by another metal 


If the temperature needed for carbon to reduce an oxide is too high for 
economic or practical purposes, the reduction may be effected by another 
highly electropositive metal such as aluminium, which liberates a large 
amount of energy (1675 kJ mol ^ 1) on oxidation to Al,O3. This is the basis 
of the Thermite process: 


3Mn3O, + 8Al > 9Mn + 4AbO; 
B,0,;+ AI 2B + AbO: 
CrO, + Al 2Cr + ALO; 
Magnesium is used in a similar way to reduce oxides. In certain cases where 


the oxide is too stable to reduce, electropositive metals are used to reduce 
halides. 
Kroll process 


1000- 1150°C 


TiCl; + 2Mg — —— Ti + 2MgCl, 


IMI process 
aS 


TiCl, + 4Na Ti + 4NaCi 


Self-reduction 


A number of metals occur as sulphide ores (for example PbS, CuS and 
Sb»S3) which may be roasted first in air to partially convert them to the 
oxide, and then further roasted in the absence of air, causing self- 
reduction: 


CuO 
roast In au roast 


cus 2A, + ——— Cu + SO: 
CuS withouy air 
Reduction of oxides with hydrogen 
Co;0, + 4H» — 3Co + 4H;O 
GeO, + 2H; — Ge + 2H,0 
NH,|MoO,] + 2H; — Mo + 4H;0 + NH; 
NH,[WO;] + 2H;— W + 4H;O + NH: 
This method is not widely used, because many metals react with hydrogen 


at elevated temperatures, forming hydrides. There is also a risk of ex- 
plosion from hydrogen and dioxygen in the air. 


Electrolytic reduction 


The strongest possible reducing agent is an electron. Any ionic material 
may be electrolysed. and reduction occurs at the cathode. This is an ex- 
cellent method. and gives very pure products. but electricity is expensive. 
Electrolysis may be performed: 
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In aqueous solution 


Provided that the products do not react with water, electrolysis can be 
carried out conveniently and cheaply in aqueous solution. Copper and zinc 
are obtained by electrolysis of aqueous solutions of their sulphates. 


In other solvents 


Electrolysis can be carried out in solvents other than water. Fluorine reacts 
violently with water, and it is produced by electrolysis of KHF> dissolved in 
anhydrous HF. (The reaction has many technical difficulties in that HF is 
corrosive, the hydrogen produced at the cathode must be kept separate 
from the fluorine produced at the anode or an explosion will occur, water 
must be rigorously excluded, and the fluorine produced attacks the anode 
and the reaction vessel.) 


In fused melts 


Elements that react with water are often extracted from fused melts of 
their ionic salts. These melts are frequently corrosive, and involve large 
fuel bills to maintain the high temperatures required. Aluminium is 
obtained by electrolysis of a fused mixture of AlO, and cryolite 
Na,[AIF,]. Both sodium and chlorine are obtained from the electrolysis of 
fused NaCl: in this case up to two thirds by weight of CaCl, is added as an 
impurity to lower the melting point from 803°C to 505°C, 


Factors influencing the choice of extraction process 


The type of process used commercially for any particular element depends 
on a number of factors. 


1, Is the element unreactive enough to exist in the free state? 

2. Are any of its compounds unstable to heat? 

3. Does the element exist as an ionic compound, and is the element stable 
in water? If both are true, is there a cheap element above it in the elec- 
trochemical series which can be sacrificed to displace it from solution? 

4. Does the element occur as sulphide ores which can be roasted, or oxide 
ores which can be reduced — using carbon is the cheapest whilst the use 
of Mg. Al and Na as reducing agents is more expensive. 

5. If all other methods fail, electrolysis usually works for ionic materials, 
but is expensive. If the element is stable in water, electrolysing aqueous 
solutions is cheaper than using fused melts. 


Thermodynamics of reduction processes 


The extraction of metals from their oxides using carbon or other metals, 
and by thermal decomposition, involves a number of points which merit 
detailed discussion. 
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Table 6.14 Reduction. potentials and extraction methods 


Element E°? (V) Materials Extraction method 
Lithium Li*|Li -3.05 LiCl Electrolysis of fused 
Potassium K*|K -2.93 KCl, [KCI- MgCl: 6H;0] spun 
Calcium ^ Ca?* | Ca. =2.84 CaCl, pone 
Sodium Na*|Na -2.71 NaCl 
Magnesium Mg^* |Mg —2.37 MgCl. MgO Electrolysis of MgCl; 
High temperature 
reduction with C 
Aluminium AP*|AI —1.66 AbO; Electrolysis of Al,O; 
dissolved in molten 
Naj[AIF;] 
Manganese Mn/*|Mn —1.08 Mn;O;, MnO; dde with Al 
Chromium  Cr*|Cr -0.74 FeCrO, Thermite process 
Zinc Zn*|Zn -0.76 ZnS Chemical reduction 
Iron Fe?*|Fe —0.44 Fe;O;, Fe3O4 3 fo byC 
D 23 ulphides are 
Cobalt Co?*|Co -0.27 CoS conwerted t 
Nickel Ni*|Ni —0.23 NiS, NiAs; oxides then 
Tin Sm*|Sn -0.14 SnO; reduced by C, or 
Lead Pb/*|Pb —0.13 PbS Som mes 
Copper Cu^*|Cu +0.35 Cu(metal), CuS Found as native 
Silver Ag*|Ag +0.80 Ag(metal), Ag;S, AgCI PE NR 
2 compounds easily 
Mercury Hg^|Hg +0.85 HgS decomposed by 
Gold Av^* | Au +1.38 Au(metal) heat. (Also 


cyanide extraction) 


See Tid emm 


For a spontaneous reaction, the free energy change AG must be 
negative. 


AG = ^H — TAS 


AH is the enthalpy change during the reaction, T is the absolute 
temperature, and AS is the change in entropy during the reaction. 
Consider a reaction such as the formation of an oxide: 


M + Oo;—5 MO 


Dioxygen is used up in the course of this reaction. Gases have a more 
random structure (less ordered) than liquids or solids. Consequently 
gases have a higher entropy than liquids or solids. In this reaction S the 
entropy or randomness decreases, and hence AS is negative. Thus if the 
temperature is raised then TAS becomes more negative. Since TAS is 
subtracted in the equation, then AG becomes less negative. Thus the free 
energy change increases with an increase of temperature. 

The free energy changes that occur when one gram molecule of a 
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Figure 6.5 Ellingham diagram showing the change in free energy AG with tem- 
perature for oxides (based on 1 gmol of dioxygen in each case). 


common reactant (in this case dioxygen) is used may be plotted graphically 
against temperature for a number of reactions of metals to their oxides. 
This graph is shown in Figure 6.5 and is called an Ellingham diagram (for 
oxides). Similar diagrams can be produced for one gram molecule of 
sulphur, giving an Ellingham diagram for sulphides, and similarly for 
halides. 

The Ellingham diagram for oxides shows several important features: 


1. The graphs for metal to metal oxide all slope upwards, because the free 
energy change increases with an increase of temperature as discussed 
above. 

2. The free energy changes all follow a straight line unless the materials 
melt or vaporize, when there is a large change in entropy associated 
with the change of state, which changes the slope of the line (for 
example the Hg-HgO line changes slope at 356°C when Hg boils, and 
similarly Mg-MgO changes at 1120°C). 
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3. When the temperature is raised, a point will be reached where the 
graph crosses the AG — 0 line. Below this temperature the free energy 
of formation of the oxide is negative, so the oxide is stable. Above this 
temperature the free energy of formation of the oxide is positive, and 
the oxide becomes unstable, and should decompose into the metal and 
dioxygen. 

Theoretically all oxides can be decomposed to give the metal and 
dioxygen if a sufficiently high temperature can be attained. In practice 
the oxides of Ag, Au and Hg are the only oxides which can be decom- 
posed at temperatures which are easily attainable, and these metals 
can therefore be extracted by thermal decomposition of their oxides. 

4. In a number of processes, one metal is used to reduce the oxide of 
another metal. Any metal will reduce the oxide of other metals which 
lie above it in the Ellingham diagram because the free energy will 
become more negative by an amount equal to the difference between 
the two graphs at that particular temperature. Thus AI reduces FeO, 
CrO and NiO in the well known Thermite reaction, but Al will not 
reduce MgO at temperatures below 1500*C. 


In the case of carbon reacting with dioxygen, two reactions are possible: 
C4 0, > CO, 
C + 10, CO 
In the first reaction, the volume of CO; produced is the same as the 
volume of O; used, so the change in entropy is very small, and AG hardly 


changes with temperature. Thus the graph of AG against T is almost 
horizontal. 


1 
> 
o 
o 


-600 


Change in Free Energy AG°,kJ mol! 


-1000|- 


1 L = L J 
500 710 1000 1500 2000 2500 
Temperature, °C 


Figure 6.6 Ellingham diagram for carbon. (The composite curve is the solid line.) 
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The second reaction produces two volumes of CO for every one volume 
of dioxygen used. Thus AS is positive, and hence AG becomes increasingly 
negative as T increases. Consequently the line on the Ellingham diagram 
slopes downwards (Figure 6.6). The two lines for C — CO; and C — CO 
cross at about 710°C. Below this temperature the reaction to form CO; is 
energetically more favourable, but above 710°C the formation of CO is 
preferred. 

Carbon is extensively used to reduce iron oxide in the extraction of iron, 
but it may also be used to reduce any other of the oxides above it on the 
Ellingham diagram. Since the AG line slopes downwards it will eventually 
cross and lie below all the other graphs for metal/metal oxide. Thus in 
principle carbon could be used to reduce any metal oxide if a sufficiently 
high temperature were used. At one time MgO was reduced by C at 
2000*C, followed by shock (i.e. rapid) cooling, though this process is now 
obsolete. Similarly the reduction of very stable oxides like TiO}, Al;Os 
and MgO is theoretically possible, but is not attempted because of the high 
cost and practical difficulties of using extremely high temperatures. A 
further limitation on the use of carbon for extracting metals is that at high 
temperatures many metals react with carbon, forming carbides. 

Many metals occur as sulphide ores. Though carbon is a good reducing 
agent for oxides, it is a poor reducing agent for sulphides. The reason why 
carbon reduces so many oxides at elevated temperatures is that the AG"/T 
line for CO has a negative slope. There is no compound CS analogous to 
CO with a steep negative AG"/T line. Thus sulphides are normally roasted 
in air to form oxides before reducing with carbon. 


2MS + 30; — 2MO + 280; 


In a similar way hydrogen is of limited use as a reducing agent for 
extracting metals from their oxides since the AG*/T line has a positive 
slope, and runs parallel to many metal oxide lines. 


2H; + [05] > 2H;0 


Thus only those metals with metal — metal oxide lines above the hydrogen 
line will be reduced, and this does not change with temperature. A further 
problem with H is that many metals react with hydrogen, forming 
hydrides, and if hydrogen remains dissolved in the metal (interstitial 
hydrides) it significantly affects the properties of the metal. 

Thermodynamic arguments about what will reduce a given compound 
have two limitations. They-assume that the reactants and products are in 
equilibrium, which is often untrue, and they indicate whether a reaction is 
possible but do not predict the rate of reaction, or if some alternative 
reaction is even more favourable. 

Further details of extraction processes and Ellingham diagrams for 
halides and sulphides are given in Further Reading (see Ives D.J.G., and 
Ellingham, H.J.T.). 
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HORIZONTAL, VERTICAL AND DIAGONAL RELATIONSHIPS 
IN THE PERIODIC TABLE 


On moving across a period in the periodic table, the number of electrons in 
the outer shell increases from one to eight. Thus Group 1 elements all 
have one electron in their outer shell. When they react they are univalent, 
because the loss of one electron leaves a noble gas structure. Similarly 
Group 2 elements have two electrons in their outer shell and are divalent. 
The valency of an s-block element is the group number. For p-block 
elements, the valency is normally (the group number — 10) or (18 — the 
group number). This is the same as the number of s and p electrons in the 
outer shell, or (8 — this number of electrons). Group 15 elements (e.g. 
nitrogen) have five outer electrons. If three of these are shared in covalent 
bonds with other atoms, the nitrogen atom has a share in eight electrons 
and has a stable configuration. Thus nitrogen is trivalent, for example in 
ammonia NH3. The halogens are in Group 17 and have seven outer 
electrons. The valency should be 18 — 17 — 1. A stable structure is 
attained by gaining one electron either by forming an ionic or a covalent 
bond. The number of outer electrons thus determines the valency of the 
element. 

On moving from left to right across a period, the size of the atoms 
decreases because of the additional nuclear charge. Thus the orbital 
electrons are more tightly-held, and the ionization energy increases. The 
metallic character of the element also decreases, and the oxides of the 
elements become less basic. Thus Na2O is strongly basic; AlO, is 
amphoteric and reacts with both acids and bases; SO; is an acidic oxide 
since it dissolves in water to form sulphurous acid (H5SO:) and reacts with 
bases to form sulphites. Generally, metallic oxides are basic, whilst non- 
metallic oxides are acidic. 

On descending a group in the periodic table, the elements all have the 
same number of outer electrons and the same valency, but the size in- 
creases. Thus the ionization energy decreases and the metallic character 
increases. This is particularly apparent in Groups 14 and 15, which begin 
with the non-metals carbon and nitrogen and end with the metals lead and 
bismuth. The oxides become increasingly basic on descending the group. 

On moving diagonally across the periodic table the elements show cer- 
tain similarities. These are usually weaker than the similarities within a 
group, but are quite pronounced in the following pairs of elements: 


Lt bee C 


STIS, 
Na Mg AI Si 


On moving across a period, the charge on the ions increases and the size 
decreases, causing the polarizing power to increase. On moving down a 
group, the size increases and the polarizing power decreases. On moving 
diagonally these two effects partly cancel each other, so that there is no 
marked change in properties. The type and strength of bond formed and 
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the properties of the compounds are often similar, although the valency is 
different. Thus lithium is similar to magnesium in many of its properties 
and beryllium is similar to aluminium. These similarities are examined in 
more detail in the chapters on Groups 1, 2 and 13. Diagonal similarities 
are most important among the lighter elements, but the line separating the 
metals from the non-metals also runs diagonally. 
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PROBLEMS 


1. (a) How does the size of atoms vary from left to right in a period, and 
on descending a group in the periodic table? What are the reasons 
for these changes? 

(b) Can you explain the large atomic radii of the noble gases? 
(c) Why is the decrease in size between Li and Be much greater than 
that between Na and Mg or K and Ca? 


2. Explain what is meant by the ionization energy of an element. How 
does this vary between hydrogen and neon in the periodic table? 
Discuss how the variation can be related to the electronic structure of 


the atoms. 

(a) What is the correlation between atomic size and ionization 
energy? : : Tus 

(b) Account for the fact that there is a decrease in first ionization 


energy from Be to B, and Mg to Al. ; 
(c) Suggest the reason for the decrease in first ionization energy from 


N to O; and P to S. 
(d) Explain why the substantial decrease in first ionization energy 


bo 
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13. 


14. 


observed between Na and K, and Mg and Ca, is not observed 
between A and Ga. 

(e) What is the significance of the large increase in the third ionization 
energy of Ca and the fifth ionization energy of Si? 

(f) Why is the first ionization energy of the transition elements 
reasonably constant? 


. (a) What is electronegativity, and how is it related to the type of bond 


formed? 

(b) What are Fajans' rules? 

(c) Predict the type of bonds formed in HCl, CsCl, NH3, CS; and 
GeBr,;. 


. (a) List the different scales of electronegativity and briefly describe 


the theoretical basis behind each. 
(b) Give four examples to show how electronegativity values may be 
used to predict the type of bond formed in a compound. 


. Use a modified Born-Haber cycle suitable for the estimation of 


electrode potentials to explain: 
(a) Why Li is as strong a reducing agent as Cs 
(b) Why Ag is a noble metal and K a highly reactive metal. 


(a) What are the standard electrode potentials, and how are they 
related to the electrochemical series? 

(b) Explain the recovery of copper from solution using scrap iron. 

(c) How is it possible to preferentially deposit metals electrolytically, 
e.g. Cu, Ni, and Zn from a solution containing all three? 

(d) Why is it possible to obtain zinc by electrolysis of an aqueous 
solution even though the electrode potentials would suggest that 
the water should decompose first? 


. (a) Explain why Cu* disproportionates in solution. 


(b) Explain why the standard reduction potentials for Cu? > Cu* and 
Cut — Cu are 40.15 and +0.50 volt, respectively, yet that for 
Cu?* — Cu is + 0.34 volt. 


Name the eight most abundant elements in the earth's crust and place 
them in the correct order. 


Describe the following named metallurgical processes: (a) Bessemer, 
(b) BOP, (c) Kroll, (d) Van Arkel, (e) Hall-Héroult, (f) Parkes. 


. Which elements occur in the native state? 


List five ores which are smelted, and give equations to show what 
occurs during smelting. 

Describe the extraction of three different elements using carbon as the 
reducing agent. 


Draw an Ellingham diagram for metal oxides and explain what 
information can be obtained from it. In addition explain why most of 


PROBLEMS 


(193 


15; 


16. 


17. 


18. 


the lines slope upwards from left to right, why the lines change in 
slope, and what happens when a line crosses the AG = 0 axis. 


Use the Ellingham diagram for oxides to find: 

(a) if Al will reduce chromium oxide 

(b) at what temperature C will reduce magnesium oxide, and 

(c) at what temperature mercuric oxide will decompose into its 
elements. 


Explain in detail the processes involved in the production of pig iron 
and steel. 


Describe the extraction of two metals and two non-metals by 
electrolysis. 


Describe the extraction of magnesium and bromine from sea water. 
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Coordination compounds 


DOUBLE SALTS AND COORDINATION COMPOUNDS 


Addition compounds are formed when stoichiometric amounts of two 
or more stable compounds join together. For example: 


KCI + MgCl, + 6H,O — KCI- MgCl; 6H;O 
(carnallite) 
K,SO, + Als(SO4)3 + 24H20 > K5SO,- Ab(SO;); -24H2O 
(potassium alum) 

CuSO, + 4NH; + H;O — CuSO,:4NH;-H 20 
(tetrammine copper(II) sulphate 
monohydrate) 

Fe(CN); + 4KCN — Fe(CN);- 4KCN 
(potassium ferrocyanide) 


Addition compounds are of two types: 


1. Those which lose their identity in solution (double salts) 
2. Those which retain their identity in solution (complexes) 


When crystals of carnallite are dissolved in water, the solution shows 
the properties of K*, Mg^* and CI”, ions. In a similar way. a solution of 
potassium alum shows the properties of K*, AIt and SO; ions. These 
are both examples of double salts which exist only in the crystalline state. 

When the other two examples of coordination compounds dissolve 
they do not form simple ions — Cu**, or Fe?* and CN~ - but instead 
their complex ions remain intact. Thus the cuproammonium ion 
[Cu(H3O)(NH;),]* and the ferrocyanide ion [Fe(CN),]" exist as 
distinct entities both in the solid and in solution. Complex ions are shown 
by the use of square brackets. Compounds containing these ions are called 
coordination compounds. The chemistry of metal ions in solution is essen- 
tially the chemistry of their complexes. Transition metal ions, in particular, 
form many stable complexes. In solution ‘free’ metal ions are coordinated 
either to water or to other ligands. Thus Cu^* exists as the pale blue 
complex ion [Cu(H;O),]"* in aqueous solution (and also in hydrated 
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crystalline salts). If aqueous ammonia is added to this solution, the familiar 
deep blue cuproammonium ion is formed: 


[Cu(H20),* + 4NH; = [Cu(H;O):(NH3),^* + 4H;O 


Note that this reaction is a substitution reaction, and the NH; replaces 
water in the complex ion. 


WERNER'S WORK 


Werner's. coordination theory in 1893 was the first attempt to explain 
the bonding in coordination complexes. It must be remembered that this 
imaginative theory was put forward before the electron had been dis- 
covered by J.J. Thompson in 1896, and before the electronic theory of 
valency. This theory and his painstaking work over the next 20 years won 
Alfred Werner the Nobel Prize for Chemistry in 1913. 

Complexes must have been a complete mystery without any knowledge 
of bonding or structure. For example, why does a stable salt like CoCl; 
react with a varying number of stable molecules of a compound such as 
NH; to give several new compounds: CoCl;- 6NH;, CoCl; : SNH; and 
CoCl,-4NH,? What are their structures? At that time X-ray diffraction, 
which is the most powerful method of determining the structures of 
crystals, had yet to be discovered. Werner did not have at his disposal any 
of the modern instrumental techniques, and all his studies were made using 
simple reaction chemistry. Werner was able to explain the nature of bonding 
in complexes, and he concluded that in complexes the metal shows two dif- 
ferent sorts of valency: 


1. Primary valencies. These are non-directional. The modern explanation 
would be as follows. The complex commonly exists as a positive ion. 
The primary valency is the number of charges on the complex ion. In 
compounds, this charge is matched by the same number of charges from 
negative ions. Primary valency applies equally well to simple salts and 
to complexes. Thus in CoCl; (Co?* + 2CI-) there are two primary 
valencies, i.e. two ionic bonds. The complex [Co(NH3),]Cls actually 
exists as [Co(NH.),]^* and 3CI^. Thus the primary valency is 3, as there 
are three ionic bonds. 

2. Secondary valencies. These are directional. In modern terms the 
number of secondary valencies equals the number of ligand atoms 
coordinated to the metal. This is now called the coordination number. 
Ligands are commonly negative ions such as Cl”, or neutral molecules 
such as NH,. Less commonly. ligands may be positive ions such as 
NO* Each metal has a characteristic number of secondary valencies. 
Thus in [Co(NH;),]Cl; the three CI- are held by primary valencies. The 
six NH; groups are held by secondary valencies. 


Secondary valencies are directional, and so a complex ion has a par- 
ticular shape, e.g. the complex ion [Co(NH3)] * is octahedral. Werner 
deduced the shapes of many complexes. He did this by preparing as many 
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different isomeric complexes of a system as was possible. He noted the 
number of isomers formed and related this number to the number of 
isomers predicted for different geometric shapes. The most common co- 
ordination number in transition metal complexes is 6, and the shape is 
usually octahedral. The coordination number 4 is also common, and this 
gives rise to either tetrahedral or square planar complexes. 

Werner treated cold solutions of a series of coordination complexes with 
an excess of silver nitrate, and weighed the silver chloride precipitated. 
The-stoichiometries of complex- AgCI formed were as follows: 


CoCl,- 6NH; — 3AgCI 
CoCl;-5NH; — 2AgCl 
CoCl;-4NH; > 1AgCl 


Werner deduced that in CoCl,-6NH, the three chlorines acted 
as primary valencies, and the six ammonias as secondary valencies. 
In modern terms the complex is written [Co(NH;),]Cl;. The three Cl” are 
ionic and hence are precipitated as AgCl by AgNO;. The six NH; ligands 
form coordinate bonds to Co**, forming a complex ion [Co(NH3)4]* 
(Figure 7.1a). 

Werner deduced that loss of one NH; from CoCl;: 6NH; should give 
CoCl;: 5NH;, and at the same time one Cl changed from being a pri- 
mary valency to a secondary valency. Thus this complex had two primary 
valencies and six secondary valencies. In modern terms the complex 
[Co(NH3)sCI]Cl; ionizes to give [Co(NH3)sCIJ^* and two Cl” ions. Thus 
only two of the three chlorine atoms are ionic and thus only two are 
precipitated as AgCl with AgNO;. Five NH; and one CI form coordinate 
bonds to Co**, forming a complex ion (Figure 7.1b). 

Similarly in CoCl; - ANH; Werner deduced that one Cl formed a primary 
valency, and that there were six secondary valencies (two Cl and four 
NH;). In modern terms the complex [Co(NH3),CL;]Cl ionizes to give 
[Co(NH3)4Cl;]* and Cl” and so only one Cl” can be precipitated as AgCl. 
The coordination number of Co?* is 6; in this case four NH3 and two CI^ 
form coordinate bonds to Co**. The old and modern ways of writing the 
formulae of these complexes are shown in Table 7.1. 

Thus Werner established that the number of secondary valencies (that is 
the coordination number) was 6 in these complexes. He then attempted to 


NH, 3+ NH, 2+ 
NH H,N cl 
TNS | tie SN | A 
Co 3CI- Co 2cr- 
aN Ae ees 
HN | `na, HN [| ^NH, 
NH, NH, 
(a) (b) 


Figure 7.1 Structures of (a) [Co(NH3)s]Cls and (b) [Co(NH3)sCI]CI. 


MORE RECENT METHODS OF STUDYING COMPLEXES 


Table 7.1 Formulae of some cobalt complexes 


Old New 

CoCl; : 6NH; [Co(NH;),*  3CI- 
CoCl;  5NH; [Co(NH;);CIJ"* 2CI- 
CoCl; - 4NH; [Co(NH;),Ch]* CIT 


find the shapes of the complexes. The possible arrangements of six groups 
round one atom are a planar hexagon, a trigonal prism, and an octahedron 
(Figure 7.2). Werner then compared the number of isomeric forms he had 
obtained with the theoretical number for each of the possible shapes 
(Table 7.2). 


Table 7.2 Number of isomers predicted and actually found 


Complex Observed Predicted 

Octahedral Planar hexagon Trigonal prism 
[MX] 1 1 1 1 
[MX;Y] 1 1 1 1 
[MX;Y;] 2 2 3 3 
[MX;Y;| 2 2 3 3 


These results strongly suggested that these complexes have an 
octahedral shape. This proof was not absolute proof, as it was just possible 
that the correct experimental conditions had not been found for preparing 
all the isomers. More recently the X-ray structures have been determined, 
and these establish that the shape is octahedral (Figure 7.3). 


x 
MX x x 
eg M Only one form 
(Co (NH? x 
x 
Y 


(Fel (CNY? 


cod 2 2 2 Y — Only one torm 
[PINK s M as all six corners. 
are equivalent 
{CoM (NHy)sCI)?" * 
x 
Y 
! 
x y 
x 


MX; x 
eg è Two somers 
IPIMINH Ch)? [ 
Nor cis and trans. 
IP NHGISCUI N 
Cis Trans 
Y T 
x 
cM X y 5 Two somers 
* and facial Fac 
my WEE x A x Y mendianal Mer 
ol 
x Y 
Fac- Mer 


Planar hexagon 


Trigonal prism 


Octahedron 


Figure 7.2 Possible geometi 
shapes for six-coordination. 


Figure 7.3 Isomers in 
octahedral complexes. 
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trans 


Figure 7.5 Isomerism in square 
planar complexes. 


More recently, with a bidentate ligand such as ethylenediamine (1.2- 
diaminoethane), two optically active isomers have been found (Figure 7.4). 


M(en)3 


d form | form 
Mirror 
plane 


Figure 7.4 Optical isomerism in octahedral complexes. 


In a similar way, Werner studied a range of complexes which included 
[Pt (NH3);Cl;] and [Pd (NH:);Cl;]. The coordination number is 4, and 
the shape could be either tetrahedral or square planar. Werner was able to 
prepare two different isomers for these complexes. A tetrahedral complex 
can only exist in one form, but a square planar complex can exist in two 
isomeric forms. This proved these complexes are square planar rather than 
tetrahedral (Figure 7.5). 


MORE RECENT METHODS OF STUDYING COMPLEXES 
The electrical conductivity of a solution of an ionic material depends on: 


1. The concentration of solute. 
2. The number of charges on the species which are formed on dissolution. 


Molar conductivities relate to a 1M solution and thus the concentration 
factor is removed. The total number of charges on the species formed when 
the complex dissolves can be deduced by comparison of its molar con- 
ductivity with that of known simple ionic materials (Table 7.3). These 
conductivities suggest the same structures for the cobalt/ammonia/chlorine 


Table 7.3 Conductivities of salts and complexes (molar conductivities 


measured at 0.001 M concentration) 
E A SE ES ed 


ohm^'cm? mol! 
LiCl CEEP CI (total of 2 charges) 112.0 
CaCl, Ga 2C: (total of 4 charges) 260.8 
CoCl; - 5NH; 261.3 
CoBr;: 5NH; 257.6 
LaCh . —Laj* 3Cl- (total of 6 charges) 393.5 
CoCl; - 6NH; 431.6 


CoBr;- 6NH; 426.9 
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Table 7.4 Number of charges related to modern and Werner structures 


Charges Primary valency Secondary valency 

ionizable chlorines 
[Co(NH;)]** — 3CI- 6 3 6NH, =6 
[Co(NH3).CIP* 2017 4 2 SNH, + ICI = 6 
[Co(NH3),Cl;]*- CI- 2 1 4NH, + 2Cl- = 6 


complexes mentioned earlier, as do the results from Werner's AgCI experi- 
ments, shown in Table 7.4. 

The freezing point of a liquid is lowered when a chemical substance is 
dissolved in it. Cryoscopic measurements involve measuring how much the 
freezing point is lowered. The depression of freezing point obtained de- 
pends on the number of particles present. Cryoscopic measurements can 
be used to find if a molecule dissociates, and how many ions are formed. If 
a molecule dissociates into two ions it will give twice the expected 
depression for a single particle. If three ions are formed this will give three 
times the expected depression. Thus: 


LiCl — Lit -4Cl* (2 particles) [(2 charges) 
MgCl; —^ Mg?* + 2CI- (3 particles) | (4 charges) 
LaCl,— La** + 3Cl- (4 particles) | (6 charges) 


The number of particles formed from a complex molecule determines the 
size of the depression of freezing point. Note that the number of particles 
formed may be different from the total number of charges which can be 
obtained from conductivity measurements. The two types of information 
can be used together to establish the structure (Table 7.5). 

The magnetic moment can be measured (see Chapter 18 — Magnetic 
properties). This provides information about the number of unpaired elec- 
tron spins present in a complex. From this it is possible to decide how the 
electrons are arranged and which orbitals are occupied. Sometimes the 
structure of the complex can be deduced from this. For example, the 
compound Ni'"(NH:),(NO;);:2H;O might contain four ammonia mol- 


Table 7.5 Establishing the structure of complexes 


Formula Cryoscopic Molar Structure 
measurement conductivity 

CoCl;: 6NH; 4 particles 6 charges [Co(NH3)]* ICE 

CoCl;: 5NH; 3 particles 4 charges [Co(NH;)CIJ* 2CI~ 

CoCl;: 4NH; 2 particles 2 charges [Co(NH;),Ch]* CI^ 

CoCl;: 3NH3 1 particle Ocharge — [Co(NH3).Cl] 


Co(NO3)4- KNO;-2NH, 2 particles 2charge K* [Co(NH3)2(NO2)s]~ 
Co(NO;4:2KNO;:NH; 3 particles 4 charges 2K* [Co(NH3)(NO:);]- 
Co(NO;); - 3KNO; 4 particles 6 charges 3K* [Co(NO2),]*~ 
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ecules coordinated to Ni in a square planar [Ni(NH3)4]^* ion and two 
molecules of water of crystallization and have no unpaired electrons. 
Alternatively the water might be coordinated to the metal, giving an 
octahedral [Ni(H2O)2(NH3)3]°* complex with two unpaired electrons. 
Both these complex ions exist and their structures can be deduced from 
magnetic measurements. 

Dipole moments may also yield structural information but only for non- 
ionic complexes. For example, the complex [Pt(NH;);CL] is square planar, 
and can exist as cis or trans forms. The dipole moments from the various 
metal—ligand bonds cancel out in the trans configuration. However, a finite 
dipole moment is given by the cis arrangement (Figure 7:5); 

Electronic spectra (UV and visible) also provide valuable information on 
the energy of the orbitals, and on the shape of the complex. By this means it 
is possible to distinguish between tetrahedral and octahedral complexes, 
and whether the shape is distorted or regular. 

The most powerful method, however, is the X-ray determination of the 
crystal structure. This provides details of the exact shape and the bond 
lengths and angles of the atoms in the structure. 


EFFECTIVE ATOMIC NUMBERS 


The number of secondary valencies in the Werner theory is now called the 
coordination number of the central metal in the complex. This is the 
number of ligand atoms bonded to the central metal ion. Each ligand 
donates an electron pair to the metal ion, thus forming a coordinate bond. 
Transition metals form coordination compounds very readily because they 
have vacant d orbitals which can accommodate these electron pairs. The 
electronic arrangement of the noble gases is known to be very. stable. 
Sidgwick, with his effective atomic number rule, suggested that electron 
pairs from ligands were added until the central metal was surrounded by 
the same number of electrons as the next noble gas. Consider potassium 
hexacyanoferrate(II) K.[Fe(CN);] (formerly called potassium ferrocyan- 
ide). An iron atom has 26 electrons, and so the central metal ion Fe^" has 
24 electrons. The next noble gas Kr has 36 electrons. Thus the addition of 
six electron pairs from six CN~ ligands adds 12 electrons, thus raising the 
effective atomic number (EAN) of Fe^* in the complex [Fe(CN),]*~ to 36. 


(24 + (6 x 2) = 36] 


Further examples are given in Table 7.6. 

The EAN rule correctly predicts the number of ligands in many com- 
plexes. There are, however, a significant number of exceptions where the 
EAN is not quite that of a noble gas. If the original metal ion has an odd 
number of electrons, for example, the adding of electron pairs cannot 
result in a nobie gas structure. The tendency to attain a noble gas con- 
figuration is a significant factor but not a necessary condition for complex 
formation. It is also necessary to produce a symmetrical structure (tetra- 
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Table 7.6. Effective atomic numbers of some metals in complexes 
NE Se ASSP APER Mes inet tg se cupi a ctii D ANNE TIN 


Atom X Atomic Complex Electrons lost Electrons EAN 
number in ion gained by 
formation coordination 
Cr 24 [Ci(CO),] 0 12 36 
Fe 26 [Fe(CN),]- 2 12 36 
Fe 26 [Fe(CO);] 0 10 36 Lk 
Co 27 [Co(NH* 3 12 36 (KD 
Ni 28 [Ni(CO);] 0 8 36 
Cu 29 [Cu(CN),]- 1 8 36 
Pd 46 [Pd(NH3)]** 4 12 54 ^ (Xe) 
Pt 78 [Ptc]? 4 12 86 (Rn) 
Fe 26 (Fe(CN),}** 3 12 35 
Ni 28 [Ni(NH3)* 2 12 38 
Pd 46 [PdCl] 2 8 52 
Pt 78 [P(NH3)]* 2 8 84 


hedral, square planar, octahedral) irrespective of the number of electrons 
involved. 


SHAPES OF d ORBITALS 


Since d orbitals are often used in coordination complexes it is important 
to study their shapes and distribution in space. The five d orbitals are not 
identical and the orbitals may be divided into two sets. The three tz 
orbitals have identical shape and point between the axes, x, y and z. The 


dy d,a 
Figure 7.6 Shapes of d orbitals. 


202 | | 


COORDINATION COMPOUNDS i | 


two e, orbitals have different shapes and point along the axes (Figure 7.6). 
Alternative names for t> and e, are de and dy respectively. 


BONDING IN TRANSITION METAL COMPLEXES 


There are three theories of metal to ligand bonding in complexes, all dating 
back to the 1930s. 


Valence bond theory 


This theory was developed by Pauling. Coordination compounds contain 
complex ions, in which ligands form coordinate bonds to the metal. Thus 
the ligand must have a lone pair of electrons, and the metal must have an 
empty orbital of suitable energy available for bonding. The theory con- 
siders which atomic orbitals on the metal are used for bonding. From this 
the shape and stability of the complex are predicted. The theory has two 
main limitations. Most transition metal complexes are coloured, but the 
theory provides no explanation for their electronic spectra. Further, the 
theory does not explain why the magnetic properties vary with tempera- 
ture. For these reasons it has largely been superseded by the crystal field 
theory. However, it is of interest for study as it shows the continuity of the 
development of modern ideas from Werner’s theory. 


Crystal field theory 


This theory was proposed by Bethe and van Vleck. The attraction between 
the central metal and ligands in the complex is considered to be purely 
electrostatic. Thus bonding in the complex may be ion-ion attraction 
(between positive and negative ions such as Co?* and C17). Alternatively, 
ion- dipole attractions may give rise to bonding (if the ligand is a neutral 
molecule such as NH; or CO). NH; has a dipole moment with a 6— charge 
on N and + charges on H. Thus in [Co(NH3),}°* the ô- charge on the 
N atom of each NH; points towards the Co?*. This theory is simple. It 
has been remarkably successful in explaining the electronic spectra and 
magnetism of transition metal complexes, particularly when allowance is 
made for the possibility of some covalent interaction between the orbitals 
on the metal and ligand. When some allowance is made for covalency, the 
theory is often renamed as the ligand field theory. Three types of inter- 
action are possible: c overlap of orbitals, x overlap of orbitals, or dn—pn 
bonding (back bonding) due to x overlap of full d orbitals on the metal 
with empty p orbitals on the ligands. 


Molecular orbital theory 


Both covalent and ionic contributions are fully allowed for in this theory. 

Though this theory is probably the most important approach to chemical 
bonding, it has not displaced the other theories. This is because the quan- 
titative calculations involved are difficult and lengthy. involving the use 
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of extensive computer time. Much of the qualitative description can be 
obtained by other approaches using symmetry and group theory. 


VALENCE BOND THEORY 


The formation of a complex may be considered as a series of hypothetical 
steps. First the appropriate metal ion is taken, e.g. Co**. A Co atom has 
the outer electronic structure 3d74s?. Thus a Co?* ion will have the 
structure 3d°, and the electrons will be arranged: 


full 3d 4s 4p 4d 
me [EREE) O LII] CLLITÀ 
shell 


If this ion forms a complex with six ligands, then six empty atomic orbitals 
are required on the metal ion to receive the coordinated lone pairs of 
electrons. The orbitals used are the 4s, three 4p and two 4d. These are 
hybridized to give a set of six equivalent sp?d? hybrid orbitals. A ligand 
orbital containing a lone pair of electrons forms a coordinate bond by 
overlapping with an empty hybrid orbital on the metal ion. In this way a 
o bond is formed with each ligand. The d orbitals used are the 4d,2_,2 
and 4d;;. In the diagrams below, electron pairs from the ligands are shown 
as t 


full 3d 4p 4d 
mer [n]r ft fr f] see] TT] 
ST nh eee 


(sp?d? hybridization) 
octahedral shape 
outer orbital complex 
high-spin complex 


Since the outer 4d orbitals are used for bonding this is called an outer 
orbital complex. The energy of these orbitals is quite high, so that the 
complex will be reactive or labile. The magnetic moment depends on the 
number of unpaired electrons. The 3d level contains the maximum number 
of unpaired electrons for a d? arrangement, so this is sometimes called a 
high-spin or a spin-free complex. An alternative octahedral arrangement is 
possible when the electrons on the metal ion are rearranged as shown 
below. As before, lone pairs from the ligands are shown as 4i. 


kl 4s 4p 4d 
inner Bng 


(d?sp? hybridization) 
octahedral shape 
inner orbital complex 
low-spin complex 
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Since low energy inner d orbitals are used this is called an inner orbital 
complex. Such complexes are more stable than the outer orbital com- 
plexes. The unpaired electrons in the metal ion have been forced to pair 
up, and so this is now a low-spin complex. In this particular case all the 
electrons are paired, so the complex will be diamagnetic. 

The metal ion could also form four-coordinate complexes, and two dif- 
ferent arrangements are possible. Jt must be remembered that hybrid 
orbitals do not actually exist. Hybridization is a mathematical manipulation 
of the wave equations for the atomic orbitals involved. 


hal 3d 4s 4p 4d 
Pror ECT 
shel 

ie Tok See es 

(sp? hybridization) 

tetrahedral shape 
full 3d 4s 4p 4d 
eve BIET ed. fln LL 


fea ET 
(dsp? hybridization) 
square planar shape 


The theory does not explain the colour and spectra of complexes. The 
theory shows the number of unpaired electrons. From this the magnetic 
moment can be calculated (see Chapter 18). However, it does not explain 
why the magnetic moment varies with temperature. 


CRYSTAL FIELD THEORY 


The crystal field theory is now much more widely accepted than the valence 
bond theory. It assumes that the attraction between the central metal and 
the ligands in a complex is purely electrostatic. The transition metal which 
forms the central atom in the complex is regarded as a positive ion of 
charge equal to the oxidation state. This is surrounded by negative ligands 
or neutral molecules which have a lone pair of electrons. If the ligand is a 
neutral molecule such as NH3, the negative end of the dipole in the 
molecule is directed towards the metal ion. The electrons on the central 
metal are under repulsive forces from those on the ligands. Thus the 
electrons occupy the d orbitals furthest away from the direction of ap- 
proach of ligands. In the crystal field theory the following assumptions 
are made. 


1. Ligands are treated as point charges. 

2. There is no interaction between metal orbitals and ligand orbitals. 

3. The d orbitals on the metal all have the same energy (that is degenerate) 
in the free atom. However, when a complex is formed the ligands 
destroy the degeneracy of these orbitals, i.e. the orbitals now have 
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different energies. In an isolated gaseous metal ion, the five d orbitals 
do all have the same energy, and are termed degenerate. If a spherically 
symmetrical field of negative charges surrounds the metal ion, the d 
orbitals remain degenerate. However, the energy of the orbitals is 
raised because of repulsion between the field and the electrons on the 
metal. In most transition metal complexes, either six or four ligands 
surround the metal, giving octahedral or tetrahedral structures. In both 
of these cases the field produced by the ligands is not spherically 
symmetrical. Thus the d orbitals are not all affected equally by the 
ligand field. 


Octahedral complexes 


In an octahedral complex, the metal is at the centre of the octahedron, and 
the ligands are at the six corners. The directions x, y and z point to three 
adjacent corners of the octahedron as shown in Figure 7.7. 

The lobes of the e, orbitals (d,+—y: and d;:) point along the axes x, y and 
z. The lobes of the ty, orbitals (d,,, dyz and d,,) point in between the axes. 
It follows that the approach of six ligands along the x, y, z, —x, —y and —z 
directions will increase the energy of the d,:., and d;: orbitals (which 
point along the axes) much more than it increases the energy of the d,,, dyz 
and d,, orbitals (which point between the axes). Thus under the influence 
of an octahedral ligand field the d orbitals split into two groups of different 
energies (Figure 7.8). 

Rather than referring to the energy level of an isolated metal atom, the 
weighted mean of these two sets of perturbed orbitals is taken as the zero: 
this is sometimes called the Bari centre. The difference in energy between 
the two d levels is given either of the symbols A, or 10 Dq. It follows that 


&% 


Energy d orbitals are 
split into two 
groups 


tog 


Free metal ion Metal ion 
(five degenerate in octahedral 
d orbitals) field 


Figure 7.8 Crystal field splitting of energy levels in an octahedral field. 


x 


Figure 7.7 The directions in a 
octahedral complex. 
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Energy 
Average energy level 


~~ (Bari centre) 


log 
Average energy Metal ion 
of metal ion in octahedral 
in spherical field 
field 


Figure 7.9 Diagram of the energy levels of d orbitals in an octahedral field. 


the e, orbitals are +0.6A, above the average level, and the fg orbitals are 
—0.4A, below the average (Figure 7.9). 

The size of the energy gap A, between the 5, and eg levels can be 
measured easily by recording the UV-visible spectrum of the complex. 
Consider a complex like [Ti(H5O),]^*. The Ti** ion has one d electron. In 
the complex this will occupy the orbital with the lowest energy, that is one 
of the 1», orbitals (Figure 7.102). The complex absorbs light of the correct 
wavelength (energy) to promote the electron from the fx, level to the e; 
level (Figure 7.10b). 

The electronic spectrum for [Ti(H3O)J^* is given in Figure 7.11. The 
steep part of the curve from 27 000 to 30000 cm ! (in the UV region) is due 
to charge transfer. The d--d transition is the single broad peak with a 
maximum at 20300 cm-'. Since 1 kJ mol~! = 83.7cm7', the value of A, 


(a) (b) 
Figure 7.10 d' configuration: (a) ground state, (b) excited state. 
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Wavelength (A) 
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Molar absorbance 
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Figure 7.11 Ultraviolet and visible absorption spectrum of [Ti(H2O),}°*. 


for [Ti(H,O)]** is 20300/83.7 = 243kJ mol" '. This is much the same as 
the energy of many normal single bonds (see Appendix F). 

The above method is the most convenient way of measuring A, values. 
However, A, values can also be obtained from values of observed lattice 
energies and those calculated using the Born-Landé equation (see 
Chapter 3). 

Solutions containing the hydrated Ti** ion are reddish violet coloured. 
This is because yellow and green light are absorbed to excite the elec- 
tron. Thus the transmitted light is the complementary colour red- violet 
(Table 7.7). 

Because of the crystal field splitting of d orbitals, the single d electron in 
[Ti(H3O)]^* occupies an energy level 2/5A, below the average energy of 
the d orbitals. As a result the complex is more stable. The crystal field 
stabilization energy (CFSE) is in this case 2/5 x 243 = 97kJ mol*'. 


Table 7.7 Colours absorbed and colours observed 

oe 

Colour absorbed Colour observed Wavenumber 
observed (cm~!) 


yellow-green red- violet 24 000-26 000 
yellow indigo 23 000-24 000 
orange blue 21 000-23 000 
red blue-green 20000-21 000 
purple green 18 000—20 000 
red- violet yellow-green 17 300-18 000 
indigo yellow 16 400-17 300 
blue orange 15 300-16 400 
blue-green red 12800-15300 


aea 
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Table 7.8 Crystal field splittings by various ligands 
pe PSR OPS OE TE ak a. 


Complex Absorption peak 
(cm7') (kJ mol!) 
[Cr'! Clg? - 13640 163 
[Cr (H;0),]* 17830 213 
[Cr (NH3),P* 21680 259 
[Cr (CN)4^- 26280 314 


M 


The magnitude of A, depends on three factors: 


1. The nature of the ligands. 

2. The charge on the metal ion. 

3. Whether the metal is in the first, second or third row of transition 
elements. 


Examination of the spectra of a series of complexes of the same metal 
with different ligands shows that the position of the absorption band (and 
hence the value of A) varies depending on the ligands which are attached 
(Table 7.8). 

Ligands which cause only a small degree of crystal field splitting are 
termed weak field ligands. Ligands which cause a large splitting are called 
strong field ligands. Most A values are in the range 7000cm™! to 
30000 cm^!. The common ligands can be arranged in ascending order of 
crystal field splitting A. The order remains practically constant for different 
metals, and this series is called the spectrochemical series (see Further 
Reading Tsuchida, 1938; Jorgensen, 1962). 


Spectrochemical series 
weak field ligands 
LI «Br «S^ < Cl” «NO; < F^ < OH- < EtOH < oxalate < HO 
< EDTA < (NH; and pyridine) < ethylenediamine < dipyridyl 
< o-phenanthroline < NO; < CN < CO 
strong field ligands 


The spectrochemical series is an experimentally determined series. It is 
difficult to explain the order as it incorporates both the effects of o and x 
bonding. The halides are in the order expected from electrostatic effects. 
In other cases we must consider covalent bonding to explain the order. A 
pattern of increasing 6 donation is followed: 


halide donors < O donors « N donors « C donors 


The crystal field splitting produced by the strong field CN7 ligand is about 
double that for weak field ligands like the halide ions. This is attributed to 
n bonding in which the metal donates electrons from a filled hy orbital into 
a vacant orbital on the ligand. In a similar way, many unsaturated N donors 
and C donors may also act as x acceptors. 

The magnitude of A, increases as the charge on the metal ion increases. 
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Table 7.9 Crystal field splittings for hexa-aqua complexes of M^* and M?* 


ee 


Oxidation Ti V Cr Mn Fe Co^ Ni Cu 
state 
(+11) Electronic ut de d* d* dey dha d id 
configuration 
A, incm^! - 12600 13900 7800 10400 9300 8500 12600 
A,inkImol!  — 151 (166) 93 124 11 102 (151) 
(HI) Electronic d! di d? d* d rd qnm a 
configuration 
A, in cm"! 20300 18900 17830 21000 13700 18600 - - 
A, in kJ mol”! 243. 226 213 (251) 164 .222 - - 


Values for d^ and d? are approximate because of tetragonal distortion. 


Table 7.10 A, crystal field splittings in one group 


. em! kJ mol"! 
[Co(NH3).]* 24800 296 
[Rh(NH3)]* 34000 406 


[Ir(NH3)s* 41000 * 490 


For first row transition metal ions, the values of A, for M** complexes are 
roughly 50% larger than the values for M?* complexes (Table 7.9). 

The value of A, also increases by about 30% between adjacent members 
down a group of transition elements (Table 7.10). The crystal field stabiliz- 
ation energy in [Ti(H2O),]°*, which has a d! configuration, has previously 
been shown to be —0.4A,. In a similar way, complexes containing a metal 
ion with a d? configuration will have a CFSE of 2 x —0.4A, = —0.8A, by 
singly filling two of the fy, orbitals. (This is in agreement with Hund's rule 
that the arrangement with the maximum number of unpaired electrons 
is the most stable.) Complexes of d? metal ions have a CFSE of 3 x 
—0.4A, = —1.2A,. 

Complexes with a metal ion with a d* configuration would be expected 
to have an electronic arrangement in accordance with Hund's rule (Figure 
7.12a) with four unpaired electrons, and the CFSE will be (3 x —0.4A,) + 
(0.6A,) = —0.6A,. An alternative arrangement of electrons which does 
not comply with Hund’s rule is shown in Figure 7.12b. This arrangement 
has two unpaired electrons, and the CFSE is (4 x —0.4A,) = —1.6A,. 
The CFSE is larger than in the previous case. However, the energy P used 
to pair the electrons must be allowed for, so the total stabilization energy is 
—1.6A, + P. These two arrangements differ in the number of unpaired 
electrons, The one with the most unpaired electrons is called ‘high-spin’ or 
‘spin-free’, and the other one the ‘low-spin’ or 'spin-paired' arrangement. 
Both arrangements have been found to exist. Which arrangement occurs 
for any particular complex depends on whether the energy to promote an 
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Large ^o 
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(b) 


Figure 7.12 High- and low-spin complexes: (a) d* high-spin arrangement (weak 
ligand field); (b) d* low-spin arrangement (strong ligand field). 


Table 7.11 CFSE and pairing energy for some complexes 


Complex Configuration Ao P Predicted Found 
(cm) — (em?) 

[Fe (H;O)g** d$ 10400 17600 high spin high spin 

[Fe" (CN)4*- d$ 32850 17600  lowspin low spin 

[Co F,- d! 13000 21000  highspin high spin 

[Co" (NH3) t d 23000 21000  lowspin low spin 


LX——————————————————————————————————————— 


electron to the upper e, level (that is the crystal field splitting A.) is greater 
than the energy to pair electrons (that is P) in the lower £j, level. For a 
given metal ion P is constant. Thus the amount of crystal field splitting is 
determined by the strength of the ligand field. A weak field ligand such as 
CI- will only cause a small splitting of energy levels As. Thus it will be 
more favourable energetically for electrons to occupy the upper e, level 
and have a high-spin complex, rather than to pair electrons. In a similar 
way, strong field ligands such as CN" cause a large splitting Ao. In this case 
it requires less energy to pair the electrons and form a low-spin complex. 
Similar arguments apply to high- and low-spin complexes of metal ions 
with d^, dî and d” configurations. These are summarized in Table 7.12. 


EFFECTS OF CRYSTAL FIELD SPLITTING 


In octahedral complexes, the filling of ty, orbitals decreases the energy of a 
complex, that is makes it more stable by —0.4A, per electron. Filling e; 
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Table 7.12 CFSE and electronic arrangements in octahedral complexes 


d Arrangement in weak ligand field Arrangement in strong ligand field 
a — ett UDR ERO ere GY Ss ai P'S eg aes aie 


electrons lop e, CFSE Spinonly t e,  CFSE Spinonly 
A, magnetic A, magnetic 
moment moment 
u.(D) u (D) 
d! 'I[LIELI]-e4 1723 fT TILT a = 17 
d GO ES -08 28 [I]-es 28 
d tir Tt -12 — 387 BES OAE 
bd -1.2 
d* EE] +o 490 MEMEL -is 2.83 
= —0.6 
-12 
d tIETIETR]Is:2 592 NA o 15 
= -0.0 
eus -1.6 
d* Writ] +12 490 [upg]LI]-24 0.00 
= -0.4 
-2.0 —2.4 
d’ (INTE) +12 3.87 [up 406 — 173 
= -0.8 = -1.8 
-24 -24 
d* n [t Tt ] «12 2.83 +1.2 2.83 
2-12 2-12 
-24 -24 
e (0 [upmp[ug «s 1.73 +18 1.73 
= -0.6 = -0.6 
-2.4 -24 
qv mmnu][n]u]-24 0.00 *24 0.00 
= 0.0 = 0.0 


orbitals increases the energy by +0.6A, per electron. The total crystal field 
stabilization energy is given by 


CFSE (octahedral) = —9-4N¢,,) + 0. 6n, 


where ny, and me.) are the number of electrons occupying the fn, and e, 
orbitals respectively. The CFSE is zero for ions with d" and d'" con- 
figurations in both strong and weak ligand fields. The CFSE is also zero 
for d? configurations in a weak field. All the other arrangements have some 
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Table 7.13 Measured and calculated lattice energies 


Compound Structure Measured Calculated Difference 
lattice lattice (measured — 
energy energy calculated) 

(kImol^') ^ (kJmol^') (kJ mol^!) 

NaCl Sodium chloride —764 —764 0 

AgCl Sodium chloride —916 —784 7132 

AgBr Sodium chloride —908 25759 —149 

MgF; Rutile —2908 —2915 *7 

MnF; Rutile —2770 -2746 —24 

FeF; Rutile 2220912 20752 — 160 

NiF; Rutile —3046 —2917 —129 

CuF; Rutile —3042 —2885 2157 


CFSE, which increases the thermodynamic stability of the complexes. 
Thus many transition metal compounds have a higher measured lattice 
energy (obtained by calculations using the terms in the Born- Haber cycle) 
than is calculated using the Born- Landé, Born-Meyer or Kapustinskii 
equations. In contrast, the measured (Born- Haber) and calculated values 
for compounds of the main groups (which have no CFSE) are in close 
agreement (Table 7.13). There is also close agreement in MnF; which has a 
d? configuration and a weak field ligand: hence there is no CFSE. 

A plot of the lattice energies of the halides of the first row transition 
elements in the divalent state is given in Figure 7.13. In the solid, the 
coordination number of these metals is 6, and so the structures are 
analogous to octahedral complexes. The graphs for each halide show a 
minimum at Mn?*, which has a d? configuration. In a weak field this has a 
high-spin arrangement with zero CFSE. The configurations d" and d' also 
have zero CFSE. The broken line through Ca**, Mn?* and Zn?* repre- 
sents zero stabilization. The heights of other points above this line are the 
crystal field stabilization energies. 

The hydration energies of the M?* ions of the first row transition 
elements are plotted in Figure 7.14a. 


Mi, + excess H2O > [M(H;0),]^* 


The ions Ca?*, Mn?* and Zn?* have d", d? and d'? configurations, and 
have zero CFSE. An almost straight line can be drawn through these 
points. The distance of the other points above this line corresponds to the 
CFSE. Values obtained in this way agree with those obtained spectroscopi- 
cally. A similar graph of the M?* ions is shown in Figure 7.14b: here the 
d?, d5 and d? species are Sc?*, Fe** and Ga?* 

The ionic radii for M?* ions might be expected to decrease smoothly 
from Ca?* to Zn?* because of the increasing nuclear charge, and the poor 
shielding by d electrons. A plot of these radii is given in Figure 7.15. The 
change in size is not regular. 

A smooth (broken) line is drawn through Ca?*, Mn?* and Zn?*. These 
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Figure 7.13 CFSE of dihalides of the first transition series. (After T.C. Wadding- 
ton, Lattice energies and their significance in inorganic chemistry, Advances in 
Inorganic Chemistry and Radiochemistry, 1, Academic Press, New York. 1959.) 


Ca Sc Ti V Cr MnFeCoNi Cu ZnGa Ca Sc Ti V Cr Mn Fe Co Ni Cu ZnGa 
(a) M?* (b) M3 


Figure 7.14 Enthalpies of hydration for M^* and M**, in kJ mol`? 
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po d LLL L1 
Ca^ Sc^ n VA CH Mn? Fe? Co^ Ni? Cu? Zn 


Figure 7.15 Octahedral ionic radii of M?* for first row transition elements. 


have d", d? and d" configurations as the d orbitals are empty. half full or 
full. These arrangements constitute an almost spherical field round the 
nucleus. In Ti?* the d electrons occupy orbitals away from the ligands, 
providing little or no shielding of the nuclear charge. Thus the ligands are 
drawn closer to the nucleus. The increased nuclear charge has an even 
greater effect in the case of V^*. At Cr^* the e, level contains one electron. 
This is concentrated in the direction of the ligands, thus providing very 
good shielding. Thus the ligands can no longer approach so closely and the 
ionic radius increases. This increase in size is continued with the filling of 
the second e, orbital at Mn^*. The screening by the e, orbitals is so good 
that the radius of Mn°* is slightly smaller than it would be if it were in a 
truly spherical field. The same sequence of size changes is repeated in the 
second half of the series. 


TETRAGONAL DISTORTION OF OCTAHEDRAL COMPLEXES 
(JAHN-TELLER DISTORTION) 


The shape of transition metal complexes is determined by the tendency of 
electron pairs to occupy positions as far away from each other as possible. 
This is the same as for the main group compounds and complexes. In 
addition. the shapes of transition metal complexes are affected by whether 
the d orbitals are symmetrically or asymmetrically filled. 

Repulsion by six ligands in an octahedral complex splits the d orbitals 
on the central metal into f and e, levels. It follows that there is à 
corresponding repulsion between the d electrons and the ligands. If the d 
electrons are symmetrically arranged. they will repel all six ligands equally. 
Thus the structure will be a completely regular octahedron. The symmetri+ 
cal arrangements of d electrons are shown in Table 7.14. 

All other arrangements have an asymmetrical arrangement of d elec- 
trons. If the d electrons are asymmetrically arranged. they will repel 
some ligands in the complex more than others. Thus the structure 15 
distorted because some ligands are prevented from approaching the metal 
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Table 7.14 Symmetrical electronic arrangements 


Electronic Dg e$ Nature of Examples 
configuration ligand field 

iV i'VE- 
d? Strong or weak Ud Fel 

m 3~ 
d? 1 |t |f Strong or weak DA ena 
" seb Hp s 
d^ 1 [t |f tft] weak Edi 
‘ TT [Fe (CN) 
d' Nini} | | | Strong [Co (NH ).]* 
^ T T [Ni F,]*- 
d' tnn t |f Weak [Ni (HO) 

M 2+ 
d” [NJN nt Strong or weak CA ADS M 


as closely as others. The e, orbitals point directly at the ligands. Thus 
asymmetric filling of the e, orbitals results in some ligands being repelled 
more than others. This causes a significant distortion of the octahedral 
shape. In contrast the t», orbitals do not point directly at the ligands, but 
point in between the ligand directions. Thus asymmetric filling of the to, 
orbitals has only a very small effect on the stereochemistry. Distortion 
caused by asymmetric filling of the f orbitals is usually too small to 
measure. The electronic arrangements which will produce a large distor- 
tion are shown in Table 7.15. 

The two e, orbitals d,:_,2 and d.: are normally degenerate. However, if 
they are asymmetrically filled then this degeneracy is destroyed, and the 
two orbitals are no longer equal in energy. If the d;: orbital contains one 


Table 7.15 Asymmetrical electronic arrangements 


Electronic hy ei Nature of Examples 
configuration ligand field 

Weak field 
d t]t]t] [EL] high-spin comple Cr+. Macam 


ra Strong field 
d^ [m "ul. gt] (low-spin complex) 


: r3 Either strong d 
q ti prep] [e| er wene i Cu(4-1) 


Co(* T), NiC- HT) 


216 


COORDINATION COMPOUNDS 


more electron than the d,:_,2 orbital then the ligands approaching along 
+z and —z will encounter greater repulsion than the other four ligands. 
The repulsion and distortion result in elongation of the octahedron along 
the z axis. This is called tetragonal distortion. Strictly it should be called 
tetragonal elongation. This form of distortion is commonly observed. 

If the d,2_,2 orbital contains the extra electron, then elongation will 
occur along the x and y axes. This means that the ligands approach more 
closely along the z axis. Thus there will be four long bonds and two short 
bonds. This is equivalent to compressing the octahedron along the z axis, 
and is called tetragonal compression. Tetragonal elongation is much more 
common than tetragonal compression, and it is not possible to predict 
which will occur. 

For example, the crystal structure of CrF2 is a distorted rutile (TiO;) 
structure. Cr^* is octahedrally surrounded by six F^, and there are four 
Cr—F bonds of length 1.98-2.01 A, and two longer bonds of length 
2.43 À. The octahedron is said to be tetragonally distorted. The electronic 
arrangement in Cr^* is d*. F^ is a weak field ligand, and so the ( level 
contains three electrons and the e, level contains one electron. The dy- 
orbital has four lobes whilst the d.: orbital has only two lobes pointing at 
the ligands. To minimize repulsion with the ligands, the single e, electron 
will occupy the d+» orbital. This is equivalent to splitting the degeneracy of 
thee, level so that d.: is of lower energy, i.e. more stable, and dz- y: is of 
higher energy, i.e. less stable. Thus the two ligands approaching along the 
+z and —z directions are subjected to greater repulsion than the four 
ligands along +x, =x, +y and —y. This causes tetragonal distortion with 
four short bonds and two long bonds. In the same way MnF; contains 
Mn°* with a d* configuration, and forms a tetragonally distorted octa- 
hedral structure. 

Many Cu(+II) salts and complexes also show tetragonally distorted 
octahedral structures. Cu’* has a d° configuration: 


To minimize repulsion with the ligands, two electrons occupy the d; 
orbital and one electron occupies the d,2_,: orbital. Thus the two ligands 
along —z and —2 are repelled more strongly than are the other four ligands 
(see Chapter 27, under +I state for copper). 

The examples above show that whenever the d; and d,2_,2 orbitals are 
unequally occupied, distortion occurs. This is known as Jahn-Teller dis- 
tortion. The Jahn- Teller theorem states that “Any non-linear molecular 
system in a degenerate electronic state will be unstable, and will undergo 
some sort of distortion to lower its symmetry and remove the degeneracy.’ 
More simply, molecules or complexes (of any shape except linear), which 
have an unequally filled set of orbitals (either f, or eg), will be distorted. In 
octahedral complexes distortions from the 4 level are too small to be 
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detected. However, distortions resulting from uneven filling of the e, 
orbitals are very important. 


Energy 
mug 


Figure 7.16 d* arrangement in weak octahedral field. 


Energy 


(a) (b) 


Figure 7.17 d? arrangement in very strong octahedral field. Tetragonal distortion 
splits (a) the e, level; and (b) also splits the fz, level. The dy orbital is higher in 
energy than the d,. or d+. (For simplicity this is sometimes ignored.) 


SQUARE PLANAR ARRANGEMENTS 


If the central metal ion in a complex has a d^ configuration, six electrons 
will occupy the £5, orbitals and two electrons will occupy the e, orbitals. 
The arrangement is the same in a complex with weak field ligands. The 
electrons are arranged as shown in Figure 7.16. The orbitals are symmetri- 
cally filled, and a regular octahedral complex is formed, for example by 
[Ni (H;O),* and [Ni'"(NH,)6]**. 
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Figure 7.18 d" arrangement, 
field. (The d»: orbital is 


Mr 05) 


The single electron in the d,»_,» orbital is being repelled by four ligands, 
whilst the electron in the d, orbital is only being repelled by two ligands 
Thus the energy of the d,»_,» increases relative to that of d. If the ligand 
field is sufficiently strong, the difference in energy between these two 
orbitals becomes larger than the energy needed to pair the electrons 
Under these conditions, à more stable arrangement arises when both the e, 
electrons pair up and occupy the lower energy d; orbital. This leaves the 
di-y: orbital empty (Figure 7.17). Thus four ligands can now approach 
along the +x, —x, *y and —y directions without any difficulty, as the 
d, orbital is empty. However, ligands approaching along the +z and 
1 directions meet very strong repulsive forces from the filled d, orbital 
(Figure 7.18). Thus only four ligands succeed in bonding to the metal. A 
square planar complex is formed, the attempt to form an octahedral com- 
plex being unsuccessful. 

The amount of tetragonal distortion that occurs depends on the par- 
ticular metal ion and ligands. Sometimes the tetragonal distortion may 
become so large that the d,, orbital is lower in energy than the d,, orbital as 
shown in Figure 7.19. In square planar complexes of Co", Ni" and Cu" the 
d, orbital has nearly the same energy as the d,, and d,, orbitals. In 
[PtCL]^7 the d; orbital is lower in energy than the d,, and d,, orbitals 

Square planar complexes are formed by d ions with strong field ligands, 
for example [Ni' (CN), ^" . The crystal field splitting A, is larger for second 
and third row transition elements, and for more highly charged species. All 
the complexes of Pt( +11) and Au( +111) are square planar - including those 
with weak field ligands such as halide ions. 


d,, and dj, 


Figure 7.19 Tetragonal distortion. 


Dome 


Electronic tons "pest Number of 
configuration wnpeired 
electrons 
4" Crit) Weak 4 
+ Vei 1l (Haem) 1 
4 Coe Urong [] 
P d Niet), RAe N), iet) Strong L] p 
Swan Mirong and weak L] 
4^ ott), Agi th) Strong and weak i 


Square planar structures can also arise from d* iom in a weak ligand 
field. In this case the d,» orbital only contains one electron. 


TETRAHEDRAL COMPLEXES 
A regular tetrahedron is related to à cube. One atom is at the centre of the 


The directions x, y and z point to the centres of the faces of the cube, 
The e, orbitals point along x, y and z (that is to the centres of the faces). 


Figure 7.24. Orcotation of d orteah relative to a cube 
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Figure 7.18 d* arrangement, 
strong field. (The d.: orbital is 
full, the d: empty.) 


Energy 


The single electron in the d,2_,2 orbital is being repelled by four ligands, 
whilst the electron in the d, orbital is only being repelled by two ligands. 
Thus the energy of the d,2_,2 increases relative to that of d.:. If the ligand 
field is sufficiently strong, the difference in energy between these two 
orbitals becomes larger than the energy needed to pair the electrons. 
Under these conditions, a more stable arrangement arises when both the e, 
electrons pair up and occupy the lower energy d» orbital. This leaves the 
d,2_,2 orbital empty (Figure 7.17). Thus four ligands can now approach 
along the +x, —x, +y and —y directions without any difficulty, as the 
d,2_y2 orbital is empty. However, ligands approaching along the +z and 
—z directions meet very strong repulsive forces from the filled d;: orbital 
(Figure 7.18). Thus only four ligands succeed in bonding to the metal. A 
square planar complex is formed, the attempt to form an octahedral com- 
plex being unsuccessful. 

The amount of tetragonal distortion that occurs depends on the par- 
ticular metal ion and ligands. Sometimes the tetragonal distortion may 
become so large that the d;: orbital is lower in energy than the d,, orbital as 
shown in Figure 7.19. In square planar complexes of Co", Ni" and Cu" the 
dj orbital has nearly the same energy as the d,, and dy, orbitals. In 
[PtCl,]?~ the d»: orbital is lower in energy than the d,, and dy, orbitals. 

Square planar complexes are formed by d* ions with strong field ligands, 
for example [Ni'" (CN)4]?-. The crystal field splitting A, is larger for second 
and third row transition elements, and for more highly charged species. AII 
the complexes of Pt(+II) and Au(- III) are square planar — including those 
with weak field ligands such as halide ions. 


d,, and dyz 


Figure 7.19 Tetragonal distortion. 
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Table 7.16 Ions that form square planar complexes 


Electronic Ions Type of Number of 
configuration field unpaired 
electrons 
d* Cr( 1I) Weak 4 
a Fe(+I1) (Haem) 2 
d’ Co(+1I) Strong 1 
d* Ni(--II), Rh(+1), Ir( I) Strong 0 
Pd(4- II), Pt(--II), Au( III) Strong and weak 0 
d? Cu(-II), Ag(*1I) Strong and weak 1 


Square planar structures can also arise from d^ ions in a weak ligand 
field. In this case the d,: orbital only contains one electron. d 


TETRAHEDRAL COMPLEXES 


A regular tetrahedron is related to a cube. One atom is at the centre of the 
cube, and four of the eight corners of the cube are occupied by ligands as 
shown-in Figure 7.20. 

The directions x, y and z point to the centres of the faces of the cube. 
The e, orbitals point along x, y and z (that is to the centres of the faces). 
The t5, orbitals point between x, y and z (that is towards the centres of the 
edges of the cube) (Figure 7.21). 

The direction of approach of the ligands does not coincide exactly with 


Figure 7.21 Orientation of d orbitals relative to a cube. 


Figure 7.20 Relation of a 
tetrahedron to a cube. 
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Energy d orbitals are 
split into two 
groups 


Free metal ion Metal ion 
(five degenerate in tetrahedral 
d orbitals) field 


Figure 7.22 Crystal field splitting of energy levels in a tetrahedral field. 


either the e, or the fr, orbitals. The angle between an eg orbital, the central 
metal and the ligand is half the tetrahedral angle = 109°28'/2 = 54*44'. The 
angle between a tg orbital, the central metal and the ligand is 35°16’. Thus 
the t», orbitals are nearer to the direction of the ligands than the e, orbitals. 
(Alternatively the i5, orbitals are half the side of the cube away from the 
approach of the ligands, whilst the e, orbitals are half the diagonal of the 
cube away.) The approach of the ligands raises the energy of both sets of 
orbitals. The energy of the 1, orbitals is raised most because they are 
closest to the ligands. This crystal field splitting is the opposite way round 
to that in octahedral complexes (Figure 7.22). 

The to, orbitals are 0.4A, above the weighted average energy of the two 
groups (the Bari centre) and the e, orbitals are 0.6A, below the average 
(Figure 7.23). 

The magnitude of the crystal field splitting A, in tetrahedral complexes is 
considerably less than in octahedral fields. There are two reasons for this: 


1. There are only four ligands instead of six, so the ligand field is only two 
thirds the size: hence the ligand field splitting is also two thirds the size. 

2. The direction of the orbitals does not coincide with the direction of the 
ligands. This reduces the crystal field splitting by roughly a further two 
thirds. 


Thus the tetrahedral crystal field splitting A, is roughly 2/3 x 2/3 = 4/9 of 
the octahedral crystal field splitting A,. Strong field ligands cause a bigger 
energy difference between tz and e, than weak field ligands. However, the 
tetrahedral splitting A, is always much smaller than the octahedral splitting 
Ao. Thus it is never energetically favourable to pair electrons, and all 
tetrahedral complexes are high-spin. 
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Figure 7.23 Energy levels for d orbitals in a tetrahedral field. 


| The CFSE in both octahedral and tetrahedral environments is given in 
! Table 7.17. This shows that for d°, d* and d™ arrangements the CFSE is 
zero in both octahedral and tetrahedral complexes. For all other electronic 
| arrangements there is some CFSE, and the octahedral CFSE is greater 

than the tetrahedral CFSE. It follows that octahedral complexes are 

generally more stable and more common than tetrahedral complexes. This 
is partly because there are six bond energy terms rather than four, and 
partly because there is a larger CFSE term. Despite this some tetrahedral 
complexes are formed, and are stable. Tetrahedral complexes are favoured: 


1. Where the ligands are large and bulky and could cause crowding in an 
octahedral complex. 

2. Where attainment of a regular shape is important. For tetrahedral 

| structures d°, d?, d?, d" and d'? configurations are regular. Some tetra- 

i hedral complexes which are regular are: Ti "Cl, (e8, By), [Mn^^O,]" 

| (e). i$). Ld (ei. r8), [Fe CL" (ej. rd), [CoC (es, dy) 


| and [Zn" Cla]? (e$, £$.). 
3. When the A are weak field, and the loss in CFSE is thus less 
important. 


| 4. Where the central metal has a low oxidation state. This reduces the 
magnitude of A. 

| 5. Where the electronic configuration of the central metal is d°, d'r d° 

| as there is no CFSE. 

| 6. Where the loss of CFSE is small, e.g. d! and d° where the loss in CFSE 

is 0.13A, or d? and d where the loss is 0.27A,. 


Many transition metal chlorides, bromides and iodides form tetrahedral 
structures. 
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Table 7.17 CFSE and electronic arrangements in tetrahedral complexes 


Number Arrangement , Spin only Tetrahedral Tetrahedral Octahedral 
of d of electrons magnetic CFSE CFSE scaled CFSE A, 
electrons moment for comparison — — — — —— 
with octahedral Weak Strong 
values, field field 
assuming 
i lp u(D) A, A = 9A 
a! 1 s] 173  -06 =0.27 -04  —04 
d 2.83 —12 —0.53 -0.8 —0.8 
a rh] ft 387 — -12404- -08 -0.36 12-12 
d a ee 490 — -12408- -04 -0.18 -06  -16 
ds (tit) [ttr] s2 -12+12=00 0.00 00  -20 
d^ 4.90 =1.8 + 1.2 = —0.6 =027 =0.4 EPMA 
d; 3.87 -2.4412-2-12 —0.53 -0.8 -1.8 
d" 2.83 —2.4 + 1.6 = —0.8 —0.36 12 Ez 
d^ 1.73 -2.4+2.0=-0.4 —0.18 -0.6 -0.6 
a" 0.00 -24 + 2.4 = 0.0 0.00 0.0 0.0 
CHELATES 
Some of the factors that favour complex formation have already been 
mentioned: 


1. Small highly charged ions with suitable vacant orbitals of the right 
energy. 

2. The attainment of a noble gas structure (effective atomic number rule). 

3. The attainment of a symmetrical shape and a high CFSE. 


In some complexes a ligand occupies more than one coordination position. 
Thus more than one atom in the ligand is bonded to the central metal. For 
example. ethylenediamine forms a complex with copper ions: 
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H2- NH; H;—NH; NH,—CH;]* 


Cu** + 2 E Cu 


CH;: NH; CH;—NH; NH;—CH,; 


In this complex the copper is surrounded by four —NH, groups. Thus each 
ethylenediamine molecule is bonded to the copper in two places. For this 
reason ethylenediamine is called a bidentate group or ligand. (Bidentate 
means literally two teeth!) A ring structure is thus formed (in this case a 
pair of five-membered rings) and such ring structures are called chelates. 
(Chelos is the Greek word for crab.) Chelated complexes are more stable 
than similar complexes with unidentate ligands, as dissociation of the 
complex involves breaking two bonds rather than one. Some common 
| polydentate ligands are listed in Figure 7.24. 

The more rings that are formed, the more stable the complex is. Chelat- 
} ing agents with three, four and six donor atoms are known and are termed 
tridentate, tetradentate and hexadentate ligands. An important example of 
the latter is ethylenediaminetetraacetic acid. This bonds through two N 
and four O atoms to the metal, and so forms five rings. Due to this 
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ion 
= 
H =y 
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us. Rh Se: 
x \ / x 
PPS E a —N N= 
v NOT NGG a JON Salhi 
Salicylaldehyde anion 2,2'-Dipyridy] 1,10-Phenanthroline 
(o-phenanthroline) 
Ft phs 
A ^ Case Lr. ~ AS(CH,) 
ilh. |y ‘nauk 
RUE N N UE Ad ii 
WD - NC < AS(CHj) 
N i -o^ TS OH 32 
hus UN 
us 
8-Hydroxyquinolinol ion Dimethylglyoxime 0-Phenylenebisdimethyl- 
(oxine) anion arsine (diarsine) 


Figure 7.24 Some common polydentate ligands. 
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Figure 7.25 EDTA. 
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Figure 7.26 Some chelate complexes. 


bonding, EDTA can form complexes with most metal ions. Even com- 
plexes with large ions such as Ca?* are relatively stable. (The Ca^* -EDTA 
complex is only formed completely at pH 8, not at lower pH.) 

Chelate compounds are even more stable when they contain a system of 
alternate double and single bonds. This is better represented as a system 
in which electron density is delocalized and spread over the ring. Examples 
of this include acetylacetone and porphyrin complexes with metals (Figure 
7.26). 

Several chelate compounds are of biological importance. Haemoglobin 
in the red blood cells contains an iron- porphyrin complex. Chlorophyll in 
green plants contains a magnesium-porphyrin complex. Vitamin Bj; is a 
cobalt complex and the cytochrome oxidase enzymes contain iron and 
copper. The body contains several materials which will form chelate 
compounds with metals, for example adrenaline, citric acid and cortisone. 
Metal poisoning by lead, copper, iron, chromium and nickel results in 
these materials forming unwanted complexes, thus preventing normal 
metabolism. For this reason dermatitis from chromium or nickel salts is 
treated with EDTA cream. Lead and copper poisoning are treated by 
drinking an aqueous solution of EDTA. This complexes with the unwanted 
lead or copper ions. Unfortunately it also complexes with other metal ions 
which are needed, particularly Ca^*. The metal-EDTA complexes are 
excreted in the urine. (The problem of excreting Ca^* may be partly 
overcome by using the Ca-EDTA complex rather than EDTA itself.) 


MAGNETISM 


MAGNETISM 


The magnetic moment can be measured using a Gouy balance (see Chapter 
18). If we assume that the magnetic moment arises entirely from unpaired 
electron spins then the ‘spin only’ formula can be used to estimate n, 
the number of unpaired electrons. This gives reasonable agreement for 
complexes of the first row of transition metals. 


Hs = yn(n + 2) 


Once the number of unpaired electrons is known, either the valence bond 
or. the crystal field theory can be used to work out the shape of the 
complex, the oxidation state of the metal, and. for octahedral complexes, 
whether inner or outer d orbitals are used. For example, Co(+III) forms 
many complexes, all of which are octahedral. Most of them are diamagne- 
tic, but [CoF,]*~ is paramagnetic with an observed magnetic moment of 
5.3 BM. Crystal field theory explains this (Figure 7.27). 

Co(+II) forms both tetrahedral and square planar four-coordinate com- 
plexes. These can be distinguished by magnetic measurements (Figure 
7.28). 

However, orbital angular momentum also contributes to a greater or 
lesser degree to the magnetic moment. For the second and third row 
transition elements not only is this contribution significant, but spin orbit 
coupling may occur. Because of this, the ‘spin only’ approximation is no 
longer valid, and there is extensive temperature-dependent paramagne- 
tism. Thus the simple interpretation of magnetic moments in terms of the 
number of unpaired electrons cannot be extended from the first row of 
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Figure 7.27 Co** in high-spin and low-spin complexes. 
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Co** in a tetrahedral field 
Energy 


3 unpaired electrons, u = V3(3 + 2) = V15 = 3.87 BM 


Co?" in square planar complex 
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Figure 7.28 Co^* in tetrahedral and square planar complexes. 
gi q p! 


transition elements to the second and third rows. The temperature de- 
pendence is explained by the spin orbit coupling. This removes the 
degeneracy from the lowest energy level in the ground state. Thermal 
energy then allows a variety of levels to be populated. 


EXTENSION OF THE CRYSTAL FIELD THEORY TO ALLOW 
FOR SOME COVALENCY 


The crystal field theory is based on purely electrostatic attraction. At first 
sight this seems to be a most improbable assumption. Nevertheless, the 
theory is remarkably successful in explaining the shapes of complexes, 
their spectra and their magnetic properties. Calculations can be carried out 
quite simply. The disadvantage of the theory is that it ignores evidence 
that some covalent bonding does occur in at least some transition metal 
complexes: 


1. Compounds in the zero oxidation state such as nickel carbonyl 
[Ni°(CO).] have no electrostatic attraction between the metal and the 
ligands. Thus the bonding must be covalent. 

2. The order of ligands in the spectrochemical series cannot be explained 
solely on electrostatic grounds. 

3. There is some evidence from nuclear magnetic resonance and electron 
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spin resonance that there is some unpaired electron density on the 
ligands. This suggests the sharing of electrons, and hence some 
covalency. 


The Racah interelectron repulsion parameter B is introduced into the 
interpretation of spectra. This makes some allowance for covalency arising 
from the delocalization of d electrons from the metal onto the ligand. If B 
is reduced below the value for a free metal ion, the d electrons are 
delocalized onto the ligand. The more B is reduced the greater the delo- 
calization and the greater the amount of covalency. In a similar way an 
electron delocalization factor k can be used in interpreting magnetic 
measurements. 


MOLECULAR ORBITAL THEORY 


The molecular orbital theory incorporates covalent bonding. Consider a 
first row transition element forming an octahedral complex, for example 


-——3dIm) 


Non-bonding MOs 


arbitals Molecular orbitals Atomic orbitals 
in metal ion in ligands 
Figure 7.29 Molecular orbital diagram for [Co (NH), * 
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Atomic orbitals 
in metal ion 


[Co (NH;);*.. The atomic orbitals on Co** which are used to make 
molecular orbitals are 3d,:-,:, 3d; 4s, 4px, 4p, and 4p,. A 2p atomic 
orbital from each NH; containing a lone pair is also used to make 
molecular orbitals. Thus there are 12 atomic orbitals, which combine to 
give 12 molecular orbitals (six bonding MOs and six antibonding MOs). 
The 12 electrons from the six ligand lone pairs are placed in the six bonding 
MOs. This accounts for the six bonds. The transition metal Co** has other 
d orbitals, which have so far been ignored. These are the 3d,,, 3d,, and 
3d,. orbitals. These form non-bonding MOs, and in Co** they contain six 
electrons, but contribute nothing to the bonding. The antibonding MOs 
are all empty. The arrangement is shown in Figure 7.29. We would predict 
that the complex should be diamagnetic as all the electrons are paired. The 
complex should be coloured since promotion of electrons from the non- 
bonding MOs to the antibonding e? MOs is feasible. The energy jump A, 
is 23000cm7!. The six non-bonding d electrons are paired in this complex 
because A, is larger than the pairing energy of 19000 cm™!. 

A similar MO diagram can be drawn for the complex [Co!'F,}*~. 


Molecular orbitals 


in ligands 


Figure 7.30 Molecular orbital diagram for [CoF.]- 
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However, the energies of the 2p orbitals on F^ are much lower than the 
energy of the corresponding orbital on N in NH;. This alters the spacing of 
the MO energy levels (Figure 7.30). Spectroscopic measurements show 
that A, is 13000cm™'!. Thus the gap between the non-bonding MOs and 
the antibonding e? MOs is less than the pairing energy of 19000 cm. 
Thus the non-bonding d electrons do not pair up as in the [Co(NH3),]^* 
complex because there is a net gain in energy if electrons are left unpaired. 
Thus [CoF,]*~ has four unpaired electrons and is a high-spin- complex, 
whilst [Co(NH5);]^* has no unpaired electrons and is a low-spin complex. 

Thus the MO theory explains the magnetic properties and spectra of 
complexes equally as well as the crystal field theory. Both theories rely on 
spectra to measure the energy of A,. Either theory may be used depending 
on which is the most convenient. 

The MO theory is based on wave mechanics and so has the disadvantage 
that enthalpies of formation and bond energies cannot be calculated 
directly. So far we have considered c bonding between ligands and the 
central metal. The MO theory his the great advantage that it is easily 
extended to cover n bonding. Pi honding helps to explain how metals in 
low oxidation states (e.g. [Ni°(CO),]) can form complexes. It is impossible 
to explain any attractive force in such a complex using the crystal field 
theory because of the lack of charge on the metal. Pi bonding also helps to 
explain the position of some ligands in the spectrochemical series. There 
are two cases: 


1. Where the ligands act as x acceptors, by accepting electrons from the 
central metal. Examples include CO, CN“, NO* and phosphines. 

2. Where the ligands act as x donors and transfer charge from ligand to 
metal in x interactions as well as c interactions. Pi bonding of this kind 
commonly occurs in oxoions of metals in high oxidation states, e.g. 
[MnV'O,]- and [CrY'O,J" . 


T acceptors 


Ligands such as CO, CN^ and NO* have empty n orbitals with the correct 


symmetry to overlap with the metal t2% orbitals, forming x bonds. This is « 


often described as back bonding. Normally the x orbitals on the ligands are 
of higher energy than the metal t», orbitals. No more electrons are added 
to the scheme as the ligand x orbitals are empty, but the n interaction 
increases the value of A,. This accounts for the position of these ligands 
as 'strong field ligands' at the right of the spectrochemical series. 


n donors 


The ligand has filled x orbitals which overlap with the metal f2 orbitals, 
giving a x bond. Thus electron density is transferred from the ligand to the 
metal. The o bonding also transfers charge to the metal. This type of 
complex is favoured when the central metal has a high oxidation state, 
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and ‘is short of electrons’. The ligand x orbitals are lower in energy than 
the metal t, orbitals. Delocalizing z electrons from the ligand to the 
metal in this way reduces the value of A. It is not always clear if x donor 
bonding has occurred, but it is most likely with ligands at the left of the 
spectrochemical series. 


NOMENCLATURE OF COORDINATION COMPOUNDS 


The International Union of Pure and Applied Chemistry (IUPAC) publi- 
cation Nomenclature of Inorganic Chemistry (1989), Blackwell Scientific 
Publishers, contains the rules for the systematic naming of coordination 
compounds. The basic rules are summarized here. 


1. 
2 


T 


The positive ion is named first followed by the negative ion. 

When writing the name of a complex, the ligands are quoted in 
alphabetical order, regardless of their charge (followed by the metal). 
When writing the formula of complexes, the complex ion should be en- 
closed by square brackets. The metal is named first, then the coordin- 
ated groups are listed in the order: negative ligands, neutral ligands, 
positive ligands (and alphabetically according to the first symbol within 
each group). 

(a) The names of negative ligands end in -o, for example: 


F fluoro H-  hydrido HS'  mercapto 
CI- chloro OH- hydroo S* thio 

Br- bromo O^ oxo CN- cyano 

Iz iodo O$ . peroxo NO; nitro 


(b) Neutral groups have no special endings. Examples include NH; 
ammine, H,O aqua, CO carbonyl and NO nitrosyl. The ligands N2 
and O; are called dinitrogen and dioxygen. Organic ligands are 
usually given their common names, for example phenyl, methyl, 
ethylenediamine, pyridine, triphenylphosphine. 

(c) Positive groups end in -ium, e.g. NH;—NH,; hydrazinium. 

Where there are several ligands of the same kind, we normally use the 

prefixes di, tri, tetra, penta and hexa to show the number of ligands of 

that type. An exception occurs when the name of the ligand includes a 

number, e.g. dipyridyl or ethylenediamine. To avoid confusion in such 

cases, bis, tris and tetrakis are used instead of di, tri and tetra and the 
name of the ligand is placed in brackets. 

The oxidation state of the central metal is shown by a Roman numeral 

in brackets immediately following its name (ie. no space, e.g. 

titanium(III)). 

Complex positive ions and neutral molecules have no special ending but 

complex negative ions end in -ate. 

If the complex contains two or more metal atoms, it is termed 

polynuclear. The bridging ligands which link the two metal atoms to- 

gether are indicated by the prefix p-. If there are two or more bridging 
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groups of the same kind, this is indicated by di-p-, tri-p- etc. Bridging 
groups are listed alphabetically with the other groups unless the 
symmetry of the molecule allows a simpler name. If a bridging group 
bridges more than two metal atoms it is shown as H3, Has Hs OF ps to 
indicate how many atoms it is bonded to. 

8. Sometimes a ligand may be attached through different atoms. Thus 
M—NO, is called nitro and M—ONO is called nitrito. Similarly the 
SCN group may bond M—SCN thiocyanato or M—NCS isothiocyanato. 
These may be named systematically thiocyanato-S or thiocyanato-N to 
indicate which atom is bonded to the metal. This convention may be 
extended to other-cases where the mode of linkage is ambiguous. 

9. If any lattice components such as water or solvent of crystallization are 
present, these follow the name, and are preceded by the number of 
these groups in Arabic numerals. 


These rules are illustrated by the following examples: 


Complex anions 


[Co(NH;);]Cls Hexaamminecobalt(III) chloride 
[CoCl(NH3)s]?* Pentaamminechlorocobalt(III) ion 
[CoSO;(NH3);]NO; Tetraamminesulphatocobalt(1II) nitrate 
[Co(NO5).(NH3);] Triamminetrinitrocobalt(III) 
[CoCl- CN +NO -(NH3)3]  Triamminechlorocyanonitrocobalt(I11) 
[Zn(NCS),]?* Tetrathiocyanato-N-zinc(1l) 
[Cd(SCN),* Tetrathiocyanato-S-cadmium(1I) 
Complex cations 
Li[AlH,] Lithium tetrahydridoaluminate(II1) 
(lithium aluminium hydride) 
Naj[ZnCl,] Sodium tetrachlorozincate(11) 
K4[Fe(CN);] Potassium hexacyanoferrate(II) 
K,[Fe(CN)sNO] Potassium pentacyanonitrosylferrate(1I) 
K;[OsCI;N] Potassium pentachloronitridoosmate(VI) 
Na;[Ag(S203);] Sodium bis(thiosulphato)argentate(1) 


K,[Cr(CN)02(O2)NH3] 


Organic groups 
[Pt(py)a][PtCls] 


Potassium amminedicyanodioxoperoxo 
chromate( VI) 


Tetrapyridineplatinum(11) - 
tetrachloroplatinate(II) 


[Cr(en);]Cls d or | Tris(ethylenediamine)chromium(III) 
chloride 

[CuCL(CH3NH5);] Dichlorobis(methylamine)copper(II) 

Fe(CsHs)2 Bis(cyclopentadieny!)iron(II) 


[Cr(C6H6)2] 


Bis(benzene)chromium(0) 
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Bridging groups 
[(NH «Co: NH;* p-amidobis[|pentaamminecobalt( HT)] nitrate 
Co(NH3).](NO:)« 


[(CO),Fe(CO),Fe(CO),]  Tri-u-carbonyl-bis(tricarbonyliron(0)) 
(di iron enneacarbonyl) 


[Be,O(CH,COO),] Hexa-p-acetato(O,0')-p4-0x0- 
tetraberyllium(11) 
(basic beryllium acetate) 
Hydrates 
AIK(SO;);* 12H50 Aluminium potassium sulphate 12-water 
ISOMERISM 


Compounds that have the same chemical formula but different structural 
arrangements are called isomers. Because of the complicated formulae of 
many coordination compounds, the variety of bond types and the number 
of shapes possible, many different types of isomerism occur. Werner's 
classification into polymerization, ionization, hydrate linkage, coordina- 
tion, coordination position, and geometric and optical isomerism is still 
generally accepted. 


Polymerization isomerism 

This is not true isomerism because it occurs between compounds hav- 
ing the same empirical formula, but different molecular weights, Thus 
[P(NH;),Ch]. — [Pi(NHjJ[PtCh], — [P(NHS)J[P(NHs)Ch]; — and 
[Pt(NH3).CI];[PtCI;] all have the same empirical formula. Polymerization 
isomerism may be due to a different number of nuclei in the complex, as 
shown in Figure 7.31. 


OH. OH 
, ^ 
INH34.Co- - OH — Co(NH3 and «| CoINHjl, | 
P / 

Non OH 3 


Figure 7.31 Polymerization isomers. 


Ionization isomerism 


This type of isomerism is due to the exchange of groups between the 
complex ion and the ions outside it. [Co(NH,)sBr]SO, is red- violet. An 
aqueous solution gives a white precipitate of BaSO, with BaCl, solu- 
tion, thus confirming the presence of free SOj' ions. In contrast 
[Co(NH,)<SO,]Br is red. A solution of this complex does not give a 
positive sulphate test with BaCl;. It does give a cream-coloured precipitate 


P ——————— 


of AgBr with AgNO,, thus confirming the presence of free fir ions. Note 
e MM MB NAM My Vs saeebvation poshin oven though 
it has two charges. Other examples of ionization isomerism are 
[P(NH,),Ch]Br; and. (PUNH) BrCl, and [Co(en); NO;  CIJSCN, 
[Co(en);NO, - SCNICI and [Co(en);C- SCN|NO,. 


Hydrate isomerism 
Three isomers of CrCl 6H;O are known. From conductivity measure 
ments and of the ionized chlorine, they have 
been given the following formulae: 
[Cr(H;O),JCT, violet (three ionic chlorines) 
[Cr(H;O).CI]CI; HO green (two ionic chlorines) 


[Cr(H;O),Ch]-CI-2H,0 — dark green (one ionic chlorine) 


Linkage isomerism 


Certain ligands contain more than one atom which could donate an elec- 
tron pair. In the NO; ion, either N or O atoms could act as the electron 


to give nitrous acid, It contains Co—ONO and is a nitrito complex. The 

other complex is yellow and is stable to acids. It contains the Co—NO, 
group and is a nitro compound. The two materials are represented in Figure 

7.32. This type of isomerism also occurs with other ligands such as SCN ©. 


vn, [roe a = na To 3 


J PA Ars 
uN” | ^m, nN” [ NH, 
^ hn, 
red yellow 
hitritopentamminecodalt (III) — mitropentamminecobalt( TIT) 
ion ioa 
Figure 7.32 Nitrito and nitro complexes. 
Coordination isomerism 
D d eon e 
Mipsler iuc s of ligands between the anion and cation, for 


example (CANHAC and PORUM. Intermediate 
types between these extremes are also posible 
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Figure 7.34 Cis and trans 


isomers. 


a, 
(NH), eons Cl, 


CI(NH,),Co Co(NH,),Cl | Cl, 
o p 
2 


Figure 7.33 Coordination position isomers. 


Coordination position isomerism 


In polynuclear complexes an interchange of ligands between the different 
metal nuclei gives rise to positional isomerism. An example is given in 
Figure 7.33. 


Geometric isomerism or stereoisomerism 


In disubstituted complexes, the substituted groups may be adjacent or 
opposite to each other. This gives rise to geometric isomerism. Thus square 
planar complexes such as [Pt(NH3)2Cl.] can be prepared in two forms, cis 
and trans. If the complex is prepared by adding NH,OH to a solution of 
[PtCL ^" ions, the complex has a finite dipole moment and must therefore 
be cis. The complex prepared by treating [Pt(NH3);]?* with HCI has no 
dipole, and must therefore be trans. The two complexes are shown in 
Figure 7.34. The same sort of isomerism can also occur in square planar 
chelate complexes if the chelating group is not symmetrical. An example of 
cis-trans isomerism is found in the complex between glycine and platinum 
(Figure 7.35). 

In a similar way disubstituted octahedral complexes such as 
[Co(NH3)4Cl;]* exists in cis and trans forms (Figure 7.36). (This method of 
drawing an octahedral complex might suggest that the positions in the 
square are different from the up and down positions. This is not the case as 
all six positions are equivalent.) 


CH,—NH, NH,—CH, CH,—NH, Deo 
NO No 
and Pt 


me 
co. Q———CO Co——o^ NH,—CH, 


Figure 7.35 Cis and trans glycine complexes. 


Pt 
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Optical isomerism 


At one time it was thought that optical isomerism was associated only with 
carbon compounds. It exists in inorganic molecules as well. If a molecule is 
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NH, Ct N NH 
NH; , NH, ha, 
NH; ea 
cis trons 
(violet) (green) 


Figure 7.36 Cis and trans octahedral complexes (geometric isomerism). 


asymmetric, it cannot be superimposed on its mirror image. The two forms 
have the type of symmetry shown by the left and right hands and are called 
an enantiomorphic pair. The two forms are optical isomers. They are 
called either dextro or laevo (often shortened to d or l). This depends on 
the direction they rotate the plane of polarized light in a polarimeter. (d 
rotates to the right, / to the left.) Optical isomerism is common in octahe- 
dral complexes involving bidentate groups. For example, [Co(en);Cl;]* 


ct mirror Ct 
1 
ct i Ct 
en i en 
[i en en 
! 
en | en 
———————————— t 
enantiomorphic pair trans dichloro bis(ethylenediamine) 
d and l cis dichloro bis cobalt(III) ion 
(ethylenediamine)cobalt(III) ion 
Figure 7.37 Isomers of [Co(en),Cl,]*. NO, 
TN ) 
(en),Co, en), 
iN 
hut 
Ey Sie NOS $^ Figure 7.38 
H 
en en NH2 |en 
d and 1 forms meso form 


Figure 7.39 d, | and meso forms. 
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shows cts and trans forms (geometric isomerism). In addition the cis form is 
optically active and exists in d and / forms, making a total of three isomers 
(Figure 7.37). Optical activity occurs also in polynuclear complexes, such 
as that shown in Figure 7.38. This has been resolved into two optically 
active forms (d and /) and an optically inactive form which is internally 
compensated and is called the meso form (Figure 7.39). 
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PROBLEMS 


1. List and explain the factors which affect the stability of coordination 
complexes. 


2. Describe the méthods by which the presence of complex ions may be 
detected in solution. 
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: Draw all of the isomers of an octahedral complex which has six 


unidentate ligands, two of type A and four of type B. 


- Draw all of the isomers of an octahedral complex which has three 


unidentate ligands of type A and three unidentate ligands of type B. 


. Draw all of the isomers of an octahedral complex which has three 


identical bidentate ligands. 


. Draw all of the isomers of both tetrahedral and square planar com- 


plexes which have two unidentate ligands of type A and two unidentate 
ligands of type B. 


. Draw each of the possible stereoisomers of the octahedral complexes 


listed: (a) Maybed, (b) Magbede and (c) M(AA)(AA)ed, The lower 
case letters a, b. c, d, and e represent monodentate ligands, and upper 
case letters (AA) represent the donor atoms of a bidentate ligand. 
Indicate which isomers are optically active (chiral). 


. Draw the shapes of the various d orbitals, and explain why they are 


split into two groups tay and e, in an octahedral ligand field. 


- Draw a diagram to show how the d orbitals are split into groups with 


different. energy in an octahedral ligand field. Some electronic con- 
figurations may exist in both high-spin and low-spin arrangements in 
an octahedral field. Draw all of these cases, and.suggest which metal 
ions and which ligands might give rise to each. 


Draw an energy level diagram to show the lifting of the degeneracy of 
the 3d orbitals in a tetrahedral ligand field. 


- Draw energy level diagrams and indicate the occupancy of the orbitals 


in the following complexes: 

(a) d", octahedral, low-spin 

(b) d", octahedral with tetragonal elongation 

(c) d", square planar 

(d) d^, tetrahedral. 

Calculate in units of A, the difference in crystal field stabilization 
energy between complexes (a) and (d) assuming that the ligands are 
strong field ligands. 

(Answer: octahedral —2.4A,. tetrahedral —0.27A,. difference 
-2.35,.) 

Calculate the crystal field stabilization energy for a d^ ion such as Ni°* 


in octahedral and tetrahedral complexes. Use units of A, in both 
cases. Which is the most stable? State any assumptions made 


. Calculate the spin only magnetic moment for a d* ion in octahedral. 


square planar and tetrahedral ligand fields. 


Show by means of a diagram how the pattern of d orbital splitting 
changes as an octahedral complex undergoes tetragonal distortion and 
eventually becomes a square planar complex 
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16. 


17. 
18. 


19. 


20. 


2) 


22. 


23. 


24. 


25. 


26. 


Why are d=d electronic transitions forbidden? Why are they weakly 
absorbing and why do they occur at all? 


Why are compounds of Ti** and Zn** typically white? Why are Mn?* 
compounds very pale in colour? What d-d transitions are spin allowed 
for a d? ion? 


What is the spectrochemical series, and what is its importance? 


Given that the maximum absorption in the d-d peak for [Ti(H;0),]* 


occurs at 20300cm-', predict where the peaks will occur for 
[Ti(CN)g- and [Ti(CD4- 


Describe how A, changes as the charge on the central metal changes 
from M2* to M?*, and how it changes in a vertical group or triad 
between a first row, second row or third row transition element. 


What would you expect the crystal field stabilization energy to be, 
and what value of magnetic moment would you expect, for the fol- 
lowing complexes: (a) [CoFs]^- . (b) [Co(NH3)g?*, (c) [Fe(H3OTE* . 
(d) [Fe(CN)g]^- and (e) [Fe(CN)g^- 

In the crystal structure of CuF;, the Cu?* is six-coordinate with four 
F^ at a distance of 1.93 A and two F^ at 2.27 À. Explain the reason for 
this. 


Describe and explain the Jahn-Teller effect in octahedral complexes 
of Cr^* and Cv?*. 


The complex [Ni(CN)4- is diamagnetic, but [NiCl,]?~ is paramagne- 
tic and has two unpaired electrons. Explain these observations and 
deduce the structures of the two complexes. 


What methods could be used to distinguish between cis and trans 
isomers of a complex? 


Name the individual isomers of each of the following: 
(a) [Pt(NH3)2Cl2] 

(b) CrCI46H;0 

(c) [Co(NH3)sNO2](NOs)2 

(d). Co(NH3)«(SO4)(C) 

(e) NH; 


(en);Co Co(en); | Br, 


NO; 
(f) Co(en);NH3BrSO, 
(g) [Pt(NH3)(H20)(CsHsN)(NO2)]Cl. 


Account for the following: 

(a) Ni(CO), is tetrahedral 

(b) [Ni(CN)4]^- is square planar 
(c) [Ni(NH3)s]* is octahedral. 
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27. 


28. 


29; 


What is the oxidation number of the metal in each of the following 
complexes: 

(a) [Co(NH3)g]CI 

(b) [CoSO,(NH3);]NO; 
(c) [Cd(SCN),]?* 

(d) [Cr(en);]Cls 

(e) [CuCh(CH3NH;);] 
(f) [AIH] 

(g) [Fe(CN)g*- 

(h) [OsCISN]?- 

(i) [Ag(S203)5]^- 


Write the formula for each of the following complexes: 
(a) hexamminecobalt(III) chloride 

(b) potassium iron(III) hexacyanoferrate(II) 

(c) diamminedichloroplatinum(II) 

(d) tetracarbonylnickel(0) 

(e) triamminechlorocyanonitrocobalt(II1) 

(f) lithium tetrahydridoaluminate(1II) 

(g) sodium bis(thiosulphato)argentate(I) 

(h) nickel hexachloroplatinate(IV) 

(i) tetraammineplatinum(II) amminetrichloroplatinate(II) 


Write the formula for each of the following complexes: 
(a) tetraamminecopper(II) sulphate 

(b) potassium tetracyanonickelate(0) 

(c) bis(cyclopentadienyl)iron(II) 

(d) tetrathiocyanato-N-zinc(IT) 

(e) diamminebis(ethylenediamine)cobalt(III) chloride 
(f) tetraamminedithiocyanatochromium(IIT) 

(g) potassium tetraoxomanganate(VIT) 

(h) potassium trioxalatoaluminate(III) 

(i) tetrapyridineplatinum(II) tetrachloroplatinate(II) 


Hydrogen and the hydrides 


ELECTRONIC STRUCTURE 


Hydrogen has the simplest atomic structure of all the elements, and 
consists of a nucleus containing one proton with a charge +1 and one 
orbital electron. The electronic structure may be written as 1s', Atoms of 
hydrogen may attain stability in three different ways: 


1. By forming an electron pair (covalent) bond with another atom 
Non-metals typically form this type of bond with hydrogen, for example 
H2, H5O, HCl, or CH4, and many metals do so too. 

2. By losing an electron to form H* 

A proton is extremely small (radius approximately 1.5 x 107 >A, com- 

pared with 0.7414 À for hydrogen. and 1-2 À for most atoms). Because 

H* is so small, it has a very high polarizing power, and therefore 

distorts the electron cloud on other atoms. Thus protons are always 

associated with other atoms or molecules. For example, in water or 
aqueous solutions of HCl and H;SO., protons exist as H30*, HoOf or 

H(H3;O); ions, Free protons do not exist under ‘normal conditions', 

though they are found in low pressure gaseous beams. for example in a 

mass spectrometer. 

3. By gaining an electron to form H^ 
Crystalline solids such as LiH contain the H^ ion and are formed by 
highly electropositive metals (all of Group 1, and some of Group 2). 
However, H^ ions are uncommon. 


Since hydrogen has an electronegativity of 2.1, it may use any of the 
three methods. but the most common way is forming covalent bonds. 


POSITION IN THE PERIODIC TABLE 


Hydrogen is the first element in the periodic table, and is unique. There 
are only two elements in the first period, hydrogen and helium. Hydrogen 
is quite reactive, but helium is inert. There is no difficulty relating the 
structure and properties of helium to those of the other noble gases in 


PREPARATION OF HYDROGEN 


Group 18, but the properties of hydrogen cannot be correlated with any 
of the main groups in the periodic table, and hydrogen is best considered 
on its own. 

The structure of hydrogen atoms is in some ways like that of the alkali 
metals. The alkali metals (Group 1) also have just one electron in their 
outer shell, but they tend to lose this electron in reactions and form posi- 
tive ions M* Though H* are known, hydrogen has a much greater ten- 
dency to pair the electron and form a covalent bond. 

The structure of hydrogen atoms is in some ways like that of the halogens 
(Group 17), since both are one electron short of a noble gas structure. In 
many reactions the halogens gain an electron and so form negative ions 
X". Hydrogen does not typically form a negative ion, although it does 
form ionic hydrides M*H™ (e.g. LiH and CaH;) with a few highly electro- 
positive metals. 

In some ways the structure of hydrogen resembles that of the Group 14 
elements, since both have a half filled shell of electrons. There are a 
number of similarities between hydrides and organometallic compounds 
since the groups CH,— and H— both have one remaining valency. Thus 
the hydride is often considered as part of a series of organometallic com- 
pounds, for example LIH, LiMe, LiEt; NH}, NMe;, NEts; or SiH;, 
CH3SiH3, (CH3);SiCb, (CH;);SiCl, (CH3)4Si. However, hydrogen is 
best treated as a group on its own. 


ABUNDANCE OF HYDROGEN 


Hydrogen is the most abundant element in the universe. Some estimates 
are that 92% of the universe is made up of hydrogen, and 7% helium, 
leaving only 1% for all of the other elements. However, the abundance of 
H; in the earth's atmosphere is very small. This is because the earth's 
gravitational field is too small to hold so light an element, though some H; 
is found in volcano gases. In contrast, hydrogen is the tenth most abundant 
element in the earth's crust (1520 ppm or 0.152% by weight). It also occurs 
in vast quantities as water in the oceans. Compounds containing hydrogen 
are very abundant, particularly water, living matter (carbohydrates and 
proteins), organic compounds, fossil fuels (coal, petroleum, and natural 
gas), ammonid and acids. In fact hydrogen is present in more compounds 
than any other element. 


PREPARATION OF HYDROGEN 
Hydrogen is manufactured on a large scale by a variety of methods: 


1. Hydrogen is made cheaply, and in large amounts, by passing steam 
over red hot coke. The product is water gas, which is a mixture of CO 
and H;. This is an important industrial fuel since it is easy to make and it 
burns, evolving a lot of heat. 
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CP HOS cog 
dig: 
water gas 


CO + H; + O; 2 CO; + H20 + heat 


It is difficult to obtain pure H3 from water gas, since CO is difficult to 
remove. The CO may be liquified at a low temperature under pressure, 
thus separating it from H2. Alternatively the gas mixture can be mixed 
with steam, cooled to 400*C and passed over iron oxide in a shift 
converter, giving H) and CO;. The CO; so formed is easily removed 
either by dissolving in water under pressure, or reacting with K3CO; 
solution, giving KHCOs, and thus giving H; gas. 


+H,0 
COR 2H F CO; 
~ 40C 
water gas Fe,0, 


. Hydrogen is also made in large amounts by the steam reformer 


process. The hydrogen produced in this way is used in the Haber 
process to make NH;, and for hardening oits. Light hydrocarbons such 
as methane are mixed with steam and passed over a nickel catalyst at 
800-900°C. These hydrocarbons are present in natural gas, and are also 
produced at oil refineries when ‘cracking’ hydrocarbons. 


CH, + HO — CO + 3H; 

CH, + 2H;0 — CO; + 4H; 
The gas emerging from the reformer contains CO, CO3, Hz and excess 
steam. The gas mixture is mixed with more steam, cooled to 400*C and 


passed into a shift converter. This contains an iron/copper catalyst and 
CO is converted into CO;. 


CO + H;0 > CO; + H; 


Finally the CO; is absorbed in a solution of K;CO; or ethanolamine 
HOCH;CH;NH,;. The K;CO; or ethanolamine are regenerated by 
heating. 
K,CO; + CO; + H20 > 2KHCO; 
2HOCH;CH;NH, + CO; + H20 — (HOCH;CH;NH;);CO; 


. Inoil refineries, natural hydrocarbon mixtures of high molecular weight 


such as naphtha and fuel oil are ‘cracked’ to produce lower molecular 
weight hydrocarbons which can be used as petrol. Hydrogen is a valu- 
able by-product. 


. Very pure hydrogen (99.9% pure) is made by electrolysis of water or 


solutions of NaOH or KOH. This is the most expensive method. Water 
does not conduct electricity very well, so it is usual to electrolyse 
aqueous solutions of NaOH or KOH in a cell with nickel anodes and 
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iron cathodes. The gases produced in the anode and cathode compart- 
ments must be kept separate. 


Anode 20H* — H20 + 40, + 2e7 
Cathode 2H20 + 2e° + 20H” + H, 
Overall H30 > H; + 40, 


5. A large amount of pure hydrogen is also formed as a by-product from 
the chlor-alkali industry, in which aqueous NaCl is electrolysed to 
produce NaOH, Cl, and H;. 

6. The usual laboratory preparation is the reaction of dilute acids with 
metals, or of an alkali with aluminium. 


Zn + H;SO, — ZnSO, + H; 
2AI + 2NaOH + 6H;O — 2Na[AI(OH),] + 3H; 


7. Hydrogen can be prepared by the reaction of salt-like hydrides with 
water. 


LiH + H;O — LiOH + H; 


PROPERTIES OF MOLECULAR HYDROGEN 


Hydrogen is the lightest gas known, and because of its low density, it is 
used instead of helium to fill balloons for meteorology. It is colourless, 
odourless and almost insoluble in water. Hydrogen forms diatomic mol- 
ecules H5, and the two atoms are joined by a very strong covalent bond 
(bond energy 435.9 kJ mol! ). 

Hydrogen is not very reactive under normal conditions. The lack of 
reactivity is due to kinetics rather than thermodynamics, and relates to the 
strength of the H—H bond. An essential step in H3 reacting with another 
element is the breaking of the H—H bond to produce atoms of hydrogen. 
This requires 435.9 kJ mol^': hence there is a high activation energy to 
such reactions. Consequently many reactions are slow, or require high 
temperatures, or catalysts (often transition metals). Many important 
reactions of hydrogen involve heterogeneous catalysis, where the catalyst 
first reacts with H, and either breaks or weakens the H—H bond, and thus 
lowers the activation energy. Examples include: . 


1. The Haber process for the manufacture of NH; from N; and H; using a 
catalyst of activated Fe at 380—450*C and 200 atmospheres pressure. 

2. The hydrogenation of a variety of unsaturated organic compounds, 
(including the hardening of oils), using finely divided Ni, Pd or Pt as 


catalysts. d : 
3. The production of methanol by reducing CO with Hz over a Cu/Zn 


catalyst at 300°C. 


Thus hydrogen will react directly with most elements under the appropriate 
conditions. 
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Hydrogen burns in air or dioxygen, forming water, and liberates a large 
amount of energy. This is used in the oxy-hydrogen flame for welding and 
cutting metals. Temperatures of almost 3000°C can be attained. Care 
should be taken with these gases since mixtures of H, and O; close to a 
2:1 ratio are often explosive. 


2H; + O2 > 2H;0 AH = —485kJ mol! 


Hydrogen reacts with the halogens. The reaction with fluorine is violent, 
even at low temperatures. The reaction with chlorine is slow in the dark, 
but the reaction is catalysed by light (photocatalysis), and becomes faster 
in daylight, and explosive in sunlight. Direct combination of the elements 
is used to produce HCI. 


H, + F, > 2HF 
H; + Cl, > 2HCI 


A number of metals react with H5, forming hydrides. The reactions are 
not violent, and usually require a high temperature. These are described 
in a later section. 

Large quantities of Hz are used in the industrial production of ammonia 
by the Haber process. The reaction is reversible, and the formation of 
NH; is favoured by high pressure, the presence of a catalyst (Fe), and 
a low temperature. In practice a high temperature of 380—450*?C and a 
pressure of 200 atmospheres are used to get a reasonable conversion in a 
reasonable time. 


Na + 3H» = 2NH; ^ AGoogx = —33.4kJ mol! 


Large amounts of H; are used for hydrogenation reactions, in which 
hydrogen is added to a double bond in an organic compound. An im- 
portant example is the hardening of fats and oils. Unsaturated fatty acids 
are hydrogenated with H» and a palladium catalyst, forming saturated fatty 
acids which have higher melting points. By removing double bonds in the 
carbon chain in this way, edible oils which are liquid at room temperature 
may be converted into fats which are solid at room temperature. The 
reason for doing this is that solid fats are more useful than oils, for example 
in the manufacture of margarine. 


CH; - (CH;),: CH=CH : COOH + Hz > CH;- (CH;),: CH2: CH,» COOH 


Hydrogen is also used to reduce nitrobenzene to aniline (dyestuffs 
industry), and in the catalytic reduction of benzene (the first step in the 
production of nylon-66). It also reacts with CO to form methyl alcohol. 


catalyst 


CO + 2H; — CHOH 


The hydrogen molecule is very stable, and has little tendency to disso- 
ciate at normal temperatures, since the dissociation reaction is highly 


endothermic. 
H,—2H AH = 435.9kJ mol ' 


2E ISOTOPES OF HYDROGEN 

However, at high temperatures, in an electric arc, or under ultraviolet 
light, Hz does dissociate. The atomic hydrogen produced exists for less 
than half a second, after which it recombines to give molecular hydrogen 
and a large amount of heat. This reaction has been used in welding metals. 
Atomic hydrogen is a strong reducing agent, and is commonly prepared in 
solution by means of a zinc-copper couple or a mercury-aluminium 
couple. 

There has been much talk of the hydrogen economy. (See Further 
Reading.) The idea is that hydrogen could replace coal and oil as the major 
source of energy. Burning hydrogen in air or dioxygen forms water and 
liberates a great deal of energy. In contrast to burning coal or oil in power 
stations, or petrol or diesel fuel in motor engines, burning hydrogen 
produces no pollutants like SO; and oxides of nitrogen that are responsible 
for acid rain, nor CO; that is responsible for the greenhouse effect, nor 
carcinogenic hydrocarbons, nor lead compounds. Hydrogen can be pro- 
duced readily by electrolysis, and chemical methods. Hydrogen can be 
stored and transported as gas in cylinders,.as liquid in very large cryogenic 
vacuum flasks, or ‘dissolved’ in various metals. (For example, the alloy 
LaNis can absorb seven moles of hydrogen per mole of alloy at 2.5 atmos- 
pheres pressure and room temperature.) Liquid hydrogen is used as a fuel 
in space rockets for the Saturn series and the space shuttle in the US space 
programme. Car engines have been modified to run on hydrogen. Note 
that the use of hydrogen involves the risk of an explosion, but so does the 
use of petrol. 


ISOTOPES OF HYDROGEN 


If atoms of the same element have different mass numbers they are called 
isotopes. The difference in mass number arises because the nucleus con- 
tains a different number of neutrons. Naturally occurring hydrogen con- 
tains three isotopes: protium |H or H, deuterium 7H or D, and tritium H 
or T. Each of the three isotopes contains one proton and 0, | or 2 neutrons 
respectively in the nucleus. Protium is by far the most abundant. 

Naturally occurring hydrogen contains 99.986% of the |H isotope, 
0.014% of 7D and 7 x 10-995 7T, so the properties of hydrogen are 
essentially those of the lightest isotope. 

These isotopes have the same electronic configuration and have essen- 
tially the same chemical properties. The only differences in chemical 
properties are the rates of reactions, and equilibrium constants. For 
example: 

1. Hz is more rapidly adsorbed on to surfaces than D;. 
2. Hs reacts over 13 times faster with Cl; than D2, because H; has a lower 
energy of activation. 

. Differences in properties which arise from differences in mass are called 


isotope effects. Because hydrogen is so light, the percentage difference in 
mass between protium IH, deuterium 1H and tritium }H is greater than 
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Table 8.1 Physical constants for hydrogen, deuterium and tritium 


ee a aaaaaaaaaaaaaaaasaaaalalalaeaiaiaIaaIasassslṣșħŮŰĂ 


Physical constant Hz D; T; 
Mass of atom (amu) 1.0078 2.0141 3.0160 
Freezing point (°C) —259.0 —254.3 —252.4 
Boiling point co) —252.6 —249.3 —248.0 
Bond length (À) 0.7414 0.7414 (0.7414) 
Heat of dissociation’ (kJ mol!) 435.9 443.4 446.9 
Latent heat of fusion (kJ mol!) 0.117 0.197 0.250 
Latent heat of vaporization (kJ mol!) 0.904 1,226 1.393 
Vapour pressure* (mm Hg) 54 5.8 - 


L—————————————————————————————————— 


* Measured at —259.1?C. 
t Measured at 25°C. 


between the isotopes of any other element. Thus the isotopes of hydrogen 
show much greater differences in physical properties than are found 
between the isotopes of other elements. Some physical constants for H2, 
D; and T; are given in Table 8.1. 

Protium water HO dissociates to about three times the extent that 
heavy water D;O does. The equilibrium constant for the dissociation of 
H,O is 1.0 x 107! whilst for D20 it is 3.0 x 1075 

HO = H* + OH- 
D,0 = D* + OD^ 

Protium bonds are broken more readily than deuterium bonds (up to 
18 times more readily in some cases). Thus when water is electrolysed, H> 
is liberated much faster than D>, and the remaining water thus becomes 
enriched in heavy water D5O. If the process is continued until only a small 
volume remains, then almost pure D20 is obtained. About 29 000 litres of 
water must be electrolysed to give 1 litre of D20 that is 99% pure. This is 
the normal way of separating deuterium. Heavy water D;O undergoes all 
of the reactions of ordinary water, and is useful in the preparation of other 
deuterium compounds. Because D20 has a lower dielectric constant, ionic 


Table 8.2 Physical constants for water and heavy water 


Physical constant H,0 D,0 
Freezing point (°C) 0 3.82 
Boiling point (°C) 100 101.42 
Density at 20°C (gcm ?) 0.917 1.017 
Temperature of maximum density (°C) 4 11.6 

Ionic product K,, at 25°C 1.0 x 1074 3.0 x 1075 
Dielectric constant at 20*C 82 80.5 
Solubility g NaCl/100 g water at 25°C 35.9 30.5 


Solubility g BaCl,/100 g water at 25°C 35.7 28.9 
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compounds are less soluble in it than in water. Some physical properties of 
H20 and D50O are compared in Table 8.2. 

Deuterium compounds are commonly prepared by 'exchange' reactions 
where under suitable conditions deuterium is exchanged for hydrogen in 
compounds. Thus D; reacts with H at high temperatures, forming HD, 
and it also exchanges with NH; and CH, to give NH;D, NHD;, ND; and 
CH3D— CD, It is usually easier to prepare deuterated compounds using 
D20 rather than D>. The D;O may be used directly in the preparation 
instead of H2O, or exchange reactions may be carried out using D;O. 


Exchange reactions 


NaOH + D;O — NaOD + HDO 
NH,CI + D;O — NH;DCI + HDO 
Mg3N2 + 3D;0 — 2ND; + 3MgO 
Direct reactions 


SO; + DjO > DSO, 
P4O1 + 6D4O > 4D3PO, 


Tritium is radioactive and decays by B emission. 
iT > 3He + fe 


It has a relatively short half life time of 12.26 years. Thus any T present 
when the earth was formed has decayed already, and the small amount 
now present has been formed recently by reactions induced by cosmic rays 
in the upper atmosphere. 


UN + ino 2C + 1T 
1N + IH — T + other fragments 
7D +7D>iT+!H 


Tritium only occurs to the extent of one part T; to 7 x 10'7 parts H;. It was 
first made by bombarding D4PO; and (ND4);SO, with deuterons D+ 


1D 4 1D 5 iT 4 lH 


It is now produced on a large scale by irradiating lithium with slow neu- 
trons in a nuclear reactor. 


SLi + in — iHe + 1T 


Tritium is used to make thermonuclear devices, and for research into 
fusion reactions as a means of producing energy. The gas is usually stored 
by making UT, which on heating to 400°C releases T». Tritium is widely 
used as a radioactive tracer, since it is relatively cheap, and it is easy to 
work with. It only emits low energy f radiation, with no y radiation. The B 
radiation is stopped by 0.6 cm of air, so no shielding is required. It is non- 
toxic, except if labelled compounds are swallowed. 
Tritiated compounds are made from T; gas. T;O is made as follows: 
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e 8.1 Ortho and para 
gen: (a) ortho, parallel 
; (b) para, opposite. 


T; + CuO > T,0 + Cu 
or 

X m O Pd catalyst 2T; o 
Many tritiated organic compounds can be made by storing the compound 
under T, gas for a few weeks, when exchange of H and T occurs. Many 
compounds can be made by catalytic exchange in solution using either T; 
gas dissolved in the water, or T20. 


NH,Cl + T;O (or HTO) = NH;TCI 


ORTHO AND PARA HYDROGEN 


The hydrogen molecule H; exists in two different forms known as ortho 
and para hydrogen. The nucleus of an atom has nuclear spin, in a similar 
way to electrons having a spin. In the H, molecule, the two nuclei may be 
spinning in either the same direction, or in opposite directions. This gives 
rise to spin isomerism, that is two different forms of Hz may exist. These 
are called ortho and para hydrogen. Spin isomerism is also found in other 
symmetrical molecules whose nuclei have spin momenta, e.g. D2, No, F>, 
Cl. There are considerable differences between the physical properties 
(e.g. boiling points, specific heats and thermal conductivities) of the ortho 
and para forms, because of differences in their internal energy. There are 
also differences in the band spectra of the ortho and para forms of H;. 

The para form has the lower energy, and at absolute zero the gas con- 
tains 100% of the para form. As the temperature is raised, some of the 
para form changes into the ortho form. At high temperatures the gas 
contains about 75% ortho hydrogen. 

Para hydrogen is usually prepared by passing a mixture of the two forms 
of hydrogen through a tube packed with charcoal cooled: to liquid air 
temperature. Para hydrogen prepared in this way can be kept for weeks at 
room’ temperature in a glass vessel, because the ortho—para conversion 
is slow in the absence of catalysts. Suitable catalysts include activated 
charcoal, atomic hydrogen, metals such as Fe, Ni, Pt and W and para- 
magnetic substances or ions (which contain unpaired electrons) such as 
Os, NO, NO», Co?* and Cr;O;. 


HYDRIDES 


Binary compounds of the elements with hydrogen are called hydrides. The 
type of hydride which an element forms depends on its electronegativity, 
and hence on the type of bond formed. Whilst there is not a sharp division 
between ionic, covalent and metallic bonding, it is convenient to consider 
hydrides in three classes (Figure 8.2): 


1. ionic or salt-like hydrides 
2. covalent or molecular hydrides 
3. metallic or interstitial hydrides 
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s-block p-block 
Group m. 
d l2 Intermediate Hydrides 13 | 14 | 15 | 16 | 17 
Period 
1 
j d-block 
3 yi iss 
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5 
6 
aa 
7 Covalent Hydrides 
SE 
Tonic Hydrides f-block ^ 
Lanthanides %Gd| Tb | Dy |"Ho| “Er '"Tm|"?Yb | "Lu 
Actinides 


Metalic Hydrides 
Figure 8.2 Types of hydride and the periodic table. 


Ionic or salt-like hydrides 


At high temperatures the metals of Group 1 (alkali metals) and the heavier 

Group 2 metals (alkaline earth metals) Ca, Sr and Ba form ionic hydrides 

such as NaH and CaH;. These compounds are solids with high melting 

points, and are classified as ionic (salt-like) hydrides. The evidence that 

they are ionic is: 

1. Molten LiH (m.p. 691°C) conducts electricity, and H; is liberated at 
the anode, thus confirming the presence of the hydride ion H 

2. The other ionic hydrides decompose before melting, but they may be 
dissolved in melts of alkali halides (e.g. CaH> dissolves in a eutectic 
mixture of LiCI/KCI), and when the melt is electrolysed then H, is 
evolved at the anode. 

3. The crystal structures of these hydrides are known, and they show no 
evidence of directional bonding. 


Lithium is more polarizing and hence more likely to form covalent 
compounds than the other metals. Thus if LiH is largely ionic, the others 
must be ionic, and thus contain the hydride ion H 

The density of these hydrides is greater than that of the metal from 
which they were formed. This is explained by H^ ions occupying holes in 
the lattice of the metal, without distorting the metal lattice. Ionic hydrides 
have high heats of formation, and are always stoichiometric. 

This type of hydride is only formed by elements with an electronega- 
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tivity value appreciably lower than the value of 2.1 for hydrogen, thus 
allowing the hydrogen to attract an electron from the metal, forming M* 
and H`. 

Group 1 hydrides are more reactive than the corresponding Group 2 
hydrides, and reactivity increases down the group. 

Except for LiH, ionic hydrides decompose into their constituent ele- 
ments on strong heating (400-500°C). 

The hydride ion H- is not very common, and it is unstable in water. 
Thus ionic hydrides all react with water and liberate hydrogen. 


LiH + HO > LiOH + H, 
CaH; + 2H;0 > Ca(OH); + 2H; 


They are powerful reducing agents, especially at high temperatures, 
though their reactivity towards water limits their usefulness. 


2CO + NaH —> H-COONa + C 
SiCl, + 4NaH — SiH, + 4NaCl 
PbSO, + 2CaH; — PbS + 2Ca(OH); 


NaH has a number of uses as a reducing agent in synthetic chemistry. It 
is used to produce other important hydrides, particularly lithium alumi- 
nium hydride Li[AIH;] and sodium borohydride Na[BH;], which have 
important uses as reducing agents in both organic and inorganic syntheses. 


4LiH + AICI, > Li[AIH,] + 3LiCl 
4NaH + B(OCH;); — Na[BH,] + 3NaOCH; 


Covalent hydrides 


Hydrides of the p-block elements are covalent. This would be expected 
since there is only a small difference in electronegativity between these 
atoms and hydrogen. The compounds usually consist of discrete covalent 
molecules, with only weak van der Waals forces holding the molecules 
together. and so they are usually volatile, and have low melting and boiling 
points. They do not conduct electricity. The formula of these hydrides is 
XH, or XH, Where.” is the group in the periodic table to which X 
belongs. These hydrides are produced by a variety of synthetic methods: 


1. A few may be made by direct action. 


Group 13 14 15 16 17 
B [o] N [9] F 
Al Si P S cl 
Ga Ge As Se Br 
In Sn Sb Te | 
Pb Bi Po 


Figure 8.3 Elements which form covalent hydrides by direct action. 
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3H; + N2 > 2NH; (high temperature and pressure 
+ catalyst, Haber process) 


2H; + O, — 2H50 (spark — explosive) 
H2 + Cl; ^ 2HCI (burn - preparation of pure HCI) 
. Reaction of a halide with Li[AIH, | in a dry solvent such as ether. 
4BCl, + 3Li[AIH;] > 2B;H, + 3AICI, + 3LiCl 
SiCl, + Li[AIH,] > SiH, + AICI, + LiCl 
. Treating the appropriate binary compound with acid. 
2MgiB; + 4H3PO, — B4H,o + 2Mgi(PO4); + H5 
ALC; + 12HCI — 3CH, + 4AICI, 
FeS + H;SO, > HS + FeSO, 
Ca;P + 3H;SO, — 2PH; + 3CaSO, 
. Reaction of an oxoacid with Na[BH,] in aqueous solution. 
4H3AsO, + 3Na[BH,] > 4AsH; + 3H;BO, + 3NaOH 
. Converting one hydride into another by pyrolysis (heating). 
B4Hjo > B;H, + other products 


. A silent electric discharge or microwave discharge may produce long 
chains from simple hydrides. 


GeH, — Ge;H, — GeiH, — up to Ge9H;, 


Table 8.3 Melting and boiling points of some 
covalent hydrides 


Compound m.p. (°C) b.p. (C) 
B;H, —165 -90 
CH; -183 -162 
SiH, -185 -H1 
GeH, -166 -88 
SnH, —150 =52 
NH; -78 -3 
PH; -134 —88 
AsH, =117 -62 
SbH; —88 -18 
H,0 0 +100 
HS —86 -60 
HF -83 *20 
HCI GE -84 
HBr —89 -67 
HI ESI 535 
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The Group 13 hydrides are unusual in that they-are electron deficient 
and polymeric, although they do not contain direct bonds between the 
Group 13 elements. The simplest boron hydride is called diborane B5H;, 
though more complicated structures such as BysHio, BsHs, BsH;,, B6Hio 
and B,9H,4 are known. Aluminium hydride is polymeric (AIH3),. In 
these structures, hydrogen appears to be bonded to two or more atoms. 
and this is explained in terms of multi-centre bonding. This is discussed in 
Chapter 12. 

In addition to the simple hydrides, the rest of the lighter elements 
except the halogens form polynuclear hydrides. The tendency to do this 
is strongest with the elements C, N and O, and two or more of the non- 
metal atoms are directly bonded to each other. The tendency is greatest 
with C which catenates (forms chains) of several hundreds of atoms. These 
are grouped into three homologous series of aliphatic hydrocarbons, and 
aromatic hydrocarbons based on benzene. 


CH4, C;H«, C3Hg, C4H;0 -e Cu Hant? (alkanes) 


C2H4, C3Ho, C4Hg .......- OH, (alkenes) 
C2H2, C3H4; C4H, .......——-- C,H2,-2 (alkynes) 
C, Hs (aromatic) 


The alkanes are saturated, but alkenes have double bonds, and alkynes 
have triple bonds. Si and Ge only form saturated compounds, and the 
maximum chain length is SijgH22. The longest hydride chains formed by 
other elements are Sn;H«, N;H4 and HN;, P3Hs, As3Hs, H20, and H203. 
and H2S>, H;Si, H;S4, H2Ss and HS6- 

The melting point and boiling point of water stand out in Table 8.3 as 
being much higher than the others, but on closer examination the values 
for NH; and HF also seem higher than would be expected in their respec- 
tive groups. This is due to hydrogen bonding, which is discussed later in 
this chapter. 


Metallic (or interstitial) hydrides 


Many of the elements in the d-block, and the lanthanide and actinide 
elements in the f-block, react with Hz and form metallic hydrides. How- 
ever, the elements in the middle of the d-block do not form hydrides. The 
absence of hydrides in this part of the periodic table is sometimes called 
the hydrogen gap. (See Figure 8.2.) 

Metallic hydrides are usually prepared by heating the metal with hydro- 
gen under high pressure. (If heated to higher temperatures the hydrides 
decompose, and this may be used as a convenient method of making very 
pure hydrogen.) 

These hydrides generally have properties similar to those of the parent 
metals: they are hard, have a metallic lustre. conduct electricity, and have 
magnetic properties. The hydrides are less dense than the parent metal, 
because the crystal lattice has expanded through the inclusion of hydrogen. 
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This distortion of the crystal lattice may make the hydride brittle. Thus 
when the hydride is formed a solid piece of metal turns into finely powdered 
hydride. If the finely powdered hydrides are heated they decompose, 
giving hydrogen and very finely divided metal. These finely divided metals 
may be used as catalysts. They are also used in metallurgy in powder 
fabrication, and zirconium hydride has been used as a moderator in 
nuclear reactors. 

In many cases the compounds are nonstoichiometric, for example 
LaH,, TiH, and PdH,, where the chemical composition is variable. 
Typical formulae are LaH; s7, YbH» ss, TIH; 4, ZrH; o, VH; 4, NbHo; 
and PdH,,;. Such compounds were originally called interstitial hydrides, 
and it was thought that a varying number of interstitial positions in the 
metal lattice could be filled by hydrogen. 

The nonstoichiometric compounds may be regarded as solid solutions. 
Metals which can ‘dissolve’ varying amounts of hydrogen in this way can 
act as catalysts for hydrogenation reactions. The catalysts are thought to 
be effective through providing H atoms rather than H; molecules. It is not 
certain whether the hydrogen is present in the interstitial sites as atoms of 
hydrogen, or alternatively as H* ions with delocalized electrons, but they 
have strongly reducing properties. 

Even small amounts of hydrogen dissolved in a metal adversely affect its 
strength and make it brittle. Titanium is extracted by reducing TiCl, with 
Mg or Na in an inert atmosphere. If an atmosphere of Hp is used, the Ti 
dissolves Hp, aid is brittle. Titanium is used to make supersonic aircraft, 
and since strength is important, it is produced in an atmosphere of argon. 

The bonding is more complicated than was originally thought, and is still 
the subject of controversy. 


1. Many of the hydrides have structures where hydrogen atoms occupy 
tetrahedral holes in a cubic close-packed array of metal atoms. If all of 
the tetrahedral sites are occupied then the formula is MH;, and a 
fluorite structure is formed. Generally some sites are unoccupied, and 
hence the compounds contain less hydrogen. This accounts for the 
compounds of formula MH, 5.2 formed by the scandium and titanium 
groups, and most of the lanthanides and actinides, 

2. Two of the lanthanide elements, europium and ytterbium, are unusual 
in that they form ionic hydrides EuH» and YbH», which are stoichio- 
metric and resemble CaH;. The lanthanides are typically trivalent, but 
Eu and Yb form divalent ions (associated with stable electronic struc- 
tures Eu(--II) 4f? (half filled f shell), and Yb(--1) 4f"* (filled f shell). 

3. The compounds YH; and LaH;, as well as many of the lanthanide and 
actinide hydrides MH, can absorb more hydrogen, forming compounds 
of limiting composition MH. Compositions such as LaH +7, and 
CeH; sy are found. The structures of these are complex, sometimes 
cubic and sometimes hexagonal. The third hydrogen atom is more 
loosely held than the others, and rather surprisingly it may occupy an 
octahedral hole. 
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4. Uranium is unusual and forms two different crystalline forms of UH; 
that are stoichiometric. 

5. Some elements (V, Nb, Ta, Cr, Ni and Pd) form hydrides approximat- 
ing to MH. Formulae such as NbHo ; and PH, « are typical. These are 
less stable than the other hydrides, are nonstoichiometric and exist over 
a wide range of composition. 


The Pd/H; system is both extraordinary and interesting. When red hot 
Pd is cooled in H; it may absorb or occlude up to 935 times its own volume 
of H; gas. This may be used to separate H; or deuterium D, from He or 
other gases. The hydrogen is given off when the metal is heated, and this 
provides an easy method of weighing H2. The limiting formula is PdH, 7, 
but neither the structure nor the nature of the interaction between Pd 
and H are understood. As hydrogen is absorbed, the metallic conductiv- 
ity decreases, and the material eventually becomes a semiconductor. The 
hydrogen is mobile and diffuses throughout the metal. It is possible that 
the erroneous reports of producing energy by ‘cold-fusion’ by electrolysis 
of D5O at room temperature between Pd electrodes was really energy from 
the reaction between Pd and D; rather than nuclear fusion of hydrogen 
or deuterium to give helium. (See Chapter 31.) 


Intermediate hydrides 


A few hydrides do not fit easily into the above classification. Thus (BeH»),, 
is polymeric, and is thought to be a chain polymer with hydrogen bridges. 
MgH; has properties in between those of ionic and covalent hydrides. 

CuH, ZnH;, CdH, and HgH> have properties intermediate between 
metallic and covalent hydrides. They are probably electron deficient like 
(AIH;),. CuH is endothermic, that is energy must be put in to make the 
compound, and is formed by reducing Cu?* with hypophosphorous acid. 
The hydrides of Zn, Cd and Hg are made by reducing the chlorides with 
Li[AIH, ]. 


THE HYDROGEN ION 


The energy required to remove the electron from a hydrogen atom (i.e. 
the ionization energy of hydrogen) is 1311 kJ mol^'. This is a very large 
amount of energy, and consequently the bonds formed by hydrogen in the 
gas phase are typically covalent. Hydrogen fluoride is the compound most 
likely to contain ionic hydrogen (i.e. H*), since it has the greatest dif- 
ference in electronegativity, but even here the bond is only 45% ionic. 
Thus compounds containing H* will only be formed if the ionization 
energy can be provided by some other process.Thus if the compound is 
dissolved, for example in water, then the hydration energy may offset the 
very high ionization energy. In water H* are solvated, forming H,0*, and 
the energy evolved is 1091 kJ mol^'. The remainder of the 1311 kJ mol! 
ionization energy comes from the electron affinity (the energy evolved in 
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forming the negative ion), and also the solvation energy of the negative 
lon. 

Compounds which form solvated hydrogen ions in a suitable solvent are 
called acids. Even though the ions present are H40* (or even H5Oj ), it is 
customary to write the ion as H*, indicating a hydrated proton. 


HYDROGEN BONDING 


In some compounds a hydrogen atom is attracted by rather strong forces 
to two atoms, for example in [F—H—F]~. (Sometimes hydrogen is 
attracted to more than two atoms.) It was at first thought that hydrogen 
formed two covalent bonds, but it is now recognized that, since hydrogen 
has the electronic structure Is’, it can only form one covalent bond. The 
hydrogen bond is most simply regarded as a weak electrostatic attraction 
between a lone pair of electrons on one atom, and a covalently bonded 
hydrogen atom that carries a fractional charge 5+. 

Hydrogen bonds are formed only with the most electronegative atoms. 
(Of these, F, O, N and Cl are the four most important elements.) These 
bonds are very weak, and are typically about 10kJ mol~', though hydro- 
gen bonds may have a bond energy from 4 to 45kJ mol~!. This must be 
compared with a C—C covalent bond of 347 kJ mol~!. Despite their low 
bond energy, hydrogen bonds are of great significance both in biochemical 
systems and in normal chemistry. They are extremely important because 
they are responsible for linking polypeptide chains in proteins, and for 
linking pairs of bases in large nucleic acid-containing molecules. The 
hydrogen bonds maintain these large molecules in specific molecular 
configurations, which is important in the operation of genes and enzymes. 
Hydrogen bonds are responsible for water being liquid at room tempera- 
ture, and but for this, life as we know it would not exist. Since hydrogen 
bonds have a low bond energy, they also have a low activation energy, and 
this results in their playing an important part in many reactions at normal 
temperatures. 

Hydrogen bonding was first used to explain the weakness of trimethy- 
lammonium hydroxide as a base compared with tetramethylammonium 
hydroxide. In the trimethyl compound the OH group is hydrogen bonded 
to the Me;NH group (shown by a dotted line in Figure 8.4), and this makes 
it more difficult for the OH group to ionize, and hence it is a weak base, In 
the tetramethyl compound, hydrogen bonding cannot occur, so the OH 
group ionizes and the tetramethyl compound is thus a much stronger base. 


CH; CH; 
| | 
CH;—N—-H +» O—H CH,—N-+CH, | O—H 
| | 
CH; CH; 


Figure 8.4 Structures of trimethy! and tetramethyl ammonium hydroxide. 
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> 8.5 Structures of ortho, 
ind para nitrophenol. 


In a similar way the formation of an intramolecular hydrogen bond in 
o-nitrophenol reduces its acidity compared with m-nitrophenol and p- 
nitrophenol, where the formation of a hydrogen bond is not possible 
(Figure 8.5). 

Intermolecular hydrogen bonding may also take place, and it has a 
striking effect on the physical properties such as melting points, boiling 
points, and the enthalpies of vaporization and sublimation (Figure 8.6). In 
general the melting and boiling points for a related series of compounds 
increase as the atoms get larger, owing to the increase in dispersive force. 
Thus by extrapolating the boiling points of H;Te, H2Se and H;S one would 
predict that the boiling point of H5O should be about — 100°C, whilst it is 
actually +100°C. Thus water boils about 200°C higher than it would in the 
absence of hydrogen bonding. 

In much the same way the boiling point of NH; is much higher than 
would be expected by comparison with PH3, AsH; and SbH3, and similarly 
HF boils much higher than HCl, HBr and HI. The reason for the higher 
than expected boiling points is hydrogen bonding. Note that the boiling 
points of the Group 14 hydrides CH4, SiH,, GeH, and SnH, change 
smoothly, as they do not involve hydrogen bonding. 

The hydrogen bonds in HF link the F atom of one molecule with the H 
atom of another molecule, thus forming a zig-zag chain (HF), in both the 
liquid and also in the solid (Figure 8.7). Some hydrogen bonding also 
occurs in the gas, which consists of a mixture of cyclic (HF), polymers, 
dimeric (HF)2, and monomeric HF. (The hydrogen bond in F—H... Fis 
29kJ mol! in HF gas)-) 

A similar pattern can be seen in the melting points and the enthalpies of 
vaporization of the hydrides, indicating hydrogen bonding in NH3, H;O 
and HF, but not in CH, (Figure 8.6c). 

Strong evidence for hydrogen bonding comes from structural studies. 
Examples include ice, which has been determined both by X-ray and 
neutron diffraction, the dimeric structure of formic acid (determined in 
the gas phase by electron diffraction), X-ray structures of the solids 
for sodium hydrogencarbonate and boric acid (Figure 8.8), and many 
others. 

Another technique for studying hydrogen bonds is infra-red absorption 
spectra in CCl, solution, which allows the O—H and N—H stretching 
frequencies to be studied. 


ACIDS AND BASES 


There are several so-called theories of acids and bases, but they are not 
really theories but merely different definitions of what we choose to call an 
acid or a base. Since it is only a matter of definition, no theory is more right 
or wrong than any other, and we use the most convenient theory for a 
particular chemical'situation. Which is the most useful theory or definition 
of acids and bases? There is no simple answer to this. The answer depends 
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on whether we are considering ionic reactions in aqueous solution, in non- 
aqueous solution, or in a fused melt, and whether we require a measure of 
the strengths of acids and bases. For this reason we need to know several 


theories. 
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Fi 8.6 (a) Boiling points of hydrides. (b) Melting points of hydrides. (c) 
Enthalpies is Peace M of hydrides. (Adapted from Lagowski, J.J., Modern 
Inorganic Chemistry, Marcel Dekker, New York, p. 174.) 
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Figure 8.7 Hydrogen bonded chain in solid HF. 


Arrhenius theory 


In the early stages of chemistry, acids were distinguished by their sour 
taste and their effect on certain plant pigments such as litmus. Bases were 
substances which reacted with acids to form salts. Water was used almost 
exclusively for reactions in solution, and in 1884 Arrhenius suggested the 
theory of electrolytic dissociation and proposed the self-ionization of 
water: 
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Figure 8.8 Hydrogen borided structures. (a) Formic acid dimer, (HCOOH),, (b) 
Ice. (From L. Pauling, The Nature of the Chemical Bond, 3rd ed.. pp. 449-504, 
Cornell University Press. Ithaca, 1960.) (c) A layer of crystalline H,BO,. 
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H,O = H+ OH 
Thus substances producing H* were called acids, and substances pro- 
ducing OH™ were called bases. A typical neutralization reaction is 
HCI + NaOH — NaCl + H,O 
acid base salt water 
or simply 
H* + OH” ^» H;O 


In aqueous solutions the concentration of H* is often given in terms of 
pH, where: 


1 
pH = logio rg] = —logio[H*] 


where [H+] is the hydrogen ion concentration. More strictly the activity of 
the hydrogen ions should be used. This logarithmic scale was introduced by 
S.P.L. Sørensen in 1909. It then is very useful for expressing concentrations 
over several orders of magnitude (e.g. IMH* is pH 0, 10 "MH" is 
pH 14). 

Until the turn of the nineteenth century it was thought that water was 
the only solvent in which ionic reactions could occur. Studies made by 
Cady in 1897 and by Franklin and Kraus in 1898 on reactions in liquid 
ammonia, and by Walden in 1899 on reactions in liquid sulphur dioxide, 
revealed many analogies with reactions in water. These suggested that the 
three media were ionizing solvents and could be useful for ionic reactions, 
and that acids, bases and salts were common to all three systems. 

Although water is still the most widely used solvent, its exclusive use 
limited chemistry to those compounds which are stable in its presence. 
Non-aqueous solvents are now used increasingly in inorganic chemistry 
because many new compounds can be prepared which are unstable in 
water, and some anhydrous compounds can be prepared, such as anhy- 
drous copper nitrate, which differ markedly from the well known hydrated 
form. The concepts of acids and bases based on the aqueous system need 
extending to cover non-aqueous solvents. 


Acids and bases in proton solvents 
Water self-ionizes: 

2H5;0 = H3O* + OH 
The equilibrium constant for this reaction depends on the concentration 
of water [H3O]. and on the concentrations of the ions [H3O *] and [OH ]]. 
y, - HOT on] 

* o [HOY 
Since water is in large excess, its concentration is effectively constant, so 
the ionic product of water may be written: 
K, = [H:O*]OH-] = 10° * mo 17 
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The value of Ky is 1.00 x 107^ mol?17? at 25°C, but it varies with tem- 
perature. Thus at 25°C there will be 1077 mol~! of H,O* and 1077 mol"! 
of OH" in pure water. 


Table 8.4 Ionic product of water at various 


temperatures 
Temperature (*C) Ky(mol? 17?) 
0 0.12 x 107" 
10 0.29 x 107" 
20 0.68 x 107" 
25 1.00 x 107^ 
30 1.47 x 107^ 
40 2.92 x 107^ 
100 47.6 x 107^ 


Acids such as HA increase the concentration of H3O*: 
HA + HjO = HjO* + A7 
—.[H,0* [A7] 
[HA][H20] 


In dilute solution water is in such a large excess that the concentration of 
water is effectively constant (approximately 55 M), and this constant can 
be incorporated in the constant at the left hand side. Thus: 


_ [H3O*])[A ] 
udi [HA] 


Ky 


Table 8.5 Relation between pH, [H*] and [OH ] 


pH [H*] (mol17*) [OH"] (mol17) 
0 10° 107" 
1 107! 107 
2 107? 1051 
3 107? 107" | Acidic 
4 10-4 10- 
5 1075 107° 
6 1075 107* 
7 1077 1077 «Neutral 
8 10-8 107* 
9 107? 1075 
10 10-1 107* 
" 107! 10? | Basic 
12 1074 107? 
B 10-8 10°" 
14 107 10° 
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The pH scale is used to measure the activity of hydrogen ions (pH = 
—log[H* ]), and it refers to the number of powers of ten used to express 
the concentration of*hydrogen ions. In a similar way the acid dissociation 
constant K, may be expressed as a pK, value: 


1 
pK, — log m —log Ka 


Thus pK, is a measure of the strength of an acid. If the acid ionizes almost 
completely (high acid strength) then K, will be large, and thus pK, will be 
small. The pK, values given below show that acid strength increases on 
moving from left to right in the periodic table: 
CH, NH, H;0 HF 
pK, 46 35 16 3 


Acid strength also increases on moving down a group: 


HF HCI HBr Ml 
pi is =i} c -10 

With oxoacids containing more than one hydrogen atom, successive dis- 
sociation constants rapidly become more positive, i.e. the phosphate 
species formed on successive removal of H* become less acidic: 

H;PO, = H* + H;PO; pK; = 2.15 

H;PO; = H* + HPO} ~— pK> = 7.20 

HPOj- = H* + PO} pK; = 12.37 
If an element forms a series of oxoacids, then the more oxygen atoms 
present, the more acidic it will be. The reason for this is that the elec- 


trostatic attraction for the proton decreases as the negative charge is 
spread over more atoms, thus facilitating ionization. 


very weak acid weak acid strong acid very strong acid 
HNO pK, — 3.3. HNO, pK 
H:SO; pK, = 1.9 H:SO; pK, 

HOCI pK, = 7.2 HCIO;pK,- 20 HCIO;pK,=-1 HCIO, pK, = (-10) 


Bronsted— Lowry theory 


In 1923, Bronsted and Lowry independently defined acids as proton 
donors, and bases as proton acceptors. 

QEEO HO OHS. z 

solvent acid base 
For aqueous solutions, this definition does not differ appreciably from the 
Arrhenius theory. Water self-ionizes as shown above. Substances that 
increase the concentration of [H;O]* in an aqueous solution above the 
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value of 1077 mol?1~? from the self-ionization are acids, and those that 
decrease it are bases. 

The Bronsted-Lowry theory is useful in that it extends the scope of 
acid—base systems to cover solvents such as liquid ammonia, glacial acetic 
acid, anhydrous sulphuric acid, and all hydrogen-containing solvents. It 
should be emphasized that bases accept protons, and there is no need for 
them to contain OH- 

In liquid ammonia: 


NH,Cl + NaNH; > Na*CI- + 2NH, 


acid base salt solvent 
or simply: 
NH; + NH; — 2NH; 


acid base solvent 
(donates (accepts 
à proton) a proton) 


Similarly in sulphuric acid: 
H3SO? + HSO; — 2H,SO, 


acid base solvent 


Chemical species that differ in composition only by a proton are called ‘a 
conjugate pair’. Thus every acid has a conjugate base, which is formed 
when the acid donates a proton. Similarly every base has a conjugate acid. 
A = B 4 H* 
acid conjugate 
base 
B +H A* 
base conjugate 
acid 


In water 
HCI + HO = H40* + CI- 
acid base conjugate conjugate 
acid base 


In the above reaction, HCI is an acid since it donates protons, and in doing 
so forms CI”, its conjugate base. Since H20 accepts protons it is a base, 
and forms H3O'*, its conjugate acid. A strong acid has a weak conjugate 
base and vice versa. 
In liquid ammonia: 
NHj + $4 = HS + NH; 


acid base conjugate conjugate 
acid base 


In liquid ammonia all ammonium salts act as acids since they can donate 
protons, and the sulphide ion acts as a base since it accepts protons. The 
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reaction is reversible, and it will proceed in the direction that produces the 
weaker species, in this case HS" and NH3. 

A limitation of the Bronsted— Lowry theory is that the extent to which a 
dissolved substance can act as an acid or a base depends largely on the 
solvent. The solute only shows acidic properties if its proton-donating 
properties exceed those of the solvent. This sometimes upsets our tradi- 
tional ideas on what are acids, which are based on our experience of what 
happens in water. Thus HCIO, is an extremely strong proton donor. If 
liquid HCIO; is used as a solvent, then HF dissolved in this solvent is 
forced to accept protons, and thus act as a base. 


HCIO, + HF = H;F* + CIO? 


In a similar way HNO; is forced to accept protons and thus act as a base in 
both HCIO, and liquid HF as solvent. 

Water has only a weak tendency to donate protons. The mineral acids 
(HCI, HNO;, HSO; etc.) all have a much stronger tendency to donate 
protons. Thus in aqueous solutions the mineral acids all donate protons 
to the water, thus behaving as acids, and in the process the mineral acids 
ionize completely. 

In liquid ammonia as solvent, the acids which were strong acids in water 
all react completely with the ammonia, forming NHJ. 


HCIO, + NH; > NH? + ClO; 
HNO; + NH; > NHj + NO; 


Acids which were slightly less strong in water also react completely with 
NH;, forming NHz. 


H5SO, + 2NH3 > 2NH7 + SO4 
Weak acids in water, such as oxalic acid, also react completely with NH3. 
(COOH), + 2NH; — 2NH; + (COO)? 


The acid strengths have all been levelled by the solvent liquid ammonia: 
hence liquid ammonia is called a levelling solvent. It even makes some 
molecules, such as urea, which show no acidic properties in water, behave 
as weak acids. 


NH;CONH, + NH; —^ NH; + NH;CONH ^ 


Differentiating solvents such as glacial acetic acid emphasize the dif- 
ference in acid strength, and several mineral acids are only partially ion- 
ized in this solvent. This is because acetic acid itself is a proton donor, 
and if a substance dissolved in acetic acid is to behave as an acid, it must 
donate protons more strongly than acetic acid. Thus the dissolved material 
must force the acetic acid to accept protons (i.e. the acetic acid behaves as 
a base). Thus the solvent acetic acid makes it more difficult for the usual 
acids to ionize, and conversely it will encourage the usual bases to ionize 
completely. It follows that a differentiating solvent for acids will act as a 
levelling solvent for bases, and vice versa. 
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Lewis theory 


Lewis developed a definition of acids and bases that did not depend on the 
presence of protons, nor involve reactions with the solvent. He defined 
acids as materials which accept electron pairs, and bases as substances 
which donate electron pairs. Thus a proton is a Lewis acid and ammonia is 
a Lewis base since the lone pair of electrons on the nitrogen atom can be 
donated to a proton: 
H* + :NH; > [H—NH;]* 
Similarly hydrogen chloride is a Lewis acid because it can accept a lone 
pair from a base such as water though this is followed by ionization: 
H20 + HCl > [H;0:HCI] ^ H3O* + CIT 


Though this is a more general approach than that involving protons, it has 
several drawbacks: 


1. Many substances, such as BF; or metal ions, that are not normally 
regarded as acids, behave as Lewis acids. This theory also includes 
reactions where no ions are formed, and neither hydrogen ions nor any 
other ions are transferred (e.g. Ni(CO),). 

acid ^ base 

BF, + NH, > [H;N:>BF;] 

Ag* + 2NH; — [H;N:>Ag—:NH;]* 

Co?* + 6CI^ — [CoCI;^- 

Ni +4CO  Ni(CO), 

O + C6Hs — C4H5N:—0 (pyridine oxide) 

2. There 1s no scale of acid or basic strength, since the strength of an acid 
or a base compound is not constant, and varies from one solvent to 


another, and also from one reaction to another. 
3. Almost all reactions become acid-base reactions under this system. 


The solvent system 


Perhaps the most convenient general definition of acids and bases is due 
to Cady and Elsey, and can be applied in all cases where the solvent un- 
dergoes self-ionization, regardless of whether it contains protons or not. 
Many solvents undergo self-ionization, and form positive and negative 
ions in a similar way to water: - 
2H,0 = H;0* + OH™ 
2NH; = NH4 + NHJ 
2H2SO, = HSO% + HSO; 
2POCI; = POCI} + POCI 
2BrF; = BrF7 + BrFy 
N20, = NO* + NO3 
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Acids are defined as substances that increase the concentration of the 
positive ions characteristic of the solvent (H3O* in the case of water, NH{ 
in liquid ammonia, and NO* in N,O,). Bases are substances that increase 
the concentration of the negative ions characteristic of the solvent (OH 
in water, NH; in ammonia, NO3 in N;O,). 

There are two advantages to this approach. First, most of our traditional 
ideas on what are acids and bases in water remain unchanged, as do 
neutralization reactions. Second, it allows us to consider non-aqueous 
solvents by analogy with water. 
` Thus water ionizes, giving H4O* and OH™ ions. Substances providing 
H30* (e.g. HCl, KNO; and H2SO,) are acids, and substances providing 
OH- (e.g. NaOH and NH4OH) are bases. Neutralization reactions are of 
the type acid + base — salt + water. 


HCI + NaOH — NaCl + HO 


acid base salt water 


Similarly liquid ammonia ionizes, giving NH? and NH; ions. Thus 
ammonium salts are acids since they provide NH7 ions, and sodamide 
NaNH; is a base since it provides NH; ions. Neutralization reactions are of 
the type acid + base — salt + solvent. 


NH,Cl + NaNH; — NaCl + 2NH; 


acid base salt solvent 


N20, self-ionizes into NO* and NO; ions. Thus in NO, as solvent, NOCI 
is an acid since it produces NO*, and NaNO; is a base since it produces 
NO;. 


NOCI + NaNO; — NaCl + N204 


acid base salt solvent 


Clearly this definition applies equally well to proton and non-proton 
systems. This broader definition also has advantages when considering 
protonic solvents, since it explains why the acidic or basic properties of a 
solute are not absolute, and depend in part on the solvent. We normally 
regard acetic acid as an acid, because in water it produces H3O* 


CHCOOH + H,0 > H30* + CH;COO ^ 


However, acetic acid behaves as a base when sulphuric acid is the solvent 
since H;SO, is a stronger proton donor than CH;COOH. In a similar way 
HNO; is forced to behave as a base in H2SO, as solvent, and this is 
important in producing nitronium ions NO} in the nitration of organic 
compounds by a mixture of concentrated H,SO, and HNO3. 


H,SO, + CH.COOH — CH,;COOH} + HSOF 
H,SO, + HNO, > [H;NO;]* + HSO7 
[H;NO3]* > H20 + NO? 
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The Lux— Flood definition 


Lux originally proposed a different definition of acids and bases which was 
extended by Flood. Instead of using protons, or ions characteristic of the 
solvent, they defined acids as oxides which accept oxygen, and bases as 
oxides which donate oxygen. Thus: 


CaO + CO, — Ca?^'[CO,]- 
SiO; + CaO — Ce^'[SiO,]?- 
6Na;O + P4O0 > 4Na$ (PO, ]^- 
acid base 
This. system is very useful in dealing with anhydrous reactions in fused 
melts of oxides, and other high temperature reactions such as are found in 
metallurgy and ceramics. 
This theory has an inverse relationship to aqueous chemistry, since 
Lux- Flood acids are oxides which react with water, giving bases in water, 
and Lux-Flood bases react with water, giving acids. 


Na;O + H;O — 2NaOH 
P4010 + 6H;O — 4H;PO, 


The Usanovich definition 


This defines an acid as any chemical species which reacts with bases, 
gives up cations, or accepts anions or electrons. Conversely a base is any 
chemical species which reacts with acids, gives up anions or electrons, or 
combines with cations. This is a very wide definition and includes all the 
Lewis acid-base type of reactions, and in addition it includes redox 
reactions invoiving the transfer of electrons. 


Hard and soft acids and bases 


Metal ions may be divided into two types depending on the strength of 
their complexes with certain ligands. 

Type (a) metals include the smaller ions from Groups | and 2, and the 
left hand side of the transition metals, particularly when in high oxidation 
states, and these form the most stable complexes with nitrogen and oxygen 
donors (ammonia, amines, water, ketones, alcohols), and also with F 
and CI. 

Type (b) metals include ions from the right hand side of the transition 
series, and also transition metal complexes with low oxidation states, such 
as the carbonyls. These form the most stable complexes with ligands such 
as I~, SCN^ and CN". 

This empirical classification was useful in predicting the relative stabi- 
lities of complexes. Pearson extended the concept into a broad range of 
acid-base interactions. Type (a) metals are small and not very polariz- 
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Table 8.6 Some hard and soft acids and bases 


Hard acids Soft acids 

H* Pd^*, Pt?*, Cut, Ag*, Aut, Hg?*, 
Lit, Na*, Kt, (Hg2)**, TI* 

Be^*, Mg?*, Ca?*, S?*, B(CH;),, B2H,, Ga(CH3):, GaCls, 
AP*, BF3, Al(CH3)3, AlCh, GaBr;, Gal; 

Sect zi votes [Fe(CO);], [Co(CN);]^- 

MoO?*, WO**, 

Ce^* » Lw*, 

CO», SO; 

Hard bases Soft bases 

NH3, RNH;, N;H4 H^,CN^,SCN^, SOT, I7, RS”, 
H,0, ROH, R;O R,S, CO, BzHy, C2H4, R;P, POR); 


OHZ, NOx, CIO;, CO}, SOF, 
PO}, CH;COO™, F~, Cl” 


—É————————————————— 


able, and these prefer ligands that are also small and not very polarizable. 
Pearson called these metals hard acids, and the ligands hard bases. In a 
similar way, type (b) metals and the ligands they prefer are larger and 
more polarizable, and he called these soft acids and soft bases. He stated 
the relationship hard acids prefer to react with hard bases, and soft acids 
react with soft bases. This definition takes in the usually accepted acid— 
base reactions (H* strong acid, OH^ and NH; strong bases), and in 
addition a great number of reactions involving the formation of simple 
complexes, and complexes with x bonding ligands. 
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PROBLEMS - 


PROBLEMS 


t. 


12. 


Suggest reasons for and against the inclusion of hydrogen in the main 
groups of the periodic table. 


Describe four ways in which hydrogen is produced on an industrial 
scale. Give one convenient method of preparing hydrogen in the 
laboratory. 


Give an account of the main uses of hydrogen. 


Give equations to show the reaction of hydrogen with: (a) Na, (b) Ca, 
(c) CO, (d) N, (e) S, (f) Cl, (g) CuO. 


Describe the different types of hydrides which are formed. 


Give examples of six proton solvents other than water, and show how 
they self-ionize. 


. What species are characteristic of acids and of bases in the following 


solvents: (a) liquid ammonia, anhydrous acetic acid, (b) anhydrous 
nitric acid, (c) anhydrous HF, (d) anhydrous perchloric acid, (e) an- 
hydrous sulphuric acid, (f) dinitrogen tetroxide. 


Describe how the various physical properties of a liquid affect its 
usefulness as a solvent. 


. How are the properties of H;O, NH; and HF affected by hydrogen 


bonding? 


. Explain the variation in boiling points of the hydrogen halides (HF 


20°C, HCI —85°C, HBr —67°C and HI —36*C. 


. Discuss the theoretical background, practical uses and theoretical 


limitations of liquid hydrogen fluoride as a non-aqueous solvent. List 
materials which behave as acids and bases in this solvent, and explain 
what happens when SbF; is dissolved in HF. 


Discuss the theoretical background, practical uses and limitations of 
liquid ammonia non-aqueous solvent. Explain what happens when 
I5NH,CI is dissolved in unlabelled liquid ammonia and the solvent 


evaporated. 


Part 
The s-Block Elements Two 


Group 1 — the alkali metals 


Table 9.1 Electronic structures 


Element Symbol Electronic structure 

Lithium Li 15223! or [He] 2s! 
Sodium Na 1572522593! or [Ne] 3s! 
Potassium K 1522522 p535?3p64s! or [Ar] 4s! 
Rubidium Rb 1572572 p93523p93,104524565,1 or [Kr] 5s! 
Caesium Cs 15°2s?2p°3s73p°3d"4s24p%4a "5525p %Gs! or [Xe] 6s! 
Francium Fr [Rn] 7s! 
SS a ere 
INTRODUCTION 


The elements of Group 1 illustrate, more clearly than any other group of 
elements, the effects of increasing the size of atoms or ions on the physical 
and chemical properties. They form a closely related group, and probably 
have the least complicated chemistry of any group in the periodic table. 
The physical and chemical properties of the elements are closely related to 
their electronic structures and sizes. The elements are all metals, excellent 
conductors of electricity, and typically soft and highly reactive. They 
have one loosely held valence electron in their outer shell, and typically 
form univalent, ionic and colourless compounds. The hydroxides and 
oxides are very strong bases, and the oxosalts are very stable. 

Lithium, the first element in the group, shows considerable differences 
from the rest of the group. In all of the main groups the first element shows 
a number of differences from the later elements in the group. 

Sodium and potassium together make up over 4% by weight of the 
carth's crust. Their compounds are very common, and have been known 
and used from very early times. Some of their compounds are used in very 
large amounts. World production of NaCl was 183.5 million tonnes in 
1992 (most was used to make NaOH and Ch); 38.7 million tonnes of 
NaOH were produced in 1994. About 31.5 million tonnes/year of NaCO, 
is used, and NaHCO;, Na;SO, and NaOC! are also of industrial import- 
ance. World production of potassium salts (referred to as ‘potash’ and 
measured as K;O) was 24.5 million tonnes in 1992. Much of it was used 
as fertilizer, but KOH, KNO; and K;O are also important. In addition 
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sodium and potassium are essential elements for animal life. The metals 
were first isolated by Humphrey Davy in 1807 by the electrolysis of KOH 
and NaOH. 


— 
OCCURRENCE AND ABUNDANCE 


Despite their close chemical similarity, the elements do not occur together, 
mainly because their ions are of different size. 
Lithium is the thirty-fifth most abundant element by weight and is 


Table 9.2 Abundance of the elements in the earth's crust, 


by weight 
SEE ee 
Abundance in earth’s crust Relative 
7 abundance 
(ppm) (%) 

Li 18 0.0018 35 

Na 22700 2.27 7, 

K 18400 1.84 8 

Rb 78 0.0078 23 

Cs 2.6 0.00026 46 


mainly obtained as the silicate minerals, spodumene LiAI(SiOs);, and 
lepidolite LizAl,(SiO3);(FOH)2. World production of lithium minerals 
was 8900 tonnes in 1992. The main sources are the Soviet Union 36%, 
Australia 34%, China 12%, Zimbabwe 10%, Chile 9%, and Canada 8%. 

Sodium and potassium are the seventh and eighth most abundant 
elements by weight in the earth’s crust. NaCl and KCI occur in large 
amounts in sea water. The largest source of sodium is rock salt (NaCl). 
Various salts including NaCl, Na;B4,O;.10H;O (borax), (Na;CO;. 
NaHCO;.2H;O) (trona), NaNO; (saltpetre) and Na;SO, (mirabilite) 
are obtained from deposits formed by the evaporation of ancient seas 
such as the Dead Sea and the Great Salt Lake at: Utah USA. Sodium 
chloride is extremely important, and is used in larger tonnages than any 
other chemical. World production was 183.5 million tonnes in 1992. The 
main sources are the USA 19%, China 10%, the Soviet Union 9%, India 
7%, Germany 8%, Canada 6%, the UK and Australia 5% each, and 
France and Mexico 4% each. In most places it is mined as rock salt. In the 
UK (the Cheshire salt field) about 75% is extracted in solution as brine, 
and similarly in Germany over 70% is extracted as brine. ‘Solar’ salt is 
obtained by evaporating sea water in some hot countries. Ninety-two per 
cent of the salt produced in India is by evaporation, and 26% of that from 
Spain and France. This method is also used in Australia. 

Potassium occurs mainly as deposits of KCI (sylvite), a mixture of KCI 
and NaCl (sylvinite), and the double salt KCI- MgCl; - 6H5O (carnallite). 


Soluble potassium salts are collectively called *potash'. World production 
of potash was 34.5 million tonnes in 1992, measured as K,O. The main 


EXTRACTION OF THE METALS 


sources are from mined deposits (the Soviet Union 35%, Canada 25%, 
Germany 1896, France and the USA 5% each and Israel 4%). Large 
amounts are recovered from brines such as the Dead Sea (Jordan) and 
the Great Salt Lake (Utah USA), where the concentration may be 20-25 
| times higher than in sea water, but it is not economic to recover potassium 
salts from ‘normal’ sea water. 

There is no convenient source of rubidium and only one of caesium 
and these elements are obtained as by-products from lithium processing. 

All of the elements heavier than bismuth (atomic number 83) s3Bi are 
radioactive, Thus francium (atomic number 89) is radioactive, and as it 
| has a short half life period of 21 minutes it does not occur appreciably 
| in nature. Any that existed when the earth was formed will have dis- 
appeared, and any formed now from actinium will have a transitory 
existence. 


22 


99% 
SAC "EM -1e + 794Th (beta decay) 
1% 


3He + "SFr (alpha decay) 


half life 21 min 
"Fr ————"", _% + 223Ra (beta decay) 


EXTRACTION OF THE METALS 


| The metals of this group are too reactive to be found in the free state. 
Their compounds are amongst the most stable to heat, so thermal de- 
composition is impractical. Since the metals are at the top of the elec- 
| trochemical series they react with water, so displacement of one element 
from solution by another higher in the electrochemical series will be 
unsuccessful. The metals are the Strongest chemical reducing agents 
| known, and so cannot be prepared by reducing the oxides. Electrolysis 
| of aqueous solutions in order to obtain the metal is also unsuccessful 
| unless a mercury-cathode is used, when it is possible to obtain amalgams, 
but recovery of the pure metal from the amalgam is difficult. 

The metals may all be isolated by electrolysis of a fused salt, usually the 
fused halide, often with impurity added to lower the melting point. 

Sodium is made by the electrolysis of a molten mixture of about 40% 
NaCl and 60% CaCl, in a Downs cell (Figure 9.1). This mixture melts at 
about 600°C compared with 803°C for pure NaCl. The small amount of 
calcium formed during the electrolysis is insoluble in the liquid sodium, 
and dissolves in the eutectic mixture. There are three advantages to 
electrolysing a mixture. 


- It lowers the melting point and so reduces the fuel bill. 

- The lower temperature results in a lower vapour pressure for sodium, 
| which is important as sodium vapour ignites in air. 

3. At the lower temperature the liberated sodium metal does not dissolve 
in the melt, and this is important because if it dissolved it would short- 


circuit the electrodes and thus prevent further electrolysis. 
continued overleaf 
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Molten sodium Chlorine Molten sodium 
out out out 


{ 


f | 


Molten 
electrolyte 


Cathode 


Meta! gauze 


Figure 9.1 Downs cell for the production of sodium. 


A Downs cell comprises a cylindrical steel vessel lined with firebrick, 
measuring about 2.5m in height and 1.5m in diameter. The anode is a 
graphite rod in the middle, and is surrounded by a cast steel cathode. A 
| metal gauze screen separates the two electrodes, and prevents the Na 
formed at the cathode from recombining with Cl; produced at the anode. 
The molten sodium rises, as it is less dense than the electrolyte, and 
it is collected in an inverted trough and removed, and packed into steel 
drums. 

A similar cell can be used to obtain potassium by electrolysing fused 
KCI. However, the cell must be operated at a higher temperature because 
the melting point of KCI is higher, and this results in the vaporization of 
the liberated potassium. Since sodium is a more powerful reducing agent 
than potassium and is readily available, the modern method is to reduce 
molten KCI with sodium vapour at 850°C in à large fractionating tower. 
This gives K of 99.5% purity. 


Na + KCl > NaCl + K 


Rb and Cs are produced in a similar way by reducing the chlorides with Ca 
at 750°C under reduced pressure: 


USES OF GROUP 1 METALS AND THEIR COMPOUNDS 


Lithium stearate C,;H4COOLi is used in making automobile grease. 
Li»CO; is added to bauxite in the electrolytic production of aluminium, 
as it lowers the melting point. Li;CO, is also used to toughen glass. It also 
has uses in medicine, as it affects the balance between Na* and K* and 
Mg?* and Ca** in the body. Lithium metal is used to make alloys. for 
example with lead to make ‘white metal’ bearings for motor engines. 
with aluminium to make aircraft parts which are light and strong, and 


with magnesium to make armour plate. There is great interest in lithium 


| potassium stearate, both of which are used in liquid detergents, KNO, is 


| LiH is used to generate hydrogen, and LiOH to absorb CO; 


| used to make Soap and detergents, paper, textiles and glass. NaOCl! is 


USES OF GROUP 1 METALS AND THEIR COMPOUNDS 
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for thermonuclear Purposes, since when bombarded with neutrons it 
produces tritium (see the section on Nuclear Fusion in Chapter 31). 
Lithium is also used to make electrochemical cells (both primary and 
secondary batteries). Primary batteries produce electricity by a chemical 
change, and are discarded when they ‘run down’. These have Li anodes, 
carbon cathodes and SOCI; as the electrolyte. There is interest in Li/S 
batteries which could power battery cars in the future, and in secondary 
cells, which may provide a Practical way of storing off-peak’ electricity. 


Caustic soda NaOH is the most important alkali used in industry and 
is used for a wide Variety of purposes including making many inorganic 
and organic compounds, paper making, neutralizations, and making 
alumina, soap and rayon. Soda ash NaCO; may be used interchangeably 
with NaOH in many applications such as making paper, soap and deter- 
gents. Large amounts are used in making glass, phosphates, silicates, 
and cleaning preparations and removing SO, pollution from the flue gases 
at coal-fired electricity generating stations. Large amounts of Na;SO, are 


used as a bleach and a disinfectant, and production was about 950000 
tonnes (chlorine equivalent) in 1990, NaHCO, is used in baking powder. 
The use of sodium metal is declining, but about 80000 tonnes were 
produced in 1994. The largest use of sodium is to make a Na/Pb alloy 
needed to make PbEt, and PbMe,. These organolead compounds are 
used as anti-knock additives to petrol, but this use of sodium continues to 
decrease as more cars use lead-free petrol. Another important use is to 
reduce TiCl, and ZrCl, to the metals. Other uses are making Na;O; and 
NaH, and in sodium street lights. Liquid sodium metal is used as,a 
coolant in fast breeder nuclear reactors. It transfers heat from the reactor 
to turbines, where the heat produces steam which is used to generate 
electricity. A fast breeder reactor is still operational at Grenoble (France), 
but another at Dounray (Scotland) has now been decommisioned. These 
reactors operate at a temperature of about 600°C; being a metal, sodium | 
conducts heat very well, and as its boiling point is 881 °C it is ideal for this 
purpose. Small amounts of the metal are used in organic synthesis, and 
for drying organic solvents. 

Potassium is an essential element for life. Roughly 95% of potassium 
compounds are used as fertilizers for plants — KCl 9095, K350, 9%, KNO, 
1%. Potassium salts are always more expensive than sodium salts, usually 
by a factor of 10 or more. KOH (which is prepared by electrolysing aque- 
ous KCI) is used to make potassium phosphates and also soft soap, e.g. 


used in explosives. KMnO, is used in the manufacture of saccharin, as an 
oxidizing agent and for titrations. K;CO, is used in ceramics, colour TV 
tubes and fluorescent light tubes. Potassium superoxide KO» is used in 
breathing apparatus and in submarines, and KBr is used in photography. 
Not much potassium metal is produced, and most of it is used to make 
KO). 
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ELECTRONIC STRUCTURE 


Group 1 elements all have one valency electron in their outer orbital — an y 
electron which occupies a spherical orbital. Ignoring the filled inner shells 
the electronic structures may be written: 2s", 3s', 4s", 5s', 6s! and 7s. The 
single valence electron is a long distance from the nucleus, is only weakly 
held and is readily removed. In contrast the remaining electrons are closer 
to the nucleus, more tightly held, and are removed only with great dif- 
ficulty. Because of similarities in the electronic structures of these ele- 
ments, many similarities in chemical behaviour would be expected. 


SIZE OF ATOMS AND IONS 


Group 1 atoms are the largest in their horizontal periods in the periodic 
table. When the outer electron is removed to give a positive ion, the size 
decreases considerably. There are two reasons for this. 


1. The outermost shell of electrons has been completely removed. 

2. Having removed an electron, the positive charge on the nucleus is now 
greater than the charge on the remaining electrons, so that each of the 
remaining electrons is attracted more strongly towards the nucleus. This 
reduces the size further. 


Positive ions are always smaller than the parent atom. Even so, the ions 
are very large, and they increase in size from Li* to Fr* as extra shells of 
electrons are added. 

The Li* is much smaller than the other ions. For this reason, Li only 
mixes with Na above 380°C, and it is immiscible with the metals K, Rb 
and Cs, even when molten; nor will Li form substitutional alloys with 
them. In contrast the other metals Na. K, Rb and Cs are miscible with 
each other in all proportions. 


DENSITY 


The atoms are large, so Group 1 elements have remarkably low densities. 
Lithium metal is only about half as dense as water, whilst sodium and 
potassium are slightly less dense than water (see Table 9.3). It is unusual 


Table 9.3 Size and density 


Metallic Ionic Density 
radius radius M* 
six-coordinate 
(Ayo (A) (gem?) 
Li 1.52 0.76 0.54 
Na 1.86 1.02 0.97 
K 2.27 1.38 0.86 
Rb 2.48 1-52 TÉ) 
Cs 2.65 1.67 1.90 


——M MÀ — 
ELECTRONEGATIVITY AND BOND TYPE 


for metals to have low densities, and in contrast most of the transition 
metals have densities greater than 5gcm-^, for example iron 7.9g cm ", 
mercury 13.6gem-?, and osmium and iridium (the two most dense ele- 


ments) 22.57 and 22.61 gcm? respectively. 


IONIZATION ENERGY 


The first ionization energies for the atoms in this group are appreciably 
lower than those for any other group in the periodic table. The atoms are 
very large so the outer electrons are only held weakly by the nucleus: 
hence the amount of energy needed to remove the outer electron is not 
very large. On descending the group from Li to Na to K to Rb to Cs, the 
size of the atoms increases: the outermost electrons become less strongly 
held, so the ionization energy decreases. 

The second ionization energy — that is the energy to remove a second 
electron from the atoms — is extremely high. The second ionization energy 
is always larger than the first, often by a factor of two, because it involves 
removing an electron from a smaller positive ion, rather than from a larger 
neutral atom. The difference between first and second ionization energies 
is much larger in this case since in addition it corresponds to removing an 
electron from a closed shell. A second electron is never removed under 
normal conditions, as the energy required is greater than that needed to 
ionize the noble gases. The elements commonly form M* ions. 


Table 9.4 Ionization energies 


First Second 
ionization ionization 
energy energy 
(kJ mol!) (kJ mol^!) 
Li 520.1 7296 
Na 495.7 4563 
K 418.6 3069 
Rb 402.9 2650 
Cs 375.6 2420 


ELECTRONEGATIVITY AND BOND TYPE 
The electronegativity values for the elements in this group are very small — 
in fact the smallest values of any element. Thus when these elements react 


with other elements to form compounds, a large electronegativity dif- 
ference between the two atoms is probable, and ionic bonds are formed. 


Na electronegativity 0.9 
CI electronegativity 3.0 


Electronegativity difference — 2.1 
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Table 9.5 Electronegativity values 


Pauling's 
electronegativity 


Li 1.0 
Na 0.9 
K 0.8 
Rb 0.8 
Cs 0.7 


An electronegativity difference of approximately 1.7—1.8 corresponds to 
50% ionic character. The value 2.1 exceeds this, so the bonding in NaCl is 
predominantly ionic. Similar arguments apply to other compounds: for 
example, the electronegativity difference in LiF is 3.0, and in KBr is 2.0, 
and both compounds are ionic. 

The chemistry of the alkali metals is largely that of their ions. 


BORN-HABER CYCLE: ENERGY CHANGES IN THE 
FORMATION OF IONIC COMPOUNDS 


When elements react to form compounds, AG (the free energy of forma- 
tion) is negative. For a reaction to proceed spontaneously, the free energy 
of the products must be lower than that of the reactants. 

Usually the energy changes are measured as enthalpy values AH, and 
AG is related to AH by the equation: 


AG = AH — TAS 


In many cases enthalpy values are used instead of free energy values, and 
the two are almost the same if the term TAS is small. At room temperature 
T is almost 300K, so AG and AH are only similar when the change in 
entropy AS is very small. Entropy changes are large when there is a 
change in physical state, e.g. solid to liquid, or liquid to gas, but otherwise 
entropy changes are usually small. 

A whole series of energy changes is involved when one starts from the 
elements and finishes with an ionic crystal. These changes are shown in the 
Born—Haber cycle (Figure 9.2). The cycle serves two purposes. First it 
explains how these various energy changes are related, and second, if all 
but one of the terms can be measured, then the remaining value can be 
calculated. There is no direct way of obtaining electron affinity values, and 
these have been calculated from this type of energy cycle. 

Hess's law states that the energy change occurring during a reaction 
depends only on the energy of the initial reactants and the energy of the 
final products, and not on the reaction mechanism, or the route taken. 
Thus, by Hess’s law. the energy change for the reaction of solid sodium 
and chlorine gas to form a sodium chloride crystal by the direct route 
(measured as the enthalpy of formation) must be the same as the sum of 
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| Nai, + Ch = Nagy + Choy 
Mni 2d iden, per M 
~ Electron 
Enérgy +} Enthalpy of affinity (E) 
(AH) Nai) + Cli 
Na; + JC, 
+ lonization energy 
u) 
Naio) + Icio, 
NM Leal: dS r 
~ Lattice energy 
+ Enthalpy of sublimation (u) 
(AH,) 
— Enthalpy of 
formation 
(AH) ) 
[owe] 


Figure 9.2 Born- Haber cycle for the formation of NaCl. 


all the energy changes going round the cycle by the long route, i.e. by 

producing first gaseous atoms of the elements, then gaseous ions, and 

finally packing these to give the crystalline solid. This may be expressed as: 
AH, = + AH, + 1+ 4AHy + E + U 

Details of these energy terms are shown in Table 9.6. A considerable 

amount of energy (the enthalpies of sublimation and dissociation, and 


Table 9.6 Enthalpy (AH) values for MCI (all values in kJ mol”!) 


Sublimation 4 enthalpy of Ionization Electron Lattice ^ Total = 
energy dissociation energy affinity energy enthalpy of 


Mq-Mgj 1;-Cl M-M*  CI-Cl* formation 
Li 161 121.5 520 -355 -845 -397.5 
Na 108 121.5 496 —355 -770 —399.5 
K 90. 121.5 419 —355 -703 -427.5 
Rb 82 121.5 403 -355 -674 -422.5 
Cs 78 121.5 376 —355 —644 -423.5 


———————————— 
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Energy 


the ionization energy) is used to produce the ions, so these terms are 
positive. Ionic solids are formed because an even larger amount of energy 
is evolved, mainly coming from the lattice energy and to a smaller extent 
from the electron affinity, resulting in a negative value for the enthalpy 
of formation AH;. 

All the halides MCI have negative enthalpies of formation, which 
indicates that thermodynamically (that is in terms of energy) it is feasible 
to form the compounds MCI from the elements. The values are shown in 
Table 9.7. Several trends are apparent in these values: 


1. The most negative enthalpies of formation occur with the fluorides. For 
any given metal, the values decrease in the sequence fluoride > chloride 
> bromide > iodide.Thus the fluorides are the most stable, and the 
iodides the least stable. 

2. The enthalpies of formation for the chlorides, bromides and iodides 
become more negative on descending the group. This trend is observed 
with most salts, but the opposite trend is found in the fluorides. 


Ionic compounds may also be formed in solution, when a similar cycle 
of energy changes must be considered, but the hydration energies of the 
positive and negative ions must be substituted for the lattice energy. 

The energy cycle shown in Figure 9.3 is very similar to the Born- Haber 
cycle.The enthalpy of formation of hydrated ions from the elements in 
their natural state must be equal to the sum of all the other energy changes 
going round the cycle. 
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+ Ionization energy energy P EnihalBy ot 
id hydration M“ 
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Figure 9.3 Energy cycle for the hydration of ions. 
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Table 9.7 Standard enthalpies of formation for Group 1 
halides (all values in kJ mol!) 


MF MCI MBr MI 
TUN NET d a 
Li —612 —398 -350 7271 
Na —569 -400 —360 —288 
K -563 —428 —392 —328 
Rb —549 -423 —389 —329 
Cs 1531 -424 —395 —337 
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STRUCTURES OF THE METALS, HARDNESS AND COHESIVE 
ENERGY 


At normal temperatures all the Group 1 metals adopt a body-centred 
cubic type of lattice with a coordination number of 8. However, at very 
low temperatures lithium forms a hexagonal close-packed structure with 
a coordination number of 12. 

The metals are all very soft, and can be cut quite easily with a knife. 
Lithium is harder than the others, but is softer than lead. Bonding in 
metals is discussed in Chapters 2 and 5 in terms of delocalized molecular 
orbitals or bands, extending over the whole crystal. 

The cohesive energy is the force holding the atoms or ions together in 
the solid. (This is the same in magnitude, but the opposite in sign, to the 
enthalpy of atomization, which is the energy required to break the solid up 
into gaseous atoms.) The cohesive energies of Group 1- metals are about 
half of those for Group 2, and one third of those for Group 13 elements. 
The magnitude of the cohesive energy determines the hardness, and it 
depends on the number of electrons that can participate in bonding and 
on the strength of the bonds formed. The softness, low cohesive energy 
and weak bonding in Group 1 elements are consequences of these metals 
having only one valency electron which can participate in bonding (com- 
pared with two or more electrons in most other metals), and of the large 
size and diffuse nature of the outer bonding electron. The atoms become 
larger on descending the group from lithium to caesium, so the bonds 
are weaker, the cohesive energy decreases and the softness of the metals 
increases. 


Table 9.8 Cohesive energy 


Cohesive energy 
(enthalpy of atomization) 


(kJ mol!) 
Li 161 
Na 108 
K 90 
Rb 82 


Cs 78 
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MELTING AND BOILING POINTS 


The generally low values for cohesive energy are reflected in the very 
low values of melting and boiling points in the group. The cohesive 
energy decreases down the group, and the melting points decrease 
correspondingly. 

The melting points range from lithium 181°C to caesium 28.5°C. These 
are extremely low values for metals, and contrast with the melting points 
of the transition metals, most of which are above 1000°C. 

The melting point of lithium is nearly twice as high (in °C) as that for 
sodium, though the others are close together. With many properties it is 
found that the first element in each group differs appreciably from the rest 
of the group. (Differences between lithium and the other Group 1 ele- 
ments are discussed near the end of this chapter.) 


Table 9.9 Melting and boiling points 


Melting point Boiling point 
(C) (C) 
Li 181 1347 
Na 98 881 
K 63 766 
Rb 39 688 
Cs 28.5 705 


Le 


FLAME COLOURS AND SPECTRA 


A result of the low ionization energies is that when these elements are 
irradiated with light, the light energy absorbed may be sufficient to make 
an atom lose an electron. Electrons emitted in this way are called photo- 
electrons, and this explains the use of caesium and potassium as cathodes 
in photoelectric cells. 

Electrons may also be quite readily excited to a higher energy level, for 
example in the flame test. To perform this test, a sample of the metal 
chloride, or any salt of the metal moistened with concentrated HCI, is 
heated on a platinum or nichrome wire in a Bunsen burner flame. The heat 
from the burner excites one of the orbital electrons to a higher energy 


Table 9.10 Flame colours and wavelengths 
a a za CREE UNE 


Colour Wavelength Wavenumber 
(nm) (cm!) 
Li crimson 670.8 14908 
Na yellow 589.2 16972 
K lilac 766.5 13046 
Rb red-violet 780.0 12821 
Cs blue 455.5 21954 


a 


| COLOUR OF COMPOUNDS 


level. When the excited electron drops back to its original energy level it 


gives out the extra energy it obtained. The energy E is related to the wave 
number v by the Einstein relationship: 


E = hv (where h is Planck’s constant) 


For Group 1 metals, the energy emitted appears as visible light, thus 
giving the characteristic flame colorations, 

The colour actually arises from electronic transitions in short-lived 
species which are formed momentarily in the flame. The flame is rich in 
electrons, and in the case of sodium the ions are temporarily reduced to 
atoms. 


Na* + e — Na 


The sodium D-line (which is actually a doublet at 589.0 nm and 589.6 nm) 
arises from the electronic transition 3s! —> 3p! in sodium atoms formed in 
the flame. The colours from different elements do not all arise from the 
same transition, or from the same species. Thus the red line for lithium 
arises from a short-lived LiOH species formed in the flame, 

These characteristic flame colorations of the emission spectra are used 
for the analytical determination of these elements by flame photometry. A 
solution of a Group 1 salt is aspirated into an oxygen gas flame in a flame 
photometer. The energy from the flame excites an electron to a higher 
energy level, and when it falls back to the lower energy level the extra 
energy is given out as light. The intensity of the flame coloration is mea- 
sured with a photoelectric cell. The intensity depends on the concentration 
of metal present. A calibration graph is produced by measuring intensities 
with known standard solutions, and the exact concentration of the un- 
known solution can be found by comparison with the standard graph. 

Alternatively atomic absorption spectroscopy may be used to estimate 
Group 1 metals. Here a lamp that emits a wavelength appropriate for a 
particular electronic transition is used to irradiate the sample in the flame. 
Thus à sodium lamp is used to detect sodium in the sample: other lamps 
are used to detect other elements. The amount of light absorbed, this time 
by the ground state atoms, is measured, and is proportional to the amount 
of the particular element being tested for. 


COLOUR OF COMPOUNDS 


Colour arises because the energy absorbed or emitted in electronic transi- 
tions corresponds to a wavelength in the visible region. The Group 1 metal 
ions all have noble gas configurations in which all the electrons are paired, 
Thus promoting an electron requires some energy to unpair an electron, 
some to break a full shell of electrons and some to promote the electron 
to a higher level. The total energy is large: hence there are no suitable 
transitions and the compounds are typically white. Any transitions which 
do occur will be of high energy, will appear in the ultraviolet region rather 
than'in the visible region. and will be invisible to the human eye. Com- 
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pounds of Group 1 metals are typically white, except those where the anion 
is coloured, for example sodium chromate Na;[CrO,] (yellow), potassium 
dichromate K»[Cr;O;] (orange), and potassium permanganate K[MnO,] 
(deep purple). In these cases the colour comes from the anions [CrO,]~, 
[Cr;O;- or [MnO,]~ and not from the Group 1 metal ion. 

When Group 1 elements form compounds (usually ionic, but there are a 
few covalent compounds), all the electrons are paired. Because of this 
Group 1 compounds are diamagnetic. There is one notable exception — 
the superoxides, which are discussed later. 


CHEMICAL PROPERTIES 


Table 9.11 Some reactions of Group 1 metals 


Reaction Comment 


M-*H;0—MOH-H; The hydroxides are the strongest bases known 


with excess dioxygen 


Li + O: > Li,O Monoxide is formed by Li'and to a small extent 
by Na 

Na + O; —^ Na;0; Peroxide formed by Na and to a small extent 
byLi 

K + 0; KO; Superoxide formed by K, Rb, Cs 

M + H.— MH Ionic ‘salt-like’ hydrides 

Li + N;— LiN Nitride formed only by Li 

M+ P—M;P All the metals form phosphides 

M + As— MsAs All the metals form arsenides 

M + Sb MsSb All the metals form stibnides 

M +S— MS All the metals form sulphides 

M + Se M,Se All the metals form selenides 

M + Te — M;Te All the metals form tellurides 

M + F;—MF All the metals form fluorides 

M + Ch — MCI All the metals form chlorides 

M + Br; —^ MBr All the metals form bromides 

M+L—MI All the metals form iodides 

M + NH; > MNH, All the metals form amides 


Reaction with water 


Group 1 metals all react with water, liberating hydrogen and forming the 
hydroxides. The reaction becomes increasingly violent on descending 
the group. Thus lithium reacts gently, sodium melts on the surface of the 


CHEMICAL PROPERTIES 
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water and the molten metal skates about vigorously and may catch fire 
(especially if localized), and potassium melts and always catches fire. 


2Li + 2H;0 S 2LiOH + H2 
2Na + 2H;0 > 2NaOH + H, 
2K + 2H,0—>2KOH + H; 


The standard electrode potentials E? are Li*|Li = —3.05 volts, 
Na*|Na = -2.71, K*|K = —2.93, Rb*|Rb = —2.92, Cs*|Cs = —2,92. 
Lithium has the most negative standard electrode potential of any element 
in the periodic table, largely because of its high hydration energy. Standard 
electrode potentials E? and Gibbs free energy AG are related by the 
equation: 


AG = —nFE° 


where n is the number of electrons removed from the metal to produce the 
ion, and F is the Faraday constant. 

The reaction Lit + e — Li has the largest negative E? value, and hence 
the largest positive AG value. Thus the reaction does not occur. However, 
the reverse reaction Li — Li* + e has a large negative value of AG, so 
lithium liberates more energy than the other metals when it reacts with 
water. In view of this it is at first sight rather surprising that lithium reacts 
gently with water, whereas potassium, which liberates less energy, reacts 
violently and catches fire. The explanation lies in the kinetics (that is the 
rate at which the reaction proceeds), rather than in the thermodynamics 
(that is the total amount of energy liberated). Potassium has a low melting 
point, and the heat of reaction is sufficient to make it melt, or even vapor- 
ize. The molten metal spreads out, and exposes a larger surface to the 
water, so it reacts even faster, gets even hotter and catches fire. 


Reaction with air 

Chemically, Group 1 elements are very reactive, and tarnish rapidly in dry 
air. Sodium, potassium, rubidium and caesium form oxides of various 
types, but lithium forms a mixture of the oxide and the nitride, LiN. 


Reaction with dinitrogen 

Lithium is the only element in the group that reacts with dinitrogen to form 
a nitride. Lithium nitride, Li3N, is ionic (3Li* and N?-), and is ruby red. 
Two reactions of the nitride are of interest. First, on heating to a high 
temperature it decomposes to the elements, and second, it reacts with 


water, giving ammonia. 


heat 


2LiN — 6Li + N; 
Li;N + 3H,O > 3LiOH + NH; 
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OXIDES, HYDROXIDES, PEROXIDES AND SUPEROXIDES 


Reaction with air 


The metals all burn in air to form oxides, though the the product varies 
depending on the metal. Lithium forms the monoxide Li;O (and some 
peroxide Li;O;), sodium forms the peroxide Na,O, (and some monoxide 
Na;O), and the others form superoxides of the type MO;. 

All five metals can be induced to form the normal oxide, peroxide or 
superoxide by dissolving the metal in liquid ammonia and bubbling in the 
appropriate amount of dioxygen. 


Normal oxides — monoxides 


The monoxides are ionic, for example 2Li* and O^-. Li;O and Na;O are 
pure white solids as expected, but surprisingly KO is pale yellow, Rb;O 
is bright yellow and Cs;O is orange. Metallic oxides are usually basic. The 
typical oxides M20 are strongly basic oxides, and they react with water, 
forming strong bases. 


Li;O + H;O — 2LiOH 
Na;O + H;O —2NaOH 
K,0 + H;0 > 2KOH 


The crystal structures of Li,O, NaO. K;O and Rb;O are anti-fluorite 
structures. The anti-fluorite structure is like that for fluorite CaF2, except 
that the positions of the positive and negative ions are interchanged. Thus 
Li* fill the sites occupied by F^, and O7 fill sites occupied by Ca^*. Cs;O 
has an anti-CdCl, layer structure. 


Hydroxides 


Sodium hydroxide NaOH is often called caustic soda, and potassium 
hydroxide is called caustic potash, because of their corrosive properties 
(for example on glass or on skin). These caustic alkalis are the strongest 
bases known in aqueous solution. The hydroxides of Na, K, Rb and Cs are 
very soluble in water. but LiOH is much less soluble (see Table 9.12). At 


Table9.12 Solubility of Group 1 hydroxides 


Element Solubility 
(g/100g H-O) 
Li 13.0 (25°C) 
Na 108.3 (25°C) 
K 112.8 (25°C) 
Rb 197.6 (30°C) 


Cs 385.6 (15°C) 


OXIDES, HYDROXIDES, PEROXIDES AND SUPEROXIDES 


25°C a saturated solution of NaOH is about 27 molar, whilst saturated 
LiOH is only about 5 molar, 


The bases react with acids to form salts and water, and are used for 
many neutralizations. 


NaOH + HCl — NaCl + H,O 


The bases also react with CO;, even traces in the air, forming the car- 
bonate. LiOH is used to absorb carbon dioxide in closed environments 
such as space capsules (where its light weight is an advantage in reducing 
the launching weight). 


2NaOH + CO; — Na;CO, + H;O 


They also react with the amphoteric oxides, Al;O; forming aluminates, 
SiO; (or glass) forming silicates, SnO; forming stannates, PbO, forming 
plumbates and ZnO forming zincates. 

The bases liberate ammonia from both ammonium salts and coordina- 
tion complexes where ammonia is attached to a transition metal ion 
(ammine complexes). 


NaOH + NH,Cl — NH; + NaCl + H,O 
6NaOH + 2[Co(NH3),]Cl; > 12NH; + CoO; + 3NaCI + 3H;O 


hexammine 
cobalt(III) chloride 


NaOH reacts with H5S to form sulphides S*~, and hydrogen sulphides 
SH, and it is used to remove mercaptans from petroleum products, 


NaOH + H2S — NaSH — Na;S 
The hydroxides react with alcohols, forming alkoxides. 
NaOH + EtOH — NaOEt + H;O 


sodium ethoxide 
KOH resembles NaOH in all its reactions, but as KOH is much more 


expensive it is seldom used. However, KOH is much more soluble in 
alcohol, thus producing OC;H; ions by the equilibrium 


C;H5OH + OH: = OC;Hs + H;O 


This accounts for the use of alcoholic KOH in organic chemistry. Group 1 
hydroxides are thermally stable, illustrating the strong electropositive 
nature of the metals. On heating, many hydroxides decompose, losing 
water and forming the oxide. 


Peroxides and superoxides 


The peroxides all contain the [-0—0—]J- ion. They are diamagnetic 
(all the electrons are paired). and are oxidizing agents. They may be 
regarded as salts of the dibasic acid H202, and they react with water and 


acid. giving hydrogen peroxide H202. 


planta 1773 
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NaO,  2H50 — 2NaOH + H,O, 


Na;0; is pale yellow in colour. It is used industrially for bleaching wood 
pulp, paper and fabrics such as cotton and linen. It is a powerful oxidant, 
and many of its reactions are dangerously violent, particularly with mat- 
erials that are reducing agents such as aluminium powder, charcoal, 
sulphur and many organic liquids. Because it reacts with CO; in the air it 
has been used to purify the air in submarines and confined spaces, as it 
both removes CO; and produces O;. Potassium superoxide KO, is even 
better for this purpose. Some typical reactions are: 


Na;O; + Al > ALO, 
Na,O, + Cr°* — CrO}- 
Na;O; + CO — Na;CO, 
2Na;0; + 2CO, —> Na;CO; + O, 


The industrial process for forming sodium peroxide is a two-stage reaction 
in the presence of excess air: 


2Na + 40) > Na;O 
Na,O + 40, > Na,O, 


The superoxides contain the ion [O2]~, which has an unpaired electron, 
and hence they are paramagnetic and are all coloured (LiO, and NaO, 
yellow, KO orange, RbO; brown and CsO; orange). 

NaO; has three different crystal structures, the marcasite structure at 
liquid air temperatures, the pyrites structure FeS, between —77°C and 
—50*C, and a calcium carbide CaC, structure at room temperature. Both 
the pyrites and calcium carbide structures are related to the NaCl structure 
in that the metal ions occupy the Na* sites, and Oz, S^ and C2" ions are 
centred on the Cl” sites. Since the negative ions contain two atoms, their 
shape is an elongated rod rather than a sphere. In the CaC; structure, the 
C3 ions are all oriented along one of the cubic axes, and thus the unit 
cell is elongated in that direction: hence the unit cell is cubic in NaCl but 
tetragonal in CaC;. The pyrites structure is similar, but the C3~ ions are 
not all in alignment, and the cubic structure is retained. 

Superoxides are even stronger oxidizing agents than peroxides, and 
give both H20, and O; with either water or acids. 


KO; + 2H;0.— KOH + H,0; + 40, 


KO, is used in space capsules, submarines, and breathing masks, because 
it both produces dioxygen and removes carbon dioxide. Both functions 
are important in life support systems. 


4KO, + 2CO; 2K,CO; + 30; 


more CO; 


4KO; + 4CO, + 2H;0 4KHCO; + 305 


SULPHIDES 


Sodium superoxide cannot be Prepared by burning the metal in dioxygen 
at atmospheric pressure, but it is made commercially and in good yields 
by reacting sodium peroxide with dioxygen at a high temperature and 
pressure (450°C and 300 atmospheres) in a stainless steel bomb. 


Na;0; + Oz > 2NaO; 


The bonding in peroxides and superoxides is described in the 
examples of molecular orbital treatment in Chapter 4. The peroxide ion 
—O—O—]*~ has 18 electrons, which occupy the molecular orbitals as 
shown: 


2 97 pd 
cols", o*1s*, 025?, 62s, o2p?, Ea b py 
n2p:, In*2p? 


increasing energy 


Thus the bond order is one, corresponding to a single bond. 
The superoxide ion [O5]- has only 17 electrons, which give a bond 
order of 1.5. 


2 *552 
ols’, o*1s?, o2?, 6*2s?, o2p?2, [o ir Py 
n2pz, \n*2p; 

Generally, large atoms or ions form weaker bonds than small ones. The 

peroxide and superoxide ions are large, and it is noteworthy that the 

stability of the peroxides and superoxides increases as the metal ions 

become larger. This shows that large cations can be stabilized by large 

anions, since if both ions are similar in size the coordination number will 
be high, and this gives a high lattice energy. 


SULPHIDES 


The metals all react with sulphur, forming sulphides such as NaS, and 
polysulphides Na;S, where n = 2, 3, 4, 5 or 6. The polysulphide ions are 
made from zig-zag chains of sulphur atoms. 


SS S 
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Sodium sulphide can also be made by heating sodium sulphate with 
carbon, or by passing H3S into NaOH solution. 
NaSO; + 4C > NaS + 4CO 
NaOH + H2S > NaHS + H,O 
NaOH + NaHS — Na;S + H;O 


Group 1 sulphides hydrolyse appreciably in water, giving strongly alkaline 
solutions: 
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NaS + H2O — NaSH + NaOH 


NaS is used to make organic sulphur dyestuffs, and in the leather industry 
to remove hair from hides. NaS is readily oxidized by air to form sodium 
thiosulphate, which is used in photography to dissolve silver halides, and 
as a laboratory reagent for iodine titrations. 


2Na5S + 205 + H;0 — Na2S,0; + 2NaOH 
2Na3$30; + Ip > Na?S40, + 2Nal 


SODIUM HYDROXIDE 


Sodium hydroxide is the most important alkali used in industry. it is 
produced on a large scale (38.7 million tonnes in 1994) by the electrolysis 
of an aqueous solution of NaCl (brine) using either a diaphragm cell or 
a mercury cathode cell. At one time it was also made from Na;CO; by the 
lime-caustic soda process, but this is only used a little nowadays as other 
methods are cheaper. Details of the industrial methods, uses, and ton- 
nages are given in Chapter 10. 


SODIUM HYDROGENCARBONATE (SODIUM BICARBONATE) 


About 900000 tonnes of NaHCO; were produced in 1991, of which 40% 
is used for baking powder, 15% to make other chemicals, 12% in pharma- 
ceutical products including anti-acid preparations for indigestion, and 
10% in fire extinguishers. An increasing use is flue gas desulphurization. 

NaHCO, can be used on its own to make cakes or bread ‘rise’ since it 
decomposes between 50°C and 100°C, giving bubbles of CO». 

2NaHCO, gentle heat 

Baking powder is more commonly used, and contains NaHCOs, 
Ca(H2PO,)> and starch. The Ca(H2PO,)> is acidic and when moist- 
ened it reacts with NaHCO;, giving CO». The starch is a filler. An im- 
proved ‘combination baking powder’ contains about 40% starch, 30% 
NaHCO;, 20% NaAKSO;); and 10% Ca(HsPO,)>. The NaAl(SO.)2 
slows the reaction down so the COs is given off more slowly. 


Na3CO; + H20 + CO, 


SODIUM SULPHATE 


About 4.3 million tonnes of Na;SO, were used in 1993. About 55% of 
this is made synthetically, as a by-product from the manufacture of HCl, 
and also from many neutralization processes that use H5SO,. About 45%. 
mainly Glauber's salt NaSO; - 10H5O, is mined. 

The major use of Na;SO, - some 70% — is in the paper industry. and 
about 10% is used in detergents, and 10% in glass manufacture. In the 
Kraft paper making process, a strong alkaline solution of Na;SO, is used 
to dissolve the lignin that holds the cellulose fibres together in wood chips. 


| OXOSALTS — CARBONATES, BICARBONATES, NITRATES AND NITRITES - 


The cellulose fibres are then turned into corrugated cardboard and brown 
paper. 


OXOSALTS — CARBONATES, BICARBONATES, NITRATES AND 
NITRITES 


Group 1 metals are highly electropositive and thus torm very strong 
bases, and have quite stable oxosalts. 

The carbonates are remarkably stable, and will melt before they even- 
tually decompose into oxides at temperatures above 1000°C, LixCO, is 
considerably less stable and decomposes more readily. 

Because Group 1 metals are so Strongly basic, they also form solid 
bicarbonates (also called hydrogencarbonates). No other metals form 
solid bicarbonates, though NH;HCO, also exists as a solid. Bicarbonates 
evolve carbon dioxide and turn into carbonates on gentle warming. This 
is one test for bicarbonates in qualitative analysis. The crystal structures of 
NaHCO; and KHCO, both show hydrogen bonding, but are different. 
In NaHCO, the HCO; ions are linked into an infinite chain, whilst in 
KHCO, a dimeric anion is formed. 


O—H---O = 

me X 

O0—C c—o 

\ / 
O---H—O 


Lithium is exceptional in that it does not form a solid bicarbonate, though 
LiHCO; can exist in solution. All the carbonates and bicarbonates are 
soluble in water. 

Over 50000 tonnes of Li;CO; are produced annually. Most of it is 
added as an impurity to Al;O; to lower its melting point in the extraction 
of aluminium by electrolysis. Some is used to toughen glass (sodium in the 
glass is replaced by lithium). Na;CO; is used as washing soda to soften 
water in hard water areas, and NaHCO, is used as baking powder. 

The nitrates can all be prepared by the action of HNO, on the corre- 
sponding carbonate or hydroxide, and they are all very soluble in water. 
LiNO; is used for fireworks and red-coloured distress flares. Large de- 
posits of NaNO; are found in Chile, and are used as a nitrogenous fer- 
tilizer. Solid LiNO; and NaNO, are deliquescent, and because of this 
KNO, is used in preference to NaNO, in gunpowder (gunpowder is a 
mixture of KNO,, sulphur and charcoal). KNO; is usually obtained from 
synthetic nitric acid and KyCOs, but at one time it was made from NaNO,: 


2HNO, + K;CO; — 2KNO, + CO; + H,O 
NaNO, + KCI > KNO, + NaCl 


Group 1 nitrates are fairly low melting/solids, and are amongst the most 
stable nitrates known. However, on strong heating they decompose into 
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nitrites, and at higher temperatures to the oxide. LINO; decomposes more 
readily than the others, forming the oxide. 


2NaNO, 2 3NaNO; + O; 
4NaNO, “© 2Na,0 + 50; + 2N; 


Alkali metal nitrates are widely used as molten salts as a solvent in which 
to carry out high temperature oxidations, and also as a heat transfer 
medium. They are used up to around 600°C, but molten salt baths are 
often used at much lower temperatures. For example, a 1:1 mixture of 
LiNO;/KNO; melts at the surprisingly low temperature of 125°C. 
Nitrites are important in the manufacture of organonitrogen com- 
pounds, the most important being the azo dyes. Small amounts of NaNO, 
are used in molten salt baths with NaNO;, and some is used as a food 
preservative. Nitrites are easily recognized in the laboratory, because on 
treatment with dilute acids they produce brown fumes of NO;. 


2NaNO; + 2HCI > 2NaCl + H2O + NO; + NO 
2NO + O: > 2NO; 
NaNO; is manufactured by absorbing oxides of nitrogen in Na;CO; 
solution. 
Na;CO; + NO; + NO — 2NaNO; + CO; 

They can also be made by thermal decomposition of nitrates and the 
chemical reduction of nitrates: 

2NaNO; + C — 2NaNO, + CO; 

KNO, + Zn —^ KNO; + ZnO 


or by reacting NO with a hydroxide. 


2KOH + 4NO > 2KNO; + N;O + H;O 
4KOH + 6NO — 4KNO, +N) + 2H,O0 


HALIDES AND POLYHALIDES 


Since Li* is the smallest ion in the group, it would be expected to form 
hydrated salts more readily than the other metals. LiCl, LiBr and Lil form 
trihydrates LiX.3H,O, but the other alkali metal halides form anhydrous 
crystals. 

All the halides adopt a NaCl type of structure with a coordination 
number of 6 except for CsCl, CsBr and CsI. The latter have a CsCl type of 
structure with a coordination number of 8. Rather more compounds adopt 
the NaCl type of structure than would be expected from the radius ratios 
of the ions r*/r~, and the reason for this structure being adopted is that it 
gives the highest lattice energy (see the sections on Ionic compounds of 
the type AX, and Lattice energy in Chapter 3). 


HYDRIDES 


The alkali metal halides react with the halogens and interhalogen 
compounds forming ionic polyhalide compounds: 


KI + 1) > K[I] 
KBr + ICI > K[BrICIJ 
KF + BrF; > K[BrF;] 


HYDRIDES 


Group 1 metals all react with hydrogen, forming ionic or salt-like hydrides 
M*H™. However, the ease with which they do so decreases from lithium 
to caesium. These hydrides contain the H- ion (which is not commonly 
found, since’ hydrogen usually forms H* ions). It can be proved that H^ 
ions exist because on electrolysis hydrogen is liberated at the anode. 

The hydrides react with water, liberating hydrogen, and lithium hy- 
dride is used as a source of hydrogen for military purposes and for filling 
meteorological balloons. 


LiH + H;O — LiOH + H; 


Lithium also forms a complex hydride Li[AlH,], called lithium aluminium 
hydride, which is a useful reducing agent. It is made from lithium hydride 
in dry ether solution. 


4LiH + AlCl; > Li[AIH;] + 3LiCl 


Lithium aluminium hydride is ionic, and the [AIH;]" ion is tetrahedral. 


Li{AIH,] is a powerful reducing agent and is widely used in organic. 


chemistry, as it reduces carbonyl compounds tó alcohols. It reacts violently 
with water, so it is necessary to use absolutely.dry organic solvents, for 
example ether which has been dried over sodium. Li[AIH,] will also 
reduce a number of inorganic compounds. 


BCl; + Li[AIH;] — BH; diborane 
PCI; + Li[AIH;] ^ PH; phosphine 
SiCl, + Li[AIH4] — SiH, silane 


Sodium tetrahydridoborate (sodium borohydride) Na[BH,] is another 
hydride complex. It is ionic, comprising tetrahedral [BH,]~ ions. It is best 
obtained by heating sodium hydride with trimethyl borate: 

4NaH + B(OCH;), 2775, Na[BH,] + 3NaOCH; 
Other tetrahydridoborates for Group 1 and 2 metals, aluminium and 
some transition metals can be made from the sodium salt. These tetra- 
hydridoborates are used as reducing agents, and the alkali metal com- 
pounds (particularly those of Na and K) are becoming increasingly used 
as they are much less sensitive to water than Li[AIH,]. Thus Na[BH;] 
can be crystallized from cold water, and K[BH,] from hot water, so they 
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have the advantage that they can be used in aqueous solutions. The others 
react with water. (See Group 13.) 


[BH;]- + 2H,0 > BO; + 4H; 


SOLUBILITY AND HYDRATION 


All the simple salts dissolve in water, producing ions, and consequently 
the solutions conduct electricity. Since Li* ions are small, it might be 
expected that solutions of lithium salts would conduct electricity better 
than solutions of the same concentration of sodium, potassium, rubidium 
or caesium salts. The small ions should migrate more easily towards the 
cathode, and thus conduct more than the larger ions. However, ionic 
mobility or conductivity measurements in aqueous solution (Table 9.13) 
give results in the opposite order Cs* > Rb* > K* > Na* > Li*. The 
reason for this apparent anomaly is that the ions are hydrated in solution. 
Since Li* is very small, it is heavily hydrated. This makes the radius of 
the hydrated ion large, and hence it moves only slowly. In contrast, Cs* 
is the least hydrated, and the radius of the hydrated Cs* ion is smaller 
than the radius of hydrated Li*, and hence hydrated Cs* moves faster, 
and conducts electricity more readily. 


Table 9.13 Ionic mobilities and hydration 
a ĖÁ 


Tonic Tonic Approx. radius Approx. Hydration terms 
radius mobility hydrated ion hydration | ————— — ———— 
(A) at infinite (À) number | AH? AS? AG? 
dilution (kJ mol!) 


Li* 0.76 33.5 40 25.3 —544 -134 -506 


3 
Na* 1.02 43.5 2.76 16.6 —435 -100  —406 
K* 1.38 64.5 2.32 10.5 2:350 0318967: —330 
Rb* 1.52 67.5 2.28 10.0 2926 154—310 
Cs* 1.67 68.0 2.28 9.9 2890318507276 


The hydration number is the average number of water molecules associated with 
the metal ion. The values need not be whole numbers, and are obtained by 
measuring the transference of water in a conductivity cell. 


Some water molecules touch the metal ion and bond to it, forming a 
complex. These water molecules constitute the primary shell of water. 
Thus Li* is tetrahedrally surrounded by four water molecules. This may 
be explained by the oxygen atoms of the four water molecules using a lone 
pair to form a coordinate bond to the metal ion. With four electron pairs 
in the valence shell the VSEPR theory predicts a tetrahedral structure. 
Alternatively, using valence bond theory, the 2s orbital and the three 2p 
orbitals form four sp? hybrid orbitals which are filled by the lone pairs 
from the oxygen atoms. 


SOLUBILITY AND HYDRATION 


Electronic structure of 
lithium atom 


Electronic structure of 
Li' ion 


Electronic structure of 

Li’ ion with four water 
molecules bonded, using 
a lone pair on oxygen 

to form a coordinate bond 


four electron pairs — 
tetrahedral 
(sp? hybridization) 


With the heavier ions, particularly Rb* and Cs*, the number of water 
molecules increases to six. VSEPR theory predicts an octahedral structure 
Valence bond theory also indicates an octahedral arrangement using one s 
orbital, three p orbitals and two d orbitals for bonding. 


Electronic structure of 
potassium atom in the. 
ground state 


Electronic structure.of 
K* ion 


Electronic structure of 
K* bonded to six 
molecules of water 


six orbitals ~ octahedral 
(d?sp? hybridization) 


A secondary layer of water molecules further hydrates the ions, though 
these are only held by weak ion-dipole attractive forces. The strength of 
such forces is inversely proportional to the distance, that is to the size of 
the metal ion. Thus the secondary hydration decreases from lithium to 
caesium, and accounts for Li* being the most heavily hydrated. 


Note that the d orbitals comprise a group of three (called t2, orbitals), 
and a group of two (called e, orbitals). Only the group of two is used 
for bonding. 

The size of the hydrated ions is an important factor affecting the passage 
of these ions through cell walls. It also explains their behaviour on cation- 
exchange columns, where hydrated Li* ions are attached less strongly, and 
hence eluted first. 

The decrease in hydration from Li* to Cs* is also shown in the crystal- 
line salts, for nearly all lithium salts are hydrated, commonly as trihy- 
drates. In these hydrated Li salts Li* is coordinated to 6H;O, and the 
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octahedra share faces, forming chains. Many sodium salts are hydrated, 
e.g. Na;CO;- 10H5O, Na;CO;- 7H20 and Na,CO;:H,0. Few potassium 


` salts and no rubidium or caesium salts are hydrated. 


The simple salts are all soluble in water, and so in qualitative analysis 
these metals need to be precipitated as less common salts. Thus Na* is 
precipitated by adding zinc (or copper) uranyl acetate solution and pre- 
cipitating NaZn(UO;)(Ac),; H2O sodium zinc uranyl acetate. K* is 
precipitated by adding a solution of sodium cobaltinitrite and precipitating 
potassium cobaltinitrite KS[Co(NO;)s] or by adding perchloric acid and 
precipitating potassium perchlorate KCIO,. Group | metals can be es- 
timated gravimetrically, sodium as the uranylacetate, and potassium, 
rubidium and caesium as tetraphenylborates. However, modern instru- 
mental methods such as flame photometry and atomic absorption spec- 
trometry are much quicker and easier to use and are now used in pre- 
ference to gravimetric analysis. 


K* + Na;s[Co(NO;);] > Nat + Ki[Co(NO;),] potassium cobaltinitrite 
K* + NaClO, — Na* + KCIO, potassium perchlorate 
K+ + Na[B(CsHs)4] > Na* + K[B(C,Hs)4] potassium 
tetraphenylborate 
quantitative precipitate 


If a salt is insoluble its lattice energy is greater than the hydration energy. 
K[B(C.Hs)4] is insoluble because the hydration energy is very small as a 
result of the large size of its ions. 

The solubility of most of the salts of Group 1 elements in water decreases 
on descending the group. For a substance to dissolve the energy evolved 
when the ions are hydrated (hydration energy) must be larger than the 
energy required to break the crystal lattice (lattice energy). Conversely, if 
the solid is insoluble, the hydration energy is less than the lattice energy. 

Strictly in the two cycles shown in Figure 9.4 we should use Gibbs free 
energy AG values. In particular, the lattice energy is an enthalpy AH? 
term, and we should use AG* the standard free energy for converting 
the crystalline salt into gaseous ions an infinite distance apart. However, 
the two terms differ only by a small term for the entropy of vaporization 


Table 9.14 Hydration and lattice energy values for Group 1 halides at 25*C. 


Free energy Lattice energy (kJ mol!) 
of hydration 
AG° MF MCI MBr MI 
(kJ mol!) 
Li* —506 —1035 —845 —800 —740 
Na* —406 —908 -T10 —736 —690 
K* —330 —803 —703 —674 — 636 
Rb* —310 —TI0 —674 —653 —515 
CST —276 —720 —644 —623 —590 


[ SOLUBILITY AND HYDRATION - 


Figure 9.4 Solubility related to lattice energy and hydration energy. (a) The solid, 
dissolves, (b) the solid is insoluble. 


of the ions. It should in principle be possible to predict solubilities from 
lattice energies and hydration energies. In practice there are difficulties in 
predicting solubilities because the values for the data are not known very 
accurately, and the result depends on a small difference between two large 
values. 

The reason why the solubility of most Group 1 metals decreases on 
descending the group is that the lattice energy only changes slightly, but 
the free energy of hydration changes rather more. For example, the 
difference in lattice energy between NaCl and KCI is 67 kJ mol^', and 
yet the difference in AGnydration) for Na* and K* is 76kJmol~'. Thus 
KCI is less soluble than NaCl. 

The Group 1 fluorides and carbonates are exceptional in that their 
solubilities increase rapidly on descending the group. The reason for this 
is that their lattice energies change more than the hydration energies on 
descending the group.The lattice energy depends on electrostatic attrac- 
tion between ions, and is proportional to the distance between the ions, 
that is proportional to 1/(r* + r`). It follows that the lattice energy will 


= Mi + Xi 
Lattice energy 
Energy 
en WAG 
ie] Hydration energy 
(a) Myoratoc) 
+ Xihyoraioo) 
j " if 
Mo + Xi 
Hydration energy 
Energy Lattice energy 
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Table 9.15 Solubilities of Group 1 halides 
m ee | 
Solubility 
(Molar value first, g/100g H20 given in brackets) 


MF MCI MBr MI 
Li 0.1 (0.27) 19.6 (830) 20.4 (177) 8.8 (165) 
Na 1.0 (4.22) 6.2 (36) 8.8 (91) 11.9 (179) 
K 15.9 (92.3) 4.8 (34.7) 7.6 (67) 8.7 (144) 
Rb 12.5 (130.6) 7.5 (91) 6.7 (110) 7.2 (152) 
Cs 24.2 (367.0) 11.0 (186) 5.1 (108) 3.0 (79) 


——————————————D 


vary most when r^ is small, that is with F^, and will vary least when r* is 
large (with I). The weight of solute dissolving does not provide a very 
useful comparison of the solubilities, because the molecular weights dif- 
fer. The easiest way to compare the number of ions is to compare the 
solubilities as molar quantities. 


SOLUTIONS OF METALS IN LIQUID AMMONIA 


In the presence of impurities or catalysts such as Fe, the alkali metals react 
with liquid ammonia to form a metal amide and hydrogen. 


M + NH; 2 MNH, + 1H; 


If all catalysts and impurities are absent, then Group 1 metals, and to a 
lesser extent the elements Ca, Sr and Ba in Group 2 and the lanthanide 
elements Eu and Yb, dissolve directly in very high concentration in liquid 
ammonia. The metal can be recovered simply by allowing the ammonia to 
boil off. 

Dilute solutions of alkali metals in liquid ammonia are dark blue in 
colour, and the main species present are solvated metal ions and solvated 
electrons. If the blue solution is allowed to stand, the colour slowly fades 
until it disappears owing to the formation of a metal amide. At concen- 


Table 9.16 Solubilities in liquid ammonia 


Element Solubility 
(g metal/100 g NH3) 
—33.4*C 0°C 
Li 10.9 11.3 
Na 25.1 23.0 
K 47.1 48.5 


Note that —33.4°C is the boiling point 
of liquid ammonia at one atmosphere 
pressure. The 0°C data were measured 
under pressure. 


[ ORGANIC AND ORGANOMETALLIC COMPOUNDS 


trations above 3M, solutions are copper-bronze coloured and have a 
metallic lustre because metal ion clusters are formed. 

These solutions of metals in liquid ammonia conduct electricity better 
than any salt in any liquid, and the conductivity is similar to that of pure 
metals (specific conductivity of Hg — 10* ohm; Na/NH, = 0.5 x 
10* ohm; K/NH3 = 0.45 x 10*ohm-! ). Conduction is due mainly to 
the presence of solvated electrons. 

The metals are also soluble in other amines and tnese solutions are used 
in organic and inorganic syntheses. These solutions of metals in liquid 
ammonia act as powerful reducing agents for the elements of Groups 14, 
15 and 16, for many compounds and coordination complexes, and they 
will even reduce an aromatic ring. 

These reductions can be carried out in liquid ammonia, but not in water, 
because the alkali metals are stronger reducing agents than is hydrogen, 
and so will react with water and liberate hydrogen. The metals can exist 
for some time in liquid ammonia. 


Bi + Na/NH; — NasBi (Bi reduced from oxidation state 0 to =I) 
S + Na/NH; — NaS (S reduced from oxidation state 0 to —II) 
[Ni(CN)4]?~ + 2e — [Ni(CN)4]*~ (Ni reduced from +II to 0) 


COMPOUNDS WITH CARBON 


If lithium is heated with carbon, an ionic carbide Li,C, is formed. The 
other metals do not react with carbon directly, but do form similar carbides 
when heated with ethyne (formerly called acetylene), or when ethyne is 
passed through a solution of the metal in liquid ammonia. 


2Li + 2C — Li;C; 
Na + C,H; > NaHC; > NaC, 


These compounds contain the carbide ion [CC]? or hydridocarbide ion 
[C=C—H]-. The most important reaction of carbides is with water, when 
they give ethyne (acetylene). Thus they are termed acetylides, 


NaC, + 2H;0 > 2NaOH + CGH, 


LiCH is used in the industrial manufacture of vitamin A. 

The metals potassium, rubidium and caesium react with graphite by 
invading the space between the layers of carbon in the graphite lattice. 
They form highly coloured interstitial carbides that are nonstoichiometric, 
(that is of variable composition), ranging from CK (grey), to CK 
(blue), to a maximum invasion corresponding to CgK (bronze). (See 
Chapter 12.) 


ORGANIC AND ORGANOMETALLIC COMPOUNDS 


The alkali metals replace hydrogen in organic acids, forming salts such as 
sodium acetate (sodium ethanoate) CH;COONa and potassium benzoate 
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CsHsCOOK. Soap is a mixture of the sodium salts of palmitic, oleic and 
stearic acids. (Palmitic acid C;;H3,;- COOH occurs in palm oil, oleic acid 
Ci;H3; - COOH occurs in olive oil and stearic acid C,7H35- COOH occurs 
in beef and mutton fat and tallow.) Soap is made by the saponification 
(hydrolysis) of naturally occurring fats and oils. These fats and oils are 
esters of glycerol, and their hydrolysis with NaOH first breaks the ester to 
glycerol and fatty acids, neutralizing the fatty acid to give the sodium salts, 
i.e. the soap. World production of soap was 7.4 million tonnes in 1991, 


CH;-O- OC: Caio, CH}: OH 


| | 
CH-O- OC: C,5Hs, + 3NaOH — CH-OH + 3C\sH3;- COOH 


CH;-O-OC- C,H3i CH;-OH 
glyceryl tripalmitate glycerol palmitic acid 
(palm oil) 


C;5H5;- COOH + NaOH — C,sH5; : COONa + H;O 


Lithium stearate is also a 'soap', and is made from LiOH and some natural 
fat such as tallow. It is widely used to thicken hydrocarbon oils used as 
lubricants (the so-called detergent oils), and it is also used to make greases 
for motor vehicles. 

Lithium shows a stronger tendency to covalency than the other alkali 
metals. Lithium also shows a diagonal relationship with magnesium. 
Magnesium forms a number of alkyl and aryl compounds called Grignard 
compounds which are very important in making organometallic com- 
pounds. It is not surprising that lithium also forms a number of covalent 
alkyls and aryls which are of great importance in the preparation of 
organometallic compounds. For example, (LiCH3), is typical of a range of 
compounds: it is covalent, soluble in organic solvents, and can be sublimed 
or distilled. These compounds are frequently tetrameric or hexameric. 
They are made from the alkyl or aryl halide, usually the chloride, in a 
solvent such as light petroleum, cyclohexane, toluene or ether. 


RCI + Li — LiR + LiCl 


The structure of the (LiCH;), cluster is unusual. The four Li atoms occupy 
the corners of a tetrahedron. Each methyl C atom is above a face of the 
tetrahedron, and forms a triple bridge to the three Li atoms that make 
up the face of the tetrahedron. The intramolecular Li-C distance is 
2.31A. The C is bonded to the three H atoms in the methyl group. The 
C is also bonded to a Li atom in another tetrahedron (with an intermole- 
cular Li-C distance of 2.36 A). The coordination number for the C atom 
is therefore 7. This cannot be explained by classical bonding theories as 
the C atom has only one s and three p orbitals available for bonding. The 
simplest explanation involves a four-centre two-electron bond covering 
the three Li atoms at the corners of a face, and the C atom above it. In à 
similar way the coordination number of Li is also 7, made up by three Li 
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in the tetrahedron, three C at the centres of faces of the tetrahedron, and 
one Li in another tetrahedron. 

Lithium ethyl is tetrameric in the solid (LiEt);. but is hexameric (LiEt),, 
when dissolved in hydrocarbons. The solid is similar in structure to 
(LiCH:),, and the hexamer is thought to comprise an octahedron of Li 
atoms with Et groups above six of the eight faces, involving multi-centre 
bonding. 

n-Butyl lithium is also tetrameric in the solid (LiBu),. It is commercially 
available. Production is about 1000 tonnes/year. The main uses are as a 
polymerization catalyst and for alkylation. It is a very versatile reagent in 
the laboratory for the synthesis of aromatic derivatives and unsaturated 
derivatives such as vinyl and allyl lithium. Many of these reactions are 
similar to those using Grignard reagents. 


LiBu + Arl > LiAr + Bul (Bu = butyl, Ar = aryl) 
4LiAr + Sn(CH=CH), — 4LiCH—CH, + Sn(Ar), 


From these an extremely wide range of organometallic and organic com- 
pounds can be prepared. 


(R — alkyl or aryl) 


3LiR + BCh, — BR, + 3LiCl — (organoboron compounds) 
4LiR + SnCl, — SnR,4 +4LiCl (organotin compounds) 
3LiR + P(OEt); — PR, + 3LiOEt (organophosphorus 
compounds) 
2LiR + Hgl; — HgR; + 2Lil (organomercury 
compounds) 
LIR + R'I —R-R' + Lil (hydrocarbon) 
LiR + H* — R-H + Li* (hydrocarbon) 
LiR + Cl, > R-Cl + LiCl (alkyl/aryl halide) 
LiR + HCONMe;— R:CHO + LiNMe; (aldehydes) 
LiR + 3CO => RCO +2LiCO (ketones) 
LiR + CO, —R-COOH + LIOH (carboxylic acids) 


Alkyls of Na, K, Rb and Cs are usually prepared from the corresponding 
organomercury compound. 
2K + HgR; > Hg + 2KR 
These compounds are ionic M*R_, and are extremely reactive. They catch 


fire in air, react violently with most compounds except dinitrogen and 
saturated hydrocarbons, and are consequently difficult to handle. 


COMPLEXES, CROWNS AND CRYPTS 


Group 1 metals stand out from the other groups in their weak tendency to 
form complexes. This is predictable because the factors favouring complex 


306] | 


GROUP 1 — THE ALKALI METALS ] 


formation are small size, high charge, and empty orbitals of low energy tor 
forming the bonds, and Group 1 metal ions are very large and have a low 
charge (+1). 

A number of aqua complexes are known such as [Li(H;O);]* and a 
primary hydration shell of four H;O molecules arranged tetrahedrally is 
found in various crystalline salts. Na* and K* also have the same primary 
hydration shell, but Rb* and Cs* coordinate six H;O molecules. Stable 
complexes are formed with phosphine oxides; for example, complexes of 
formula [LiX - 4Ph;PO], [LiX - 5Ph;PO] and [NaX-5Ph3PO] are known 
where X is a large anion such as CIO; , I^, NO; or SbF;. There is a slight 
tendency to form ammine complexes such as [Li(NH3)4]Il. Weak com- 
plexés of sulphates, peroxosulphates and thiosulphates, and also hexa- 
cyanoferrates, are known in solution. 

However, some organic chelating agents (particularly salicaldehyde and 
B-diketones) are extremely strong complexing agents, and Group 1 ions 
form complexes with these. These ligands are very strong complexing 
agents because they are multidentate, that is they have more than one 
donor group so they form more than one bond to the metal, and also 
because they form a ring or chelate compound by bonding to the metal. 
Examples include salicaldehyde, acetylacetone, benzoylacetone, methyl 
salicylate, o-nitrophenol, and o-nitrocresol. The metal usually attains a 
coordination number of 4 or 6 (see Figure 9.5). 

An important development in the chemistry of the alkali metals is the 
discovery of complexes with polyethers, and 'cryptate complexes' with 
macrocyclic molecules with nitrogen and oxygen. 

The crown ethers are an interesting class of complexing agents first 
synthesized by Pedersen in 1967. An example is dibenzo-18-crown-6 (see 
Figure 9.6), and the name indicates that there are two benzene rings in the 
compound, 18 atoms make up a crown-shaped ring, and six of the ring 
atoms are oxygen. These six oxygen atoms may complex with a metal ion, 
even with large ions like Group 1 ions that are not very good at forming 
complexes. The organic part of the molecule is puckered to give the crown 
arrangement, and the oxygen atoms with their lone pairs are nearly planar 
about the metal ion at the centre of the ring. The bonding of the metal ion 
to the polyether is largely electrostatic, and a close fit between the size of the 
metal ion and the size of the hole in the centre of the polyether is essential. 
Cyclic polyethers can have varying sizes of ring; for example, benzo-12- 
crown-4 has a ring of 12 atoms, four of which are oxygen. The polyethers 
form complexes selectively with the alkali metal ions. The size of the ring 
opening in the crown determines the size of the metal ion which may be 
accommodated. Thus a crown-4 (a cyclic polyether with four oxygens) is 
selective for Li*, Na* prefers crown-5, and K * prefers crown-6. It is possi- 
bleto get complexes with the unusual coordination number of 10, for exam- 
ple K* (dibenzo-30-crown-10). Crown ethers form a number of crystalline 
complexes, but more importantly they are sometimes added to organic 
solvents to make them dissolve inorganic salts which, being ionic, would not 
normally dissolve. Polyethers of this type act as ion carriers inside living 
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Figure 9.5 Salicaldehyde and acetylacetone complexes. 


cells to transport ions across cell membranes, and thus maintain the balance 
between Na* and K* inside and outside cells. 

The cryptates are three-dimensional equivalents of the crown ethers, but 
contain nitrogen atoms which provide branching and act as extra donor 
sites in addition to the oxygen atoms to bond to the metal ion. They are 
called cryptates because they wrap round and hide the cation. A typical 
crypt is the molecule N[CH;CH;OCH;CH;OCH;CH;];N. This is called 
(cryptand-222) and forms a complex [Rb(crypt)]CNS - H;O in which six 
oxygen atoms and two nitrogen atoms in the crypt molecule bond to 
the metal ion, giving the metal ion a coordination number of 8. The 
ligand completely wraps round the metal ion, hiding it: hence the name 
crypt. The complex presents a hydrocarbon exterior, and so is soluble 
in organic solvents. Such complexes are used for solvent extraction, stabil- 
izing uncommon oxidation states, and promoting otherwise improbable 
reactions. 

An unusual compound [Na(cryptand-222)]*Na^ can be formed by 
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Figure 9.6 Structures of some crown ethers. 


cooling a solution of Na in ethylamine with cryptand-222. This is a 
golden-yellow, diamagnetic solid which is only stable below —10°C. The 
interesting feature is that it contains Na”, the sodide ion. Crystallographic 
studies show that the radius of Na^ is about 2.3 A. Electron transfer has 
occurred between two sodium atoms, forming Na* and Na. The large 
crypt ligand completely shields the Na* ion and prevents it recombining 
with Na~. Other alkalide compounds containing K^ potasside, Rb 


o "o rubidide and Cs” caeside ions have been made in a similar way. They are 

all yellow—brown in colour, and are less stable. 
NA OA OAN If the reaction is carried out with an excess of cryptand, some unusual 
Oo O complexes called electrides are formed. These are black solids and are 
NS paramagnetic, so they contain unpaired electrons. They have formulae 


such as [Cs*(cryptand-222)] [(cryptand-222) - e^] in which an electron is 


Figure 97 Cryprand zaz trapped in a hole of radius approximately 2.4 À. 


ligand. 


BIOLOGICAL IMPORTANCE 


Living organisms require at least 27 elements, of which 15 are metals. 
Metals required in major quantities are K, Mg, Na and Ca. Minor quan- 
tities of Mn, Fe, Co, Cu, Zn and Mo, and trace amounts of V, Cr, Sn, Ni 
and Al, are required by at least some organisms. 

Bulk quantities of Group 1 and 2 metals are required, mainly to balance 


l DIFFERENCES BETWEEN LITHIUM AND THE OTHER GROUP | ELEMENTS 


the electrical charges associated with negatively charged organic macro- 
molecules in the cell, and also to maintain the osmotic pressure inside the 
cell, to keep it turgid and prevent its collapse. 

In view of the close similarity of chemical properties between Na and K, 
it is surprising that their biological functions are very different. Na* are 
actively expelled from cells, whereas K* are not. This ion transport is 
sometimes called a sodium pump, and it involves both the active expulsion 
of Na* and the active take-up of K*. Analysis of the fluids inside and 
outside animal cells shows that ion transport really does occur. In animal 
cells the concentration of K* is about 0.15M and the concentration of 
Na” is about 0.01 M. In body fluids (lymph and blood) the concentrations 
of K* and Na* are about 0.003M and 0.15 M respectively. The transport 
of ions requires energy, and this is obtained by the hydrolysis of ATP. It is 
estimated that hydrolysis of one ATP molecule to ADP provides enough 
energy to move three Na” ions out of the cell, and two K* and one H* 
ions back in to the cell. The mechanism for ion transport involves poly- 
ethers natural to the organism. 

The different ratio of Na* to K* inside and outside cells produces an 
electrical potential across the cell membrane, which is essential for the 
functioning of nerve and muscle cells. The movement of glucose into cells 
is associated with Na* ions; they enter the cell together. This is favoured 
by a high concentration gradient. The Na* ions entering the cell in this 
way must then be expelled.The movement of amino acids is similar. K* 
ions inside the cell are essential for the metabolism of glucose, the syn- 
thesis of proteins, and the activation of some enzymes. 

The 1987 Nobel Prize for Chemistry was awarded to C.J. Pedersen, J.M. 
Lehn and D. Cram for their work on the discovery and applications of 
crown ethers and cryptates. 


DIFFERENCES BETWEEN LITHIUM AND THE OTHER 
GROUP 1 ELEMENTS 


The properties of lithium and its compounds differ far more from those of 
the other Group 1 elements than the other Group 1 elements and com- 
pounds differ among themselves. Apart from having the same oxidation 
number as the rest of Group 1, lithium compounds may show closer 
similarities with Group 2 elements (particularly magnesium) than they 
show towards their own group. Some of the differences are set out below: 


1. The melting and boiling points of lithium metal are much higher than 
those for the other Group 1 elements. 

2. Lithium is much harder than the other Group 1 metals. 

3. Lithium reacts the least readily with oxygen, forming the normal 
oxide. It forms a peroxide only with great difficulty, and the higher 
oxides are unstable. pa 

4. Lithium hydroxide is less basic than the other hydroxides in the group, 
and therefore many of its salts are less stable. Li,CO,. LiNO, and 
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LiOH all form the oxide on gentle heating, though the analogous 
compounds of the rest of the group are stable. Another example of the 
less basic nature is that though lithium forms a bicarbonate in solution, 
it does not form a solid bicarbonate, whereas the others all form stable 
solid bicarbonates. 

5. Lithium forms a nitride LiN. None of the other Group 1 elements 
forms a nitride, but Group 2 elements form nitrides. 

6. Lithium reacts directly with carbon to form an ionic carbide. None of 
the other Group 1 elements do this, but Group 2 elements all react 
similarly with carbon. 

7. Lithium has a greater tendency to form complexes than have the 
heavier elements, and ammoniated salts such as [Li(NH;),]l exist as 
solids. 

8. Li;CO., Li;PO, and LiF are all insoluble in water, and LiOH is only 
sparingly soluble. The rest of Group 1 form soluble compounds, but 
the corresponding magnesium salts are insoluble or sparingly soluble. 

9. The halides and alkyls of lithium are far more covalent than the 
corresponding sodium compounds, and because of this covalency they 
are soluble in organic solvents. Similarly, lithium perchlorate and to a 
lesser extent sodium perchlorate resemble magnesium perchlorate in 
their high solubility in acetone (propanone). 

10. The lithium ion itself, and also its compounds, are more heavily 
hydrated than those of the rest of the group. 


Several generalizations may be drawn from this apparently anomalous 
behaviour of lithium. 

The first element in each of the main groups (Li, Be, B, C. N, O and F) 
differs from the rest of the group. This is partly because the first element is 
much smaller than the subsequent elements, and consequently it is more 
likely to form covalent compounds (Fajans' rules) and complexes. 

The first element in a group can form a maximum of four conventional 
electron pair bonds. This is because the outer shell of electrons contains 
only one s orbital and three p orbitals. The subsequent elements can use d 
orbitals for bonding: they can attain a coordination number of 6, by using 
one s, three p and two d orbitals. For this reason the coordination number 
attained by a complex or a covalent compound of the first element in a 
group is commonly 4, and for the subsequent elements the coordination 
number is commonly 6. This simple concept is based on a bond consisting 
of two electrons shared between two atoms. Exceptions occur when multi- 
centre bonds are formed (as in Li, (CH3).). 

The similarity between lithium (the first member of Group 1) and 
magnesium (the second element in Group 2) is called a diagonal rela- 
tionship. Diagonal relationships also exist between other pairs of elements 
Be and Al, B and Si as shown: 


Lie Be 2 B2 


ADIN 
Na Mg Al Si 
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The diagonal relationship arises because of the effects of both size and 
charge. On descending a group, the atoms and ions increase in size. On 
moving from left to right in the periodic table, the size decreases. Thus on 
moving diagonally, the size remains nearly the same. For example, lithium 
is smaller than sodium, and magnesium is also smallér than sodium, and 
hence lithium and magnesium are similar in size. The sizes of Lit = 0.76 A 
and Mg^* = 0.72 À are close, and so in situations where size is important 
their behaviour should be similar. 

Beryllium and aluminium also show a diagonal relationship. In this case 
the sizes are not so close (Be^* = 0.45 A and AI'* = 0.535 A), but the 
charge per unit area is similar (Be** 2.36 and Al** 2.50) because the 
charges are 2+ and 3+ respectively. 


t (ionic charge). 
Charge per unit = l 
aie PU 1: n- (ionic radius)? 


It is sometimes suggested that the diagonal relationship arises because 
of a diagonal similarity in electronegativity values. 


Er Be BC 
MOMS 2402-5) 
TRS 
Na Mg Al Si 


0:91:12 S ES 


Since ionic size and electronegativity are closely related, this is part of the 
same picture. 
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PROBLEMS 
1, Why are Group 1 elements: 


(a) univalent 

(b) largely ionic 

(c) strong reducing agents 

(d) poor complexing agents? 

(e) Why do they have the lowest first ionization energy values in their 
periods? 


2. Why are the Group 1 metals soft, low melting and of low density? 
(Refer back to Chapter 5.) 


3. Lithium is the smallest ion in Group 1. It would therefore be expected 
to have the highest ionic mobility, and hence solutions of its salts 
would be expected to have a higher conductivity than solutions of 
caesium salts. Explain why this is not so. 


4. What is the reason for lithium having a greater tendency to form 
covalent compounds than the other elements in the group? 


5. The atomic radius for lithium is 1.23À. When the outermost 2s 
electron is ionized off, the ionic radius of Li* is 0.76 A. Assuming that 
the difference in radii relates to the space occupied by the 2s electron, 
caleulate what percentage of the volume of the lithium atom is 
occupied by the single valence electron. Is this assumption fair? 
(Volume of a sphere is $- xr^.) (Answer 76.4%.) 


6. Why and in what ways does lithium resemble magnesium? 


7. What products are formed when each of the Group 1 metals is burnt in 
dioxygen? How do these products react with water? Use the molecular 
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orbital theory to describe the structure of the oxides formed by sodium 
and potassium. 


8. Explain the difference in reactivity of the Group 1 metals with water. 


9. The ionization energies of Group 1 elements suggest that caesium 


10. 


12. 


13. 


15. 


16. 


17. 


18. 


19. 


should be the most reactive, but the standard electrode potentials 
suggest that lithium is the most reactive. Reconcile these two 
observations. 


Describe how you would make lithium hydride. Give equations to 
show two important properties of lithium hydride. The compound 
contains the isoelectronic ions Li* and H~ Which ion is the larger 
and why? 


. Give equations to show the reactions between sodium and: (a) H5O, 


(b) Ha, (c) graphite, (d) N2, (e) O2, (f) Cb, (g) Pb, (h) NH3. 


Group 1 elements generally form very soluble compounds. Name 
some insoluble or sparingly soluble compounds. How are these 
elements detected and confirmed in qualitative analysis? 


Describe the colour and nature of the solutions of Group 1 metals 
in liquid ammonia. Give an equation to show how these solutions 
decompose. 


. Draw the crystal structures of NaCl and CsCl. What is the coordination 


number of the metal ion in each case? Explain why these two salts 
adopt different structures. 


Do the alkali metals form many complexes? Which of the metal ions 
in the group are best at forming complexes? Which are the best 
complexing agents? 


Draw the complexes formed by Li*, Na* and K* with acetyl acetone 
and with salicaldehyde. Why do the coordination numbers differ? 


What is a crown ether, and what is a crypt? Draw examples of Group 1 
complexes with these molecules. In what way is this type of complex 
of biological importance? 


Which of the following methods would you use to extinguish a fire of 
lithium, sodium or potassium metals? Explain why some of these are 
unsuitable, and give the reactions involved. 

(a) water 

(b) dinitrogen 

(c) carbon dioxide 

(d) asbestos blanket 


The four general methods of extracting metals are thermal decom- 
position, displacement of one element by another, chemical reduction, 
and electrolytic reduction. How are Group 1 metals obtained and why 
are the other methods unsuitable? 
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20. 0.347 g of a metal (A) was dissolved in dilute HNO3. This solution 


gave a red coloration to a non-luminous Bunsen burner flame, and on 
evaporation gave 0.747g of metal oxide (B). (A) also reacted with 
dinitrogen, forming a compound (C), and with hydrogen, forming 
(D). On reacting 0.1590g of (D) with water, a gas (E) was evolved 
and a sparingly soluble compound (F) formed, which gave a strongly 
basic reaction and required 200ml of 0.1000M hydrochloric acid to 
neutralize it. Identify the substances (A) to (F) and explain the 
reactions involved. 


The chlor-alkali industry 


10 


The chlor-alkali industry includes the production of three main chemicals: 
sodium hydroxide (sometimes called caustic soda), chlorine, and sodium 
carbonate (sometimes called soda ash). All three chemicals are made from 
sodium chloride. 

NaOH and Cl; are produced simultaneously by the electrolysis of an 
aqueous solution of NaCl. NaOH is the most important alkali used in in- 
dustry, and Cl, is also an extremely important industrial chemical. Sodium 
carbonate is included with the other two chemicals for two reasons — first 
because in many applications such as making paper, soap and detergents it 
can be used interchangeably with sodium hydroxide, and second because 
NaCO; can quite easily be converted into NaOH (or vice versa) using 
the lime-caustic soda process. In this process, the reaction is reversible, 
and depending on the relative demands and cost of sodium carbonate and 
sodium hydroxide it may be used in either direction. Before 1955 Na,CO3 
was used very extensively for water softening as it prevented the formation 
of scum when using soap in hard water. Soap is discussed under ‘Organic 
and organometallic compounds' in Chapter 9, and hard water is discussed 
in Chapter 11. Thus before 1955 it was economic to make Na;CO; from 
NaOH. More recently the use of soap has declined as detergents have 
become more widely used, and with this the demand for Na;CO; has 
declined. Nowadays the reverse reaction is carried out on a limited scale, 
converting NaCO; to NaOH. 


NaCO; + Ca(OH), = CaCO;  2NaOH 


All three chemicals are classed as ‘heavy inorganic chemicals’ because of 
the very large tonnages involved. A list of the chemicals produced in the 
largest quantities is shown in Table 10.1. 


LEBLANC PROCESS 


C.W. Scheele discovered chlorine in 1774 by oxidizing hydrochloric acid 
with manganese dioxide. 


4HCI + MnO; > 2Cl + Mn?* + 2H;0 
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Table 10.1 Some figures for tonnes of ‘heavy chemicals’ 
produced in 1991, 1992, 1993 and 1994 


Chemical Millions of tonnes 

World USA UK 
1. HS0; 145.5^ 42.3” tae 
2. CaO 127.9* 18.4* EM 
3. NH3 110^ sey: 126 
4. O: (100)? 23137 2,55 
5. NH,NO; (75) 8.4* - 
6. No (60)^ 32.6* - 
7. ethene 47.5* 20.6* 1,8" 
8. NaOH 38.74 12,9 - 
9. Ch 35.34 12.07 0.88" 
10. NaCO; 31.5* 9.9* - 
11. propylene 25.9* 112: 0.79* 
12. HNO; AP 8.5* - 
13. methanol 20.6* 3:33 0.40* 
14. benzene 20.4* 6.2* 0.91* 
15. H5PO, 20.3* 15" - 
16. ethanol 15.8" 0.9" 0.24" 
17. vinyl chloride 14.98 6.9* 0.16* 
18. HCI 12.3* 3:28 0.15* 


*1991 value; ^ 1992 value; * 1993 value; 1994 value. 


He also described the bleaching properties of chlorine, and these even- 
tually led to demand for both chlorine and sodium hydroxide on an in- 
dustrial scale for use in the textiles industry. At that time there was no 
chemical industry, so people had to make their own chemicals. The first 
problem was to make the HCI. This was produced by the Leblanc process. 
Though the process is now obsolete, it warrants description because it was 
the first large scale industrial process in Europe; it lasted for most of the 
nineteenth century, and it illustrates the need to consider what raw ma- 
terials are needed, how they can be obtained, and the commercial need to 
sell everything produced. (At this time Europe led the world industrially, 
and the process was imported into the USA from Europe.) 


heat 


NaCl + concentrated HSO, —> NaHSO, + HCl 


NaHSO, + NaCl, NasSO, + HCI 
The HCI was then oxidized to give Cl). 
HCl + MnO, —> Cl; + Mn?* 


The Na;SO, was used either to make glass, or to make Na CO, and 
NaOH. 


Na SO, + C + CaCO; — NaCO, + CaSO, 
Na CO, + Ca(OH), — 2NaOH + CaCO; 


A ELECTROLYTIC PROCESSES 
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In this process, the chemicals used are HSO,, NaCl, CaCO; and C, and 
the products are NaOH and Cl» (and to a lesser extent Na5SO,). The raw 
materials were obtained: 


S or FeS) + O, > $0; ^ SO, > H580, 
NaCl — mined or extracted as brine solution 
CaCO; — mined as limestone 
CaCO; 5, cao 8, Ca(OH) 

In 1874 world production of NaOH was 525000 tonnes, of which 94% 
was produced by the Leblanc process. Production of NaOH had risen 
to 1 800000 tonnes by 1902, but by then only 8% was produced by the 
Leblanc process. The Leblanc process became obsolete because cheaper 
methods were found. It was replaced in turn by the Weldon process, the 
Deacon process, and eventually by electrolysis. 


WELDON AND DEACON PROCESSES 


The Leblanc process used MnO; to oxidize the HCI, but the MnCl, formed 
was wasted. The Weldon process (1866) recycled the MnCb, and was 
therefore cheaper. 

In the Deacon process (1868), air was used to oxidize the HCI instead 
of using MnO;. A gas phase reaction was performed between HCI and 
air on the surface of bricks soaked in a solution of CuCl, which acted as 
a catalyst. The reaction is reversible, and a conversion of about 65% is 
possible 


CuCl, catalyst 


4HCI + O, 2CLb + 2H,O + heat 


440°C 

Nowadays about 90% of the world supply of chlorine comes from the 
electrolysis of an aqueous solution of sodium chloride (brine). Most of 
the remainder is produced by the electrolysis of molten NaCl in the pro- 
duction of sodium metal, electrolysis of aqueous KCI in the production of 
KOH, and electrolysis of molten MgCl; in the extraction of magnesium 
metal. However, a small amount is made by the oxidation of HCI with 
air, in a slightly modified Deacon process. This started in 1960, and uses 
à didymium promoted catalyst of Dm;O; and CuCl, at a slightly lower 
temperature of 400°C. (Didymium is an old name and means ‘twin’. It was 
once thought to be an element, but was later resolved into two lanthanide 
elements, praseodymium and neodymium. The catalyst is a finely powdered 
mixture of solids which flows like a liquid, and this is termed a fluidized 
bed.) 


ELECTROLYTIC PROCESSES 


Electrolysis of brine was first described in 1800 by Cruickshank, but it was 
not until 1834 that Faraday put forward the Laws of Electrolysis. At that 
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time electrolysis was strictly limited because primary batteries were the 
only source of electricity. This changed in 1872 when Gramme invented 
the dynamo. The first commercial electrolytic plant was started in Frank- 
furt (Germany) in 1891, where the cell was filled, electrolysed, emptied, 
then refilled. ..and so on. This was therefore a discontinuous or batch 
process. Clearly a cell which could run continuously, and did not need 
emptying, would produce more and cost less to operate. Many develop- 
ments and patents attempting to exploit the commercial possibilities ap- 
peared over the next twenty years. The first commercially operated plant 
to use a continuous diaphragm cell was probably that designed by Le Seur 
at Romford (Maine) in 1893, followed by Castner cells at Saltville (Vir- 
ginia, USA) in 1896. The first in the UK was set up by Hargreaves and 
Bird in 1897 at Runcorn. In all of these (and also in many modern dia- 
phragm cells), asbestos was used as the diaphragm to separate the anode 
and cathode compartments. Brine was constantly added, and NaOH and 
Cl; were produced continuously. 

About the same time, Castner (who was an American working in Birm- 
ingham, England) and Kellner (an Austrian working in Vienna) developed 
and patented similar versions of the mercury cathode cell in 1897. Their 
combined patents were used by the Castner Kellner Alkali Company, also 
at Runcorn, and also in 1897. 

The same two types of cell, diaphragm and mercury cathode, still re- 
main in use. The early electrolytic plants produced about 2 tonnes of 
chlorine per day, but modern plants produce 1000 tonnes per day. 

In the electrolysis of brine, reactions occur at both the anóde and the 


cathode. 
Anode:  2Cl- > Cl; + 2e 


Na* + e— Na 


Cathode: { 
2Na + 2H;0 — 2NaOH + H» 


Side reactions may also occur if the products mix: 


2NaOH + Cl, — NaCl + NaOCl + H;O 
or 20H7 + Cl, 20Cl + H; 


hypochlorite 
and also another reaction may occur to a small extent at the anode: 


4OH™ — O; + 2H;0 + 4e 


DIAPHRAGM CELL 


A porous diaphragm of asbestos is used to keep the H, and Cl, gases (pro- 
duced at the electrodes) separated from one another. If H5 and Cl; gases 
mix they react, and the reaction may be explosive. In daylight (and more 
so in sunlight) a photolytic reaction takes place which produces chlorine 
atoms. These lead to an explosive chain reaction with hydrogen. 


MERCURY CATHODE CELL 
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Chlorine out Hydrogen out 
Brine in | 
Carbon 
anode 
Carbon 
Asbestos cathode 
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== Sodium hydroxide out 


Figure 10.1 A diaphragm cell. 


The diaphragm also separates the anode and cathode compartments. 
This reduces the chance that NaOH produced in the cathode compartment 
can mix and react with Cl; produced in the anode compartment. This 
reduces the chance of the side reaction producing sodium hypochlorite, 
NaOCl. However, some sodium hydroxide or OH- may diffuse into the 
other compartment, and this is inhibited by maintaining the level of elec- 
trolyte higher in the anode compartment than in the cathode compartment, 
so there is a small positive flow from the anode to the cathode compart- 
ment. Traces of dioxygen are produced in a side reaction. This reacts with 
the carbon electrodes, gradually destroying them and forming CO;. 

There is considerable interest in using thin synthetic plastic membranes 
for the diaphragm instead of asbestos. These membranes are made of a 
polymer called nafion, supported on a teflon mesh. (Nafion is a copoly- 
mer of tetrafluoroethylene and a perfluorosulphonylethoxy ether.) Plastic 
membranes have a lower resistance than asbestos. 

Less than half the NaCI is converted to NaOH, and a mixture of about 
11% NaOH and 16% NaCl is usually obtained. This solution is concen- 
trated in a steam evaporator, when a considerable amount of NaCl cry- 
stallizes out, giving a final solution containing 50% NaOH and 1% NaCl. 
It is important to note that NaOH made in this way always contains some 
NaCl. This may or may not matter, depending on how the NaOH is to be 
used. For most industrial purposes, the product is sold as a solution, as 
the cost of evaporating it to give the solid exceeds the increased cost of 
transporting the solution. 


MERCURY CATHODE CELL 


During the electrolysis of brine, Na* ions migrate towards the cathode, 
and when they get there the ions are discharged. 


Na* + e — Nameni) 


If the cathode is made of mercury, the Na atoms produced dissolve in the 
mercury and form an amalgam, or loose alloy. The amalgam is pumped to 
a different compartment called the denuder, where water trickles over 


Mercury 
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Figure 10.2 Commercial diaphragm cell for Cl, and NaOH. 


lumps of graphite (here acting as an inert solid). The water and the Na in 
the amalgam react, and in this way pure NaOH at 50% strength is 


obtained. 
Navamatgam) + H20 > NaOH + iH; + Hg 


The clean mercury is recycled back to the electrolysis tank. Originally the 
anodes were made of graphite, but because traces of dioxygen are pro- 
duced in a side reaction they become pitted, owing to the formation of 
CO». The anodes are now made of steel coated with titanium. Titanium is 


Anode coated 


Chicane out with titanium 


Hydrogen out 
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Figure 10.3 Mercury cathode cell for Cl» and NaOH. 
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very resistant to corrosion, and this not only overcomes the problem of 
pitting and forming CO», but also lowers the electrical resistance. 


QUANTITIES 


In both electrolytic processes (diaphragm cell and mercury cathode cell) 
equimolar amounts of Cl and NaOH are produced. Since Cl has an atomic 
weight of 35.5, and NaOH has a molecular weight of 40, it follows that 
electrolysis yields 40 parts by weight of NaOH to 35.5 parts of Cl». This 
corresponds to 1.13 tonnes of NaOH for 1 tonne of Ch. In 1994 world 
production of Cl; was 35.3 million tonnes. 

Prior to 1965 demand for NaOH exceeded that for Ch, so Cl; was 
cheap. Since then the position has reversed, largely due to the use of 
large amounts of Cl; in making plastics such as polyvinyl chloride. (World 
production of PVC was 14.9 million tonnes in 1991.) 


SODIUM CARBONATE 


World production of Na3CO; in 1993 was 31.5 million tonnes, and 49% 
of this was used in the glass industry. Smaller amounts were used to make 
various sodium phosphates and polyphosphates which are used for water 


Table 10.2 Chlorine production (million tonnes/year) 
i a itr ri ru 


World production 35.3 

USA 12.0 (34%) 

Soviet Union 8 (2376) approx. 
Western Germany : 35 (10%) 
Canada 1.4 (4%) 

France 1.4 (4%) 

UK 1.0 (3%) 

Japan 0.93 (2.6%) 

Italy 0.92 (2.6%) 

Spain 0.51 (1.4%) 


ee 


Table 10.3 Major uses of chlorine 


EEC USA 
Vinyl chloride monomer (CH;—CHCI) 31% 18% 
Organic intermediates 16% 
Chlorinated solvents 14% 22% 
(C3H5Cl approx. 40000 tonnes/year, CH;CI - CH;CI etc.) 
Propylene oxide 8% 5% 
Bleaching wood pulp and paper 11% 
Chloromethanes (CCl4, CHCl; etc.) 10% 
Inorganic materials 8% 
(bleaching powder, sodium hypochlorite) 
Other uses 31% 26% 
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Table 10.4 Major uses of caustic soda 


USA 
Inorganic chemicals 2176 
Organic chemicals 17% 
Wood pulp and paper making 14% 
Neutralizations 12% 
Alumina production 7% 
Soap 4% 
Rayon 4% 
Other uses 21% 


———— 


Table 10.5 Major uses of sodium carbonate 


USA 
Glass — bottles 34% 
Sodium phosphates 12% 
Glass — sheets and glass fibre 11% 
Sodium silicate 5% 
Alkaline cleaners 5% 
Wood pulp and paper making 4% 
Other uses 29% 


pa 


softening (being added to various cleaning powders), and in wood pulp 
and paper making. The increased awareness of the effect of 'acid rain' on 
plants and buildings has led to a new use for NaCO; in treating the flue 
gases from coal- and oil-fired power stations, to remove SO; and H2SO,. 
This use may eventually account for a large tonnage of Na;CO;. 

The main producing countries are the USA (30%), the Soviet Union 
(19%), China (8%), Western Germany (5%), Japan (4%), Bulgaria (4%) 
and Poland (4%). Most of the Na;CO; is produced synthetically by 
the Solvay (ammonia-soda) process. However, since prehistoric times 
a natural deposit called Trona, Na;CO;: NaHCO;-2H;O, has been ob- 
tained from dried-up lake beds in Egypt. Large amounts are now mined, 
particularly in the USA and Kenya. In the USA 9.9 million tonnes of 
NaCO; were used in 1993. About 6 million tonnes/year of Na»CO; is 
made from Trona. Trona is sometimes called sodium sesquicarbonate 
(sesqui means one and a half), and this is converted to sodium carbonate 
by heating. 


2(NaxCO, NaHCO): 2H:0) “+ 3NaxCO, + CO;  5H;O 


In the description of the chlor-alkali industry it was mentioned that 
sodium carbonate (soda ash) can be used instead of NaOH in applications 
such as making paper. soap and detergents, and that sodium carbonate can 
be used to make NaOH by the lime-caustic soda process. However, as 
NaOH is at present cheap and plentiful, not much sodium carbonate is 
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used for these purposes. With the increased use of detergents, there has 
been a decline in the use of ‘washing soda’ Na;CO;- 10H;O for water 
softening. 


THE SOLVAY (OR AMMONIA -SODA) PROCESS 


There have been many attempts to make Na;CO; more cheaply than by 
the Leblanc process, by using the overall reaction: 


2NaCl + CaCO; — Na;CO; + CaCl, 


The reaction was first studied by Freshnel in 1811, and several commercial 
plants were built but were quickly abandoned because they failed to make 
a profit, or they encountered technical problems such as corrosion of the 
plant, contamination of the product and blocked pipes. Ernest Solvay was 
the first to operate a commercial plant successfully, in Belgium (1869). 

The process is much more complicated than the overall equation im- 
plies, and to make things worse the reaction is reversible and only 75% of 
the NaCl is converted. The first stage in the process is to purify saturated 
brine, and then react it with gaseous ammonia. The ammoniated brine 
is then carbonated with CO3, forming NaHCQ,. This is insoluble in the 
brine solution because of the common ion effect and so can be filtered off, 
and on heating to 150°C it decomposes to anhydrous Na CO; (called light 
soda ash in industry because it is a fluffy solid with a low packing density 
of about 0.5 g cm^?). Next CO; is stripped (removed) by heating the sol- 
ution, and the CO; is reused. Then the NH; is driven off by adding alkali 
(a slurry of lime in water), and the ammonia is reused. Lime (CaO) is 
obtained by heating limestone (CaCO ), and this also provides the CO; 
required. When lime is mixed with water it gives Ca(OH)». 


NH; + H:O + CO; > NH4: HCO; 
NaCl + NH; HCO; — NaHCO, + NH,Cl 


2NaHCO,- NaCO; + CO;  H;O 


1100*C in 


CaCO, CaO + CO; 


lime kiln 
CaO + H,0 — Ca(OH), 
2NH,Cl + Ca(OH); — 2NH; + CaCl, + 2H;0 


Thus the materials consumed are NaCl and CaCO. and there is one 
useful product, NasCO;, and one by-product, CaCl;. There is little re- 
quirement for CaCl;, so only a little is recovered from solution, and the 
rest is wasted. The largest use of NaCO; is for glass making (Table 10.5). 
and this requires ‘heavy ash’, which is NaxCO;- H5O. To obtain this, the 
"light ash’ produced in the Solvay process (which is anhydrous Na;CO) is 
recrystallized from hot water. 
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PROBLEMS 


1. What chemicals are obtained industrially from sodium chloride? Out- 
line the processes. 


t3 


. Describe in detail the industrial electrolysis of sodium chloride. Com- 
ment on the purity of the products, 


3. What are the main uses of chlorine, sodium and caustic soda? Why has 
demand for chlorine increased dramatically? 


4. What is Na;CO; used for? Why has its use declined? Explain how at 
different times NaOH has been converted into Na5CO;, and at other 
times Na3CO, has been converted into NaOH. 


Group 2 — the alkaline 
earth elements 


E 


Table 11.1 Electronic structures 


Element Symbol Electronic structure 

Beryllium Be or [He] 2s? 
Magnesium Mg T or [Ne] 3s? 
Calcium Ca 1572572 p^3s?3p^4s? or [Ar] 4s? 
Strontium Sr 1572s72p"3s°3p°3d 4524 p^55? or [Kr] 5s? 
Barium Ba 1972s?2p%3s°3p"3d""4s"4p"4d""5s*5p%6s" or [Xe] 6s? 
Radium Ra [Rn] 7s? 
INTRODUCTION 


The Group 2 elements show the same trends in properties as were ob- 
served with Group 1. However, beryllium stands apart from the rest of 
the group, and differs much more from them than lithium does from the 
rest of Group 1. The main reason for this is that the beryllium atom and 
Be?* are both extremely small, and the relative increase in size from 
Be?* to Mg?* is four times greater than the increase between Li* and 
Na*. Beryllium also shows some diagonal similarities with aluminium in 
Group 13. Beryllium and barium compounds are all very toxic. 

The elements form a well graded series of highly reactive metals, but are 
less reactive than Group 1. They are typically divalent. and generally form 
colourless ionic compounds. The oxides and hydroxides are less basic than 
those of Group 1: hence their oxosalts (carbonates, sulphates, nitrates) 
are less stable to heat. Magnesium is an important structural metal, and is 
used in large amounts (303000 tonnes in 1993). Several compounds are 
used in vast quantities: limestone (CaCO3) is used to make quicklime 
CaO (127.9 million tonnes in 1993) and cement (1396 million tonnes in 
1993), and 14.2 million tonnes of chalk are also used. Other compounds 
used on a large scale include gypsum CaSO, (88.2 million tonnes in 1992), 
fluorite CaF, (3.6 million tonnes in 1992), magnesite MgCO; (10.8 million 
tonnes in 1992) and barytes BaSO, (4.9 million tonnes in 1992). 

Mg?* and Ca?* are essential elements in the human body, and Mg** is 
an important constituent of chlorophyll. 
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ELECTRONIC STRUCTURE 


All Group 2 elements have two 5 electrons in their outer shell. Ignoring 
the filled inner orbitals, their electronic structures may be written 2s”, 3s?, 


4s?, 55^, 65? and 7s?. 


OCCURRENCE AND ABUNDANCE 
Beryllium is not very familiar, partly because it is not very abundant (2 ppm) 
and partly because it is difficult to extract. It is found in small quantities as 


Table 11.2 Abundance of the elements in the earth's 
crust, by weight 


ppm Relative abundance 
Be 2.0 51 
Mg 27640 6 
Ca 46600 S 
Sr 384 15 
Ba 390 14 
Ra 1.3 x 107^ 


_————————_ —— 
SO T e a T L ŘÁ 
the silicate minerals beryl Be3AbSisO;s and phenacite Be;SiO,. About 
6700 tonnes of beryl were mined in 1993, mainly in the USA (73%), 
Kazakhstan (13%) and the former Soviet Union (12%). (The gemstone 
emerald has the same formula as beryl, but also contains small amounts 
of chromium which make it green in colour.) 

Magnesium is the sixth most abundant element in the earth’s crust 
(27640 ppm or 2.76%). Magnesium salts occur to about 0.13% in sea 
water. Entire mountain ranges (e.g. the Dolomites in Italy) consist of 
the mineral dolomite [MgCO;  CaCO;]. Calcined dolomite is used as a 
refractory for lining furnaces, and dolomite is used for road making. 
There are also large deposits of magnesite MgCO;: 10.8 million tonnes 
were mined in 1992. The main sources are China 24%, North Korea 
15%, Turkey 11% and the Soviet Union 10%. There are also deposits of 
sulphates such as epsomite MgSO, 7H20 and kieserite MgSO; H20. 
Carnallite [KCl : MgCl; - 6H20] is mined as a source of potassium. Mg also 
occurs in a wide range of silicate minerals, including olivine (Mg,Fe)2Si0., 
tale Mg3(OH)2Si,O10, chrysotile Mg;(OH),Si2O; (asbestos) and micas 
such as K*[Mg;(OH)2(AISi3010]~ 

Calcium is the fifth most abundant element in the earth’s crust 
(46600 ppm or 4.66%), and it occurs throughout the world in many 
common minerals. There are vast sedimentary deposits of CaCO3 existing 
as whole mountain ranges of limestone, marble and chalk (the white cliffs 
of Dover), and also as coral. These originated from the shells of marine 
life. Though limestone is typically white, in many places it is coloured 
yellow, orange or brown owing to traces of iron. There are two crystalline 
forms of CaCO;, calcite and aragonite. Calcite is the more common: it 
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forms colourless rhombohedral crystals. Aragonite is orthorhombic, and 
is commonly red-brown or yellow in colour, and this accounts for the 
colour of the landscape of the Red Sea area, the Bahamas and the Florida 
keys. Limestone is commercially important as a source of lime CaO. Lime is 
produced on an enormous scale (127.9 million tonnes in 1993), second in 
volume only to H5SO,. Limestone chippings are also used for making roads. 

Fluoroapatite [3(Cas(PO4);) - CaF;] is commercially important as a 
source of phosphate. Gypsum CaSO;-2H;O and anhydrite CaSO, are 
major minerals. World production of gypsum was 88.2 million tonnes in 
1992. The major sources were the USA 17%, China 14%, Iran 9%, 
Canada and Thailand 8% each, and France and Spain 6% each. A much 
smaller amount of anhydrite was mined. Gypsum is used in making 
Portland cement, plasterboard and plaster, and in glass making. Its use 
in plaster is not just recent, since in the Valley of the Kings in Egypt the 
walls of the ancient burial tombs of Tutankhamun and those of the other 
kings were plastered with CaSO, and then engraved with hieroglyphics. 
The White Sands National Park and missile range in New Mexico, USA 
(where the first atomic bomb was tested) have an area of 100 miles by 40 
miles of pure white sand dunes composed of gypsum. Fluorite CaF, is 
important as the main source of fluorine. 

Strontium (384 ppm) and barium (390 ppm) are much less abundant, 
but are well known because they occur as concentrated ores which are 
easy to extract. Strontium is mined as celestite SrSO, and strontianite 
SrCO;. World production of Sr minerals was 283 100 tonnes in 1993. The 
main producers are Mexico 30%, Turkey 25%, Spain 19%, China 12% 
and Iran 11%. Ba is mined as barytes BaSO;. Worid production was 4.9 
million tonnes in 1992. It is found throughout the world and the largest 
producers are China 21%, the former Soviet Union 11%, Mexico 8%, 
| India 7%, Turkey 6% and USA 6%. Radium is extremely scarce and is 
radioactive. It was first isolated by Pierre and Marie Curie by processing 
many tons of the uranium ore pitchblende. It was used for radiotherapy 
treatment of cancer at one time: other forms of radiation are now used 
(Co, X-rays or a linear accelerator). Marie Curie was awarded the 
Nobel Prize for chemistry in 1911 for isolating and studying radium and 
polonium. 


EXTRACTION OF THE METALS 


The metals of this group are not easy to produce by chemical reduction 
| because they are themselves strong reducing agents, and they react with 
carbon to form carbides. They are strongly electropositive and react with 
water, and so aqueous solutions cannot be used for displacing them with 


from the amalgam is difficult. All the metals can be obtained by electrolysis 
of the fused chloride. with sodium chloride added to lower the melting 


| point, although strontium and barium tend to form a colloidal suspension. 
continued overleaf 


another metal, or for electrolytic production. Electrolysis of aqueous solu- | 
tions can be carried out using a mercury cathode, but recovery of the metal | 
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In older processes BeO is extracted from beryl Be3Al,Si,O;, by heat 
treatment or fusion with alkali, followed by treatment with sulphuric acid 
to give soluble BeSO;. Addition of NH,OH gives Be(OH); which on 
heating gives BeO. BeO has ceramic properties, and is used in nuclear 
reactors. Alternatively beryllium is extracted from the silicate minerals 
by treatment with HF, forming the soluble complex sodium tetrafluoro- 
beryllate Na»[BeF;], and converting this to the hydroxide and then to the 
oxide. Be itself is prepared by converting the hydroxide to BeCl, by heat- 
ing with C and Ch, followed by electrolysis of the fused chloride. Alter- 
natively beryllium is obtained by reducing BeF, with magnesium. Be is 
used to make alloys with other metals. Addition of about 2% Be to Cu 
metal increases its strength by a factor of 5 or 6. An alloy of Be with Ni 
is used to make springs and electrical contacts. Be has a very low cross- 
section for neutron capture, and is used in the nuclear energy industry. 
Both Be and BeO have been used in nuclear reactors, and for this purpose 
they must be of extremely high purity. High purity material is obtained by 
making basic beryllium acetate, purifying this by distilling it under reduced 
pressure, and then either decomposing it to the oxide by heating, or con- 
verting it to the chloride and then reducing the chloride with Ca or Mg to 
give the metal. The absorption of electromagnetic radiation by a solid 
depends on its electron density. Be has a very low electron density and 
has a smaller absorbing power than any other solid, and for this reason 
it is used to make the windows of X-ray tubes. 

Magnesium is the only Group 2 metal to be produced on a large scale. 
World production was 303 000 tonnes in 1993. The largest producers were 
the USA 48%, the Soviet Union 12%, Canada 9% and Norway 8%. Mg 
is an extremely important lightweight structural metal because of its 
low density (1.74gcm-? compared with steel 7.8gcm ^? or aluminium 
2.7 gcm ?). Mg forms many binary alloys, often containing up to 9% Al, 
3% Zn and 1% Mn, traces of the lanthanides praseodymium Pr and 
neodymium Nd, and traces of thorium. The metal and its alloys can be 
cast, machined and welded quite easily. It is used to make the bodies of 
aircraft, aircraft parts and motor car engines. Up to 5% Mg is usually 
added to Al to improve its properties. Chemically it is important in 
Grignard reagents such as C,H;MgBr. 

Mg was formerly prepared by heating MgO and C to 2000°C, at which 
temperature C reduces MgO. The gaseous mixture of Mg and CO was 
then cooled very rapidly to deposit the metal. This ‘quenching’ or ‘shock- 
cooling' was necessary as the reaction is reversible, and if cooled slowly 
the reaction will come to equilibrium further to the left. 


MgO + C= Mg + CO 
Magnesium is now produced by high temperature reduction, and by 


electrolysis. 


1. In the Pidgeon process Mg is produced by reducing calcined dolomite 
with ferrosilicon at 1150°C under reduced pressure. 
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[CaCO; MgCO] = cao - MgO TES, Mg + Ca;SiO, + Fe 
2. Electrolysis may be carried out either on fused MgCl, or on partially 
hydrated MgCl;. The MgCl, is produced in two ways. 


Dow sea water process 


Sea water contains about 0.13% Mg** ions, and the extraction of mag- 
nesium depends on the fact that Mg(OH)» is very much less soluble than 
Ca(OH)». Slaked lime Ca(OH), is added to sea water, and the calcium 
ions dissolve and Mg(OH); is precipitated. This is filtered off, treated with 
HCI to produce magnesium chloride, and electrolysed. 
Ca(OH), + MgCl — Mg(OH), + CaCl 
sea 


slaked precipitate 
lime water 


heat 


Mg (OH); + HCI — MgCl, 


Dow natural brine process 


Dolomite [MgCO; - CaCO;] is calcined (heated strongly) to give calcined 
dolomite MgO - CaO. This is treated with HCI, giving a solution of CaCl; 
and MgCl. This is treated with more calcined dolomite and CO; is bub- 
bled in. CaCO; is precipitated, leaving a solution of MgCl; which is then 
electrolysed. 


CaCl;- MgCl; + CaO : MgO + 2CO, — 2MgCl; + 2CaCO, 


precipitated 


Ca metal is used to make alloys with Al for bearings. It is used in the 
iron and steel industry to control carbon in cast iron and as a scavenger for 
P, O and S. Other uses are as a reducing agent in the production of other 
metals — Zr, Cr, Th and U — and for removing traces of N, from argon. 
Chemically CaH; is sometimes used as a source of H5. World production 
of Ca is about 1000 tonnes/year. The metal is obtained by electrolysis of 
the fused CaCl,, which is obtained either as a waste product from the 
Solvay process, or from CaCO, and HCI. 

The remaining metals Sr and Ba are produced on a very much smaller 
scale by electrolysis of their fused chiorides, or from their oxides by re- 
duction with aluminium (a thermite reaction). 


SIZE OF ATOMS AND IONS 


Group 2 atoms are large, but are smaller than the corresponding Group 1 
elements as the extra charge on the nucleus draws the orbital electrons in 
Similarly the ions are large, but are smaller than those of Group 1, espec- 
ially because the removal of two orbital electrons increases the effective 
nuclear charge even further. Thus, these elements have higher densities 
than Group 1 metals. 
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Table 11.3 Size and density 


Metallic Ionic Density 
radius radius M>* 
six-coordinate 
(À) (A) (gcm^?) 

Be 1.12 0.31* 1,85 
Mg 1.60 0:72 1.74 
Ca 1.97 1.00. 1.55 
Sr 2:13 1.18 2,63 
Ba 2:22 Yas 62 
Ra 1.48 5 
* Four-coordinate radius. six-coordinate value = 0.45 À. 


Group 2 metals are silvery white in colour. They have two valency 
electrons which may participate in metallic bonding. compared with one 
electron for Group 1 metals. Consequently Group 2 metals are harder. 
have higher cohesive energy. and have much higher melting points and 
boiling points than Group 1 elements (see Table 11.4). but the metals are 
relatively soft. The melting points do not vary regularly, mainlv because 
the metals adopt different crystal structures (see the section on Metallic 
bonds and. metallic structures in Chapter 2). 


Table 11.4 Melting and boiling points of Group 1 and 2 elements 


Melting Boiling Melting. Boiling 

point point point point 

(C) (C) (€) 0e) 
Be 1287 (2500) Li Is] 1347 
Mg 649 MUS * Na 98 881 
Ca 839 1494 K 63 766 
Sr 768 1381 Rb 39 OBS 
Ba 72? (1830) Cs 28.5 705 
Ra (700) (1700) 


Figures in brackets are approximate. 


IONIZATION ENERGY 


The third ionization energy is so high that M^* ions are never formed. The 
ionization energy for Be^* is high. and its compounds are typically co- 
valent. Mg also forms some covalent compounds. However. the com- 
pounds formed by Mg. Ca. Sr and Ba are predominantly divalent and 
ionic. Since the atoms are smaller than those in Group 1. the electrons are 
more tightly held so that the energy needed to remove the first electron 
(first ionization energy) is greater than for Group 1. Once one electron has 
been removed, the ratio of charges on the nucleus to orbital electrons is 
increased. so that the remaining electrons are more tightly held. Hence the 
energy needed to remove a second electron is nearly double that required 


HYDRATIONS ENERGIES 


for the first. The total energy required to produce gaseous divalent ions for 
Group 2 elements (first ionization energy + second ionization energy) is 
over four times greater than the energy required to produce M* from 
Group 1 metals. The fact that ionic compounds are formed shows that the 
energy given out when a crystal lattice is formed more than offsets that 
used in producing ions. 


Table 11.5 Ionization energies and electronegativity 
———————————————— 


Ionization energy Pauling's 
(kJ mol!) electronegativity 
Ist 2nd 3rd 
a S agger CT TAU cL 
Be 899 1757 14847 L5 
Mg 737 1450 7731 1.2 
Ca 590 1145 4910 1.0 
Sr 549 1064 1.0 
Ba 503 965 0.9 
Ra 509 979 (3281) 


SS 
Estimated value in brackets. 


ELECTRONEGATIVITY 


The electronegativity values of Group 2 elements are low, but are higher 
than the values for Group 1. When Mg, Ca, Sr and Ba react with elements 
such as the halogens and dioxygen at the right hand side of the periodic 
table, the electronegativity difference is large and the compounds are 
ionic. 

The value for Be is higher than for the ‘others. BeF, has the biggest 
electronegativity difference for a compound of Be and so is the most likely 
compound of Be to be ionic. BeF; has a very low conductivity when fused, 
and is regarded as covalent. 


HYDRATION ENERGIES 


The hydration energies of the Group 2 ions are four or five times greater 
than for Group 1 ions. This is largely due to their smaller size and increased 
charge, and AMpydration decreases down the group as the size of the ions 
increases. In the case of Be a further factor is the very strong complex 
[Be(H5O);f^* that is formed. The crystalline compounds of Group 2 con- 
tain more water of crystallization than the corresponding Group 1 com- 
pounds. Thus NaCl and KCI are anhydrous but MgCl; : 6H30, CaCl, : 6H;O 
and BaCl;-2H3O all have water of crystallization. Note that the num- 
ber of molecules of water of crystallization decreases as the ions become 
larger. y 

Since the divalent ions have a noble gas structure with no unpaired 
electrons. their compounds are diamagnetic and colourless, unless the 
acid radical is coloured. 
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Table 11.6 Hydration energies 


Ionic radius AH hydration 
(À) (kJ mol!) 
Be?* 0.31* —2494 
Mg" 0.72 —1921 
Cat 1.00 -1577 
Srt 1.18 —1443 
Ba?* 1.35 —1305 


* Four-coordinate radius. 


ANOMALOUS BEHAVIOUR OF BERYLLIUM 
Be differs from the rest of the group for three reasons. 


1. It is extremely small, and Fajans' rules state that small highly charged 
ions tend to form covalent compounds. 

2. Be has a comparatively high electronegativity. Thus when beryllium 
reacts with another atom, the difference in electronegativity is seldom 
large, which again favours the formation of covalent compounds. Even 
BeF, (electronegativity difference 2.5) and BeO (electronegativity 
difference 2.0) show evidence of covalent character. 

3. Be is in the second row of the periodic table, and the outer shell can 
hold a maximum of eight electrons. (The orbitals available for bonding 
are one 2s and three 2p orbitals.) Thus Be can form a maximum of four 
conventional electron pair bonds, and in many compounds the maxi- 
mum coordination number of Be is 4. The later elements can have 
more than eight outer electrons, and may attain a coordination number 
of 6 using one s, three p and two d orbitals for bonding. Exceptions 
occur if multi-centre bonding occurs, as for example in basic beryllium 
acetate, when higher coordination numbers are obtained. 


Thus we should expect Be to form mainly covalent compounds, and com- 
monly have a coordination number of 4. Anhydrous compounds of Be are 
predominantly two-covalent, and BeX molecules should be linear. 


Electronic structure of 1s 
beryllium atom in the 
ground state 


Electronic structure of 
beryllium atom in excited state 


two unpaired electrons can form bonds 
with two X.atoms — linear molecule 
(sp hybridization) 


In fact linear molecules exist only in the gas phase, as this electronic ar- 
rangement has not filled the outer shell of electrons. In the solid state four- 
fold coordination is always achieved. There are several ways by which this 
can be achieved: 
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1. Two ligands that have a lone pair of electrons may form coordinate 
bonds using the two unfilled orbitals in the valence shell of Be. Thus 
two F^ ions might coordinate to BeF>, forming [BeF;]". Similarly 
diethyl ether can coordinate to Be(+II) in BeCl,, forming [BeCl; 
(OEt;);]. 

The BeX; molecules may polymerize to form chains, containing bridg- 

ing halogen groups, for example (BeF;),, (BeCl;),,. Each halogen forms 

one normal covalent bond, and uses a lone pair to form a coordinate 
bond (Figure 11.3c). 

3. (BeMe;), has essentially the same structure as (BeCl,),,, but the 
bonding in the methyl compound is best regarded as three-centre two- 
electron bonds covering one Me and two Be atoms. 

4. A covalent lattice may be formed with a zinc blende or wurtzite struc- 
ture (coordination number 4), for example by BeO and BeS. 


x 


In water beryllium salts-are extensively hydrolysed to give a series of 
hydroxo complexes of unknown structure. They may be polymeric and 
of the type: 


HO OH OHP [HO OH OH OH} 
Ye 
Be Be Be Be Be 


HO OH OH HO OH OH OH 


If alkali is added to these solutions the polymers break down to give the 
simple mononuclear beryllate ion [Be(OH),]?-, which is tetrahedral. 
Many beryllium salts contain the hydrated ion [Be(H2O),]°* rather than 
Be?*, and the hydrated ion too is a tetrahedral complex ion. Note that 
the coordination number is 4. Forming a hydrated complex increases the 
effective size of the beryllium ion, thus spreading the charge over a larger 
area. Stable ionic salts such as [Be(H5O),]SO,. [Be(H3O);](NO:)» and 
[Be(H5O)4]Cl; are known. 


Electronic structure of 1s 2s 2p 
beryllium atom in the [n] [s] HE 
ground state Th ine 
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Beryllium salts are acidic when dissolved in pure water because the hy- 
drated ion hydrolyses, producing H40*. This happens because the Be—O 
bond is very strong, and so in the hydrated ion this weakens the O—H 
bonds, and hence there is a tendency to lose protons. The initial reaction is 


H;O + [Be(H20)s [aie [Be(H20);(OH)]* + HjO* 


but this may be followed by further polymerization, involving hydroxo- 
bridged structures [BesOH]**, [Be(OH);]* - In alkaline | solutions 
[Be(OH)4 is formed. The other Group 2 salts do not interact so 
strongly with water, and do not hydrolyse appreciably. 

Beryllium salts rarely have more than four molecules of water of crystal- 
lization associated with the metal ion, because there are only four orbitals 
available in the second shell of electrons, whereas magnesium can have 
a coordination number of 6 by using some 3d orbitals as well as 3s and 


3p orbitals. 


SOLUBILITY AND LATTICE ENERGY 


The solubility of most salts decreases with increased atomic weight. though 
the usual trend is reversed with the fluorides and hydroxides in this group. 
Solubility depends on the lattice energy of the solid, and the hydration 
energy of the ions as explained below. 

Some lattice energy values for Group 2 compounds are listed in Table 
11.7. The lattice energies are much higher than the values for Group 1 
compounds, because of the effect of the increased charge on the ions in 
the Born- Landé equation. (See Chapter 3.) Taking any one particular 
negative ion, the lattice energy decreases as the size of the metal increases. 


Table 11.7 Lattice energies of some compounds (kJ mol!) 
otii i a ARN ROSA E e 


MO MCO; MF; MI; 
Mg —3923 -3178 —2906 2202. 
Ca —3517 —2986 —2610 —2058 
Sr =3312 -2718 —2459 
Ba —3120 —2614 —2367 


The hydration energy also decreases as the metal ions become larger 
(Table 11.8). For a substance to dissolve, the hydration energy must ex- 


Table 11.8 Enthalpies of hydration 


m 


AH (kJ mol!) 
Be~* -2494 
Mg" -1921 
Ca -1577 
Sry 1443 


Ba'* - 1305 
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ceed the lattice energy. Consider a related group of compounds, such as 
the chlorides of all the Group 2 metals. On desending the group the 
metal ions become larger and so both the lattice energy and the hydration 
energy decrease. A decrease in lattice energy favours increased solubility, 
but a decrease in hydration energy favours decreased solubility. These two 
factors thus change in opposite directions, and the overall effect depends 
on which of the two has changed most. With most compounds, on de- 
scending the group, the hydration energy decreases more rapidly than 
the lattice energy: hence the compounds become less soluble as the metal 
gets larger. However, with fluorides and hydroxides the lattice energy 
decreases more rapidly than the hydration energy, and so their solubility 
increases on descending the group. 


SOLUTIONS OF THE METALS IN LIQUID AMMONIA 


The metals all dissolve in liquid ammonia as do the Group 1 metals. Dilute 
solutions are bright blue in colour due to the spectrum from the solvated 
electron. These solutions decompose very slowly, forming amides and 
evolving hydrogen, but the reaction is accelerated by many transition 
metals and their compounds. 


2NH; + 2e > 2NH> + Hz 


Evaporation of the ammonia from solutions of Group 1 metals yields the 
metal, but with Group 2 metals evaporation of ammonia gives hexam- 
moniates of the metals. These slowly decompose to give amides. 


M(NH3)s > M(NHj); + ANH; + Hp 


Concentrated solutions of the metals in ammonia are bronze coloured, 
due to the formation of metal clusters. 


CHEMICAL PROPERTIES 


Reaction with water s 


The reduction potential of beryllium is much less than those for the rest of 
the group. (Standard electrode potentials E° of Be?*|Be —1.85, Mg^*|Mg 
~2.37, Ca?*|Ca —2.87, Sr?*|Sr —2.89, Ba^*|Ba —2.91, Ra?*|Ra —2.92 
volts.) This indicates that beryllium is much less electropositive (less met- 
allic) than the others, and beryllium does not react with water. There is 
some doubt whether it reacts with steam to form the oxide BeO, or fails 
to react at all. 

Ca, Sr and Ba have reduction potentials similar to those of the corre- 
sponding Group 1 metals, and are quite high in the electrochemical series. 
They react with cold water quite readily, liberating hydrogen and forming 
metal hydroxides. 


Ca + 2H,0 > Ca(OH), 4--H; 
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Table 11.9 Some reactions of Group 2 elements 


Reaction 


Comment 


M + 2H;0— M(OH); + Hz 


Be probably reacts with steam. Mg with hot 
water. and Ca, Sr and Ba react rapidly with 
cold water 


M + 2HCI— MCI; + H» 


All the metals react with acids, liberating 
hydrogen 


Be + NaOH > Na,[Be(OH),] + Hz 


Be is amphoteric 


2M + 0; — 2MO 
with excess dioxygen 
Ba + O, > BaO, 


Normal oxide formed by all group members 


Ba also forms the peroxide 


M + H,—> MH, 


Ionic ‘salt-like’ hydrides formed at high 
temperatures by Ca, Sr and Ba 


3M + Nj MjN; 


All form nitrides at high temperatures 


3M + 2P— MP; All the metals form phosphides at high 
temperatures 

M+S— MS All the metals form sulphides 

M + Se MSe All the metals form selenides 

M + Te— MTe All the metals form tellurides 

M + F,— MF) All the metals form fluorides 


M + Ch —> MCI; All the metals form chlorides 
M + Br; MBr All the metals form bromides - 
M +hL—>Mh All the metals form iodides 


All the metals form amides at high 


temperatures 


3M + 2NH; —> 2M(NH2)2 


Magnesium has an intermediate value, and it does not react with cold 
water but it decomposes hot water. 

Mg + 2H;0 — Mg(OH), + Hz 
or 

Mg + H;O > MgO + H; 


Mg forms a protective layer of oxide, so despite its favourable reduction 
potential it does not react readily unless the oxide layer is removed by 
amalgamating with mercury. In the formation of the oxide film it resembles 
aluminium. 


HYDROXIDES 


Be(OH), is amphoteric, but the hydroxides of Mg, Ca, Sr and Ba are 
basic. The basic strength increases from Mg to Ba, and Group 2 shows 


HARDNESS OF WATER 
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the usual trend that basic properties increase on descending a group. 

Solutions of Ca(OH) and Ba(OH)) are called lime water and baryta 
water respectively, and are used to detect carbon dioxide. When CO; is 
bubbled through these solutions, they become ‘turbid’ or ‘milky’ due to 
the formation of a suspension of solid particles of CaCO, or BaCOs. If 
excess CO; is passed through these ‘milky’ solutions then the turbidity 
disappears as soluble bicarbonates form with the excess CO. Baryta 
water is rather too sensitive as it gives a positive test for CO, by exhaling 
breath on it, whereas with lime water, breath (or other gas) must be blown 
through the solution as bubbles. 


Excess 


Ca^* (OH7); + CO; 5 CaCO, + HO <s Ca?*(HCO; ); 
insoluble soluble» 
white precipitate 

The bicarbonates of Group 2 metals are only stable in solution. Caves 
in limestone regions often have ‘stalactites growing down from the roof, 
and stalagmites growing up from the floor. Water percolating through the 
limestone contains some Ca^*(HCO;), in solution. The soluble bicar- 
bonate decomposes slowly into the insoluble carbonate, and this results 
in the slow growth of the stalactites and stalagmites, 


Ca?*(HCO5), 2 CaCO, + CO; + H;O 


HARDNESS OF WATER 


Hard water contains dissolved salts such as magnesium and calcium car- 
bonates, bicarbonates or sulphates. It is difficult to produce lather from 
soap with hard water, and an insoluble scum is formed. The metal ions 
Ca?* and Mg?* react with the stearate ions from the soap, forming an 
insoluble scum of calcium stearate before any lather is produced. Hard 
water also produces scale (insoluble deposits) in water pipes, boilers, 
and kettles. 

"Temporary hardness' is due to the presence of Mg(HCO3); and 
Ca(HCO,);. It is called ‘temporary’ because it can be removed by boil- 
ing, which drives off CO» and upsets the equilibrium. 


2HCO; = CO} + CO; + H;O 


Thus the bicarbonates decompose into carbonates, and calcium carbonate 
is precipitated. If this is filtered off, or allowed to settle, the water is free 
from hardness. Temporary hardness can also be removed by adding slaked 
lime to precipitate calcium carbonate. This is called ‘lime softening’, and 
by operating at pH 10.5, temporary hardness due to HCO; can be almost 
completely removed. 

Ca(HCO;), + Ca(OH), = 2CaCO; + 2H;0 


‘Permanent hardness’ is not removed by boiling, and is due mainly to 
MgSO, or CaSO, in solution. Small quantities of pure water are prepared 
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in the laboratory either by distilling the water, or by passing it through an 
ion-exchange resin, when the Ca?* and Mg?* ions are replaced by Nat 

The sodium salts do not affect the lathering power. Ion-exchange methods 
are widely used in industry. Water may also be softened by adding various 
phosphates, such as trisodium phosphate Na3POs, sodium pyrophosphate 
Na,P,07, sodium tripolyphosphate NasP30,o, or Grahams salt (Calgon) 
(NaPO;),. These form a complex with the calcium and magnesium ions 
and ‘sequester’ them, that is keep them in solution. At one time large 
quantities of sodium carbonate were used in the lime-soda process to 


soften water. The effect of adding Na; CO, is to precipitate CaCO3. 
CaSO, + NaCO; > CaCO; + Na;S0, 


REACTION WITH ACIDS AND BASES 


The metals all react with acids and liberate Hb, although Be reacts slowly. 
Be is rendered passive by concentrated HNO;, i.e. it does not react. This 
is because concentrated HNO; is a strong oxidizing agent and it forms a 
very thin layer of oxide on the surface of the metal, which protects it from 
further attack by the acid. Be is amphoteric, as it also reacts with NaOH, 
giving H5 and sodium berrylate. Mg, Ca, Sr and Ba do not react with 
NaOH, and are purely basic. This illustrates that basic properties increase 
on descending the group. 


Mg + 2HCI — MgCl; + Hz 


Be + 2NaOH + 2H;0 — Na;[Be(OH);] + Hz 


or NaBeO;: 2H;O + H2 
sodium beryllate 


OXIDES AND PEROXIDES 


All the elements in this group burn in O; to form oxides MO. Be metal is 
relatively unreactive in the massive form, and does not react below 600°C, 
but the powder is much more reactive and burns brilliantly. The elements 
also burn in air, forming a mixture of oxide and nitride. Mg burns with 
dazzling brilliance in air, and evolves a lot of heat. This is used to start 
a thermite reaction with aluminium, and also to provide light in flash 
photography using light bulbs, not electronics. 


Mg + air > MgO + Mg;N2 


BeO is usually made by ignition of the metal, but the other metal oxides 
are usually obtained by thermal decomposition of the carbonates MCO3. 
Other oxgsalts such as M(NO3)2 and MSO,, and also M(OH);, all de- 
compose to the oxide on heating. The oxosalts are less stable to heat than 
the corresponding Group 1 salts because the metals and their hydroxides 
are less basic than those of Group 1. 

CaO (quicklime) is made in enormous quantities (127.9 million tonnes 
in 1993) by roasting CaCO; in a lime kiln. 
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Caco; =, CaO + CO; 


MgO is not very reactive, especially if it has been ignited at high tem- 
peratures, and for this reason it is used as a refractory. BeO is also used 
as a refractory. They combine a number of properties that make them 
useful for lining furnaces. These factors are: 


High melting points (BeO approx. 2500°C, MgO approx. 2800*C). 
Very low vapour pressures. 

Very good conductors of heat. 

Chemical inertness. 

Electrical insulators. 


E. coo e 


All Be compounds should be used with care as they are toxic and dust or 
smoke cause berylliosis. 
CaO, SrO and BaO react exothermically with water, forming hydroxides. 


CaO + H,O > Ca(OH); 


Mg(OH); is extremely insoluble in water (approx. 1 x 10-^gl^! at 20°C) 
but the other hydroxides are soluble and the solubility increases down the 
group (Ca(OH), approx. 2g17!; Sr(OH); approx. 8g1^!; Ba(OH)» ap- 
prox. 39g17!). Be(OH)» is soluble in solutions containing an excess of 
OHZ, and is therefore amphoteric. Mg(OH); is weakly basic, and is used 
to treat acid indigestion. The other hydroxides are strong bases. Ca(OH), 
is called slaked lime. 

BeO is covalent and has a 4: 4 zinc sulphide (wurtzite) structure, but all 
the others are ionic and have a 6:6 sodium chloride structure. 

Attempts to predict the structure using the sizes of the ions and the 
radius ratio are only partly successful (Table 11.10). The correct structure 
is predicted for BeO, MgO and CaO, but for SrO and BaO the predicted 
coordination number is 8, though the structures found are six-coordinate. 
Crystals adopt the structure that has the most favourable lattice energy, 
and the failure of the radius ratio concept in this case leads us to examine 
the assumptions on which it is based. (See Chapter 3 under ‘A more criti- 
cal look at radius ratios'.) Ionic radii are not known with great accuracy 
and they change with. different coordination numbers. Also, ions are not 
necessarily spherical, or inelastic. 


Table 11.10 Radius ratios and coordination numbers 


M 


Oxide Radius Predicted Coordination 
ratio coordination number 
M?*/0?- number found 
BeO 0.32 4 4 
MgO 0.51 6 6 
CaO 0.71 6 6 
SrO 0.84 8 6 
BaO 0.96 8 6 
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As the atoms get larger, the ionization energy decreases and the el- 
ements also become more basic. BeO is insoluble in water but dissolves 
in acids to give salts, and in alkalis to give beryllates, which on standing 
precipitate as the hydroxide. BeO is therefore amphoteric. MgO reacts 
with water, forming Mg(OH)> which is weakly basic. CaO reacts very 
readily with water, evolving a lot of heat and forming Ca(OH)> which is a 
moderately strong base. Sr(OH)> and Ba(OH); are even stronger bases. 
The oxides are usually prepared by thermal decomposition of the carbon- 
ates, nitrates or hydroxides. The increase in basic strength is illustrated by 
the temperatures at which the carbonates decompose: 


BeCO,  MgCO; CaCO, SrCO; BaCO; 
<100°C 540°C 900°C 1290?C . 1360*C 


The carbonates are all ionic, but BeCO; is unusual because it contains 
the hydrated ion [Be(H3O);J"* rather than Be^* 

CaCO; occurs as two different crystalline forms, calcite and aragonite. 
Both forms occur naturally as minerals. Calcite is the more stable: each 
Ca2* is surrounded by six oxygen atoms from CO? ions. Aragonite 
is a metastable form, and its standard enthalpy of formation is about 
5kJ mol7! higher than that of calcite. In principle aragonite should de- 
compose to calcite, but a high energy of activation prevents this happen- 
ing. Aragonite can be made in the laboratory by precipitating from a hot 
solution. Its crystal structure has Ca?* surrounded by nine oxygen atoms. 
This is a rather unusual coordination number. 

Calcium oxide (lime) is prepared on a large scale (127.9 million tonnes 
in 1993) by heating CaCO; in lime kilns. 


CaCO; — CaO + CO? 
Lime is used: 


. In steel making to remove phosphates and silicates as slag. 

. By mixing with SiO; and alumina or clay to make cement. 

. For making glass. 

. In the lime-soda process, which is part of the chlor-alkali industry. 
converting Na;CO; to NaOH or vice versa. 

. For ‘softening’ water. 

To make CaC;. 

. To make slaked lime Ca(OH)2 by treatment with water. 


WN 


NAW 


Bleaching powder is made by passing Cl, into slaked lime, and about 
150000 tonnes a year are produced. Though bleaching powder is often 
written as Ca(OCl)s, it is really a mixture. 


3Ca(OH); + 2Cl, ^ Ca(OC!)2° Ca(OH), CaCl; : 2H20 


Soda lime is a mixture of NaOH and Ca(OH), and is made from quick- 
lime (CaO) and aqueous sodium hydroxide. It much easier to handle 
than NaOH. i 

 Peroxides are formed with increasing ease and increasing stability as the 
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metal ions become larger. Barium peroxide BaO% is formed by passing air 
over BaO at 500°C. SrO, can be formed in a similar way but this requires 
a high pressure and temperature. CaO; is not formed in this way, but can 
be made as the hydrate by treating Ca(OH)» with H5O» and then de- 
hydrating the product. Crude MgO, has been made using H,O>, but no 
peroxide of beryllium is known. The peroxides are white ionic solids con- 
taining the [O—O]"- ion and can be regarded as salts of the very weak 
acid hydrogen peroxide. Treating peroxides with acid liberates hydrogen 
peroxide. 


BaO, + 2HCI — BaCl, + H20- 


SULPHATES 


The solubility of the sulphates in water decreases down the group, Be > 
Mg > Ca > Sr > Ba. Thus BeSO, and MgSO, are soluble, but CaSO, 
is sparingly soluble, and the sulphates of Sr, Ba and Ra are virtually in- 
soluble. The significantly higher solubilities of BeSO, and MgSO, are 
due to the high enthalpy of solvation of the smaller Be>* and Mg'* ions. 
Epsom salt MgSO, 7H20 is used as a mild laxative. Calcium sulphate can 
exist as a hemihydrate CaSO,+$H2O which is important in the building 
trade as plaster of Paris. This is made by partially dehydrating gypsum. 
CaSO, :2H,0 5, Caso, -$H,0 2*5. caso," cad + SO; 


gypsum plaster of Paris anhydrite 
When powdered plaster of Paris CaSO, - 1H;O is mixed with the the cor- 
rect amount of water it sets into a solid mass of CaSO;-2H5O (gypsum). 
Plaster of Paris is used for plastering walls. and also to make plaster casts 
(moulds) for a variety of purposes. industrial, sculptural. and in hospitals 
to encase limbs so that broken bones are set straight. Alabaster is a fine 
grained form of CaSO, :2H20 which is shiny like marble, and is used to 
make ornaments. CaSO, is slightly soluble in water (2 g per litre), so ob- 
jects made from alabaster or gypsum cannot be kept outdoors. BaSO, is 
both insoluble in water and opaque to X-rays, and is used as a "barium 
meal' to provide a shadow of the stomach or duodenum on an X-ray pic- 
ture, which is useful in diagnosing stomach or duodenal ulcers. The sul- 
phates all decompose on heating. giving the oxides: 


heat 


MgSO; — MgO + SO: 

In the same way as with the stability and thermal decomposition of the 
carbonates, the more basic the metal is, the more stable the sulphate is. 
This is shown by the temperatures at which decomposition occurs: 

BeSO, MgSO, CaSO, SrSO; 

500°C. 895°C ., 149°C . 1374°C 
Heating the sulphates with C reduces them to sulphides. Most barium 
compounds are made from barium sulphide. 
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BaSO, + 4C — BaS + 4CO 


Group II elements also form perchlorates MCIO,, which have very 
similar structures to the sulphates, and the CIO; ion is tetrahedral and 
similar in size to the SO% ion. However, they differ chemically, since 
perchlorates are strong oxidizing agents. Magnesium perchlorate is used 
as a drying agent called anhydrone. Anhydrone should not be used with 


organic materials because it is a strong oxidizing agent, and accidental 
contact with organic material could cause an explosion. 


NITRATES 


Nitrates of the metals can all be prepared in solution and can be crystal- 
lized as hydrated salts by the reaction of HNO; with carbonates, oxides 
or hydroxides. Heating the hydrated solids does not give the anhydrous 
nitrate because the solid decomposes to the oxide. Anhydrous nitrates can 
be prepared using liquid dinitrogen tetroxide and ethyl acetate. Beryllium 
is unusual in that it forms a basic nitrate in addition to the normal salt. 


NO, warm to 50°C 125°C 
BeCls = Be(NO3)2"2N20; ———> Be(NO3)2——> [BesO(NOs)o] 
under vacuum basic 
beryllium 
nitrate 


Basic beryllium nitrate is covalent and has an unusual structure (Figure 
11.1b). Four Be atoms are located at the corners of a tetrahedron, with six 
NO; groups along the six edges of the tetrahedron, and the (basic) oxy- 
gen at the centre. The structure is of interest partly because beryllium 
is unique in forming a series of stable covalent molecules of formula 
[Be,O(R,)] where R may be NO; . HCOO", CH,COO~, C,H;COO , 
CyHsCOO . etc. Thus. basic beryllium nitrate is one of a series of similar 
molecules (cf. basic beryllium acetate (Figure 11.5 b)). The structure is 
also of interest because the NOx groups act as bidentate ligands in form- 
ing a bridge between two Be atoms. (See ‘Chelates’ in Chapter 7 for a 
discussion of multidentate groups.) 


HYDRIDES 


The elements Mg. Ca. Sr and Ba all react with hydrogen to form hydrides 
MH... Beryllium hydride is difficult to prepare, and less stable than the 
others. Impure BeH; (contaminated with various amounts of ether) was 
first made by reducing BeCl; with lithium aluminium hydride Li[AIH.]. 
Pure samples can be obtained by reducing BeCl with lithium borohy- 
dride Li[BH,] to give BeB>Hx. then heating BeB>Hy in a sealed tube with 
triphenylphosphine PPh;. 


2BeCl. + LiAIH, > 2BeH: + LiCl + AlCl; 
BeB.H, + 2PPh; — BeH, + 2Ph;PBHs 
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Figure 11.1 (a) A bridging NO3 group. (b) Basic beryllium nitrate. 
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Figure 11.2 Polymeric BeH; structure with three-centre bonds. 


BeCl, + 2Li[BH;] —^ BeB;H; + 2LiCI 
Ca + H; — CaH; 


The hydrides are all reducing agents and are hydrolysed by water and 
dilute acids with the evolution of hydrogen. 


CaH; + 2H;0 — Ca(OH), + 2H; 


CaH;, SrH; and BaH; are ionic, and contain the hydride ion H~. Beryl- 
lium and magnesium hydrides are covalent and polymeric. (BeH;), pre- 
sents an interesting structural problem. In the gas phase it seems probable 
that several species may be present comprising polymeric chains and rings. 
The solid exists in both amorphous and crystalline forms. Both are thought 
to be polymeric and to contain hydrogen bridges between beryllium atoms. 

Be is bonded to four H atoms, and the H atoms appear to be forming 
two bonds. Since Be has two valency electrons, and H only one, it is ap- 
parent that there are not enough electrons to form the usual electron pair 
bonds in which two electrons are shared between two atoms. Instead of 
this, three-centre bonds are formed in which a ‘banana-shaped’ molecular 
orbital (or three-centre bond) covers three atoms Be...H...Be, and 
contains two electrons. (This is called a three-centre two-electron bond.) 
This is an example of a cluster compound, where the monomeric molecule 
BeH, (formed with normal bonds) would result in only four electrons in 
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the outer shell of the beryllium atom. This situation is termed 'electron 
deficient’, and, by clustering, each atom shares its electrons with several 
neighbours and receives a share in their electrons. Clustering is important 
in metals (Chapter 5) and the boron hydrides (Chapter 12). and in the 
halides of the second and third row transition metals (Chapter 18). 


HALIDES 


Halides MX> can be made by heating the metals with the halogen. or by 
the action of halogen acid on either the metal or the carbonate. The beryl- 
lium-halides are covalent, hygroscopic and fume in air due to hydrolysis. 
They sublime, and they do not conduct electricity. Anhydrous beryllium 
halides cannot be obtained from materials made in aqueous solutions 
because the hydrated ion [Be(H3O);]^* is formed. e.g. [Be(H350);]CI: 
or [Be(H;O),;]F». Attempts to dehydrate result in hydrolysis. 


[Be(HsO),]Cl.  Be(OH); + 2HCI 


The anhydrous halides are best prepared by the following reactions. Reac- 
tion with CCl, is a standard method for making anhydrous chlorides which 
cannot be obtained by dehydrating hydrates. (See Chapter 16.) 


BeO + 2NH, + 4HF > (NH;)j[BeF;] 95 BeF, + 2NH,F 


BeO + C + Cla === BeCl; + CO 


2BeO + CCI, 2 S, 2BeCl; + CO; 


The anhydrous halides are polymeric. Beryllium chloride vapour contains 
BeCl and (BeCl;);, but the solid is polymerized. Though the structure of 
the (BeCl;), polymer is similar to that for (BeH;),. the bonding is dif- 
ferent. Both show clustering, but the hydride has three-centre bonding. 
whereas the halides have halogen bridges, in which a halogen atom bonded 
to one beryllium atom uses a lone pair of electrons to form a coordinate 
bond to another beryllium atom. 


cl 
CI—Be—C! oisi HM 
NON 
(a) cl 
(b) 


(c) 


Figure 11.3 BeCl, structures: (a) monomer. (b) dimer and (c) polymer. 
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Beryllium fluoride is very soluble in water, owing to the high solvation 
energy of Be in forming [Be(H3O),]**. The other fluorides MF; are all 
almost insoluble. 

Fluorides of the other metals are ionic, have high melting points, and 
are insoluble in water. CaF) is a white, insoluble, high melting solid. It is 
very important industrially, and is the main source of both F, and HF. 


CaF, + H50, — 2HF + CaSO, 


HE + KE KHF: electrolysis E; 
World production of fluorite CaF, was 3.6 million tonnes in 1992. The 
main sources are China 42%, the Soviet Union, Mexico and Mongolia 
8% each, and South Africa 7%. CaF, is also used to make prisms and 
cell windows for spectrophotometers. 

The chlorides, bromides and iodides of Mg, Ca, Sr and Ba are ionic, 
have much lower melting points than the fluorides, and are readily soluble 
in water. The solubility decreases somewhat with increasing atomic num- 
ber. The halides all form hydrates, and they are hygroscopic (absorb water 
vapour from the air). Several million tonnes of CaCl, are produced each 
year. Large amounts are discarded in solution as a waste product from the 
Solvay process because it is not economic to recoyer the solid and demand 
is low. CaCl is widely used for treating ice on roads, particularly in very 
cold countries, because a 30% eutectic mixture of CaCl,/H,0 freezes at 
—55°C, compared with NaCl/H,0 at —18°C. CaCl, is also used to make 
concrete set more quickly and to improve its strength, and as "brine" in 
refrigeration plants. A minor use is in laboratories as a desiccant (dry- 
ing agent). Anhydrous MgCl, is important in the electrolytic method for 
extracting magnesium. 


NITRIDES 


The alkaline earth elements all burn in dinitrogen and form ionic nitrides 
M3N;. This is in contrast to Group I where Li3N is the only nitride formed. 


3Ca + N; > Ca3N2 


Because the N; molecule is very stable, it requires a lot of energy to con- 
vert N, into N*~ nitride ions. The large amount of energy required comes 
from the very large amount of lattice energy evolved when the crystalline 
solid is formed. The lattice energy is particularly high because of the high 
charges on the ions M** and N°. Li is alone in Group I in forming a 
nitride, and here the very small size of Li* results in a high lattice energy. 
(See Born- Landé equation, Chapter 3.) 

Be4N; is rather volatile in accord with the greater tendency of Be to 
covalency, but the other nitrides are not volatile. All the nitrides are all 
crystalline solids which decompose on heating and react with water, lib- 
erating ammonia and forming either the metal oxide or hydroxide, e.g. 


Ca4N; + 6H20 — 3Ca(OH)2 + 2NH3 
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CARBIDES (see also Chapter 13) 


When BeO is heated with C at 1900—2000*C a brick red coloured carbide 
of formula Be;C is formed. This is ionic, and has an anti-fluorite structure, 
i.e. like the CaF; structure except that the positions of the metal ions and 
anions are interchanged. It is unusual because it reacts with water, forming 
methane, and is thus called a methanide. 


Be;C + 4H,O — 2Be(OH)2 + CH, 


Group 2 metals typically form ionic carbides of formula MC). The 
metals Mg, Ca, Sr and Ba form carbides of formula MC, either when the 
metal is heated with carbon in an electric furnace, or when their oxides are 
heated with carbon. CaC» made in this way is a grey coloured solid, but is 
colourless when pure. BeC; is made by heating Be with ethyne. 

On heating, MgC> changes into Mg;Cs. This contains C3", and it reacts 
with water to form propyne CH4C—CH (methyl acetylene). 


Ca CS Cac 


CaO + 3C 2 S, CaC; + CO 


The MC; carbides all have a distorted sodium chloride type of structure. 
M?* replaces Na* and C=C" replaces Cl". The C3- ions are elongated. 
not spherical like CI^. Thus the axis along which the C3" ions lie is length- 
ened compared with the other two axes, and this is called tetragonal dis- 
tortion. The structure is shown in Chapter 3 Figure 3.12. At temperatures 
above 450°C the C3- ions adopt random positions rather than being 
aligned in this way, and the unit cell then becomes cubic rather than 
tetragonal. 

Calcium carbide is the best known. It reacts with water, liberating 
ethyne (formerly called acetylene). and is thus called an acetylide. 


CaC; + 2H;O > Ca(OH); + CH2 


At one time this reaction was the main source of ethyne for oxy-acetylene 
welding. Production of CaC; peaked at 7 million tonnes/year in 1960 but 
had declined to 4.9 million tonnes in 1991 because ethyne is now obtained 
from processing oil. 

CaC is an important chemical intermediate. When CaC; is heated in an 
electric furnace with atmospheric dinitrogen at 1100°C, calcium cyanamide 
CaNCN is formed. This is an important reaction because it is one method 
of fixing atmospheric dinitrogen. (The Haber process for NH; is another 
method of fixing dinitrogen.) 


CaC; + Nz —> CaNCN + C 


The cyanamide ion [N=C=N]?~ is isoelectronic with CO.;, and has the 
same linear structure. CaNCN is produced on a large scale, particularly in 
locations where there is cheap electricity. At one time about 1.3 million 
tonnes/year was produced, though this is now increasing. Cyanamide is 
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widely used (particularly in SE Asia and the Far East) as a slow acting 
nitrogenous fertilizer, as it hydrolyses slowly over a period of months. 
CaNCN has the advantage over more soluble nitrogenous fertilizers such 
as NH4NO; or urea, in that it is not washed away with the first rainstorm. 


CaNCN + 5H;0 — CaCO, + 2NH,OH 


Other important industrial uses of CaNCN are the manufacture of cyan- 
amide H,NCN which is used to make urea and thiourea, and of melamine 
which forms hard plastics with formaldehyde. 

CaNCN + H,SO,—H,NCN + CaSO, 
CaNCN + CO, + H2O —5H3NCN + CaCO, 


cyanamide 


pH <2or>12 
L————À 


H3NCN + H;O HN - CO - NH; (urea) 
H,NCN + HS ————— HN: CS- NH, (thiourea) 


HN N NH; 


No NNI 
pH 7-9 pyrolysis e c 
HNCN S NCNC(NH;), > | Il 
cyanamide dicyanamide N N 
V 
C 
} 
NH 
cyanuric amide 
(melamine) 


It is interesting that BaC; also reacts with N2, but it forms a cyanide 
Ba(CN);, not a cyanamide (NCN)^- 


INSOLUBLE SALTS 


The sulphates of calcium, strontium and barium are insoluble, and the 
carbonates, oxalates, chromates and fluorides of the whole group are 
insoluble. This is a useful factor in qualitative analysis. 


ORGANOMETALLIC COMPOUNDS 


Both Be and Mg form an appreciable number of compounds with M—C 
bonds, but only a few have been isolated for Ca, Sr and Ba. 

Victor Grignard, a Frenchman, won the Nobel Prize for Chemistry in 
1912 for his work on organomagnesium compounds which are now called 
Grignard reagents. These are probably the most versatile reagents in 
organic chemistry, and can be used to make a wide variety of alcohols, 
aldehydes, ketones, carboxylic acids, esters, amides and alkenes. The use 
of Grignard reagents and lithium alkyls provide the two general methods 
for making organometallic compounds, and hence Grignard compounds 
are very important in inorganic chemistry too. 
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Grignard reagents are made by the slow addition of an alkyl or aryl 
halide (Cl, Br or I) to a continuously stirred mixture of magnesium turn- 
ings in an absolutely dry organic solvent such as diethyl ether. Water 
and air must be rigorously excluded. The reaction often has an induction 
period before it starts, and may require the addition of a crystal of iodine 
to penetrate the oxide film on the metal to make it start. Very reactive 
magnesium can be prepared by reducing magnesium halides with potass- 
ium in the presence of KI, and the use of this makes it easier to prepare 
Grignard reagents, and extends their uses. 


Mg + RBr222" RMgBr (R = alkyl or aryl) 
Grignard reagent 

Grignard reagents are all very reactive. lodides are the most reactive, and 
chlorides the least reactive. Alkyl Grignard compounds are usually more 
reactive than aryl Grignard compounds. 

All Grignard reagents are rapidly hydrolysed by water to give the parent 
hydrocarbon. 

2RMgBr + 2H,O — 2RH + Mg(OH), + MgBro 


Grignard reagents are not stored. but are made and used when required 
without isolating them. They are normally solvated or polymerized with 
halogen bridges. Their structures have long been the subject of contro- 
versy. X-ray structures of solid PhMgBr - 2Et;O and EtMgBr - 2Et,O show 
that the magnesium is tetrahedrally coordinated by bromine, the organic 
group. and oxygen atoms from ether molecules. but in solution several 
species may be present. 


EGO Br EGO Br Et Br NEt, 
NIA Ney | ean N 
Mg Mg Mg Mg 
ZIN LUN SQ UN 
ESO Et EGO Ph EtN Br Et 


Figure 11.4 Structures of some Grignard compounds. 


Some typical reactions are: 


* acid 


RMgBr + CO. —— R- COOH (carboxylic acid) 
H.O 
RMgBr + R,C=O——> RC: OH (tertiary alcohol) 
H.O 
RMgBr + R- CHO —— R;CHOH (secondary alcohol) 


acid 
RMgBr + O23 ROH (primary alcohol) 
RMgBr + Sg——> RSH and R-S 


+ acid 


RMgBr + HCHO——> RCH; -OH 
RMgBr + I, —— RI 
RMgBr + H* ——5 RH 
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RMgBr + BeCl; ——> BeR; 
RMgBr + LiR ——> MgR; 
RMgBr + BCI, ——> BR; 
RMgBr + SiCl, ——> RSiCl;, R;SiCb, R3SiCl, R4Si 
alkyl and aryl chlorosilanes 

The alkyl and aryl chlorosilanes are commercially important in the 
manufacture of silicones (see Group 14). 

BeCl, reacts with Grignard compounds, forming reactive alkyls and 
aryls. The compound Be(Me); is dimerized in the vapour state, and poly- 
merized in the solid. The structure formed is a chain structure which 
resembles that in BeCl;. The bonding is, however, very different. The 
bonding in Be—Me—Be is best described as two electrons forming a 
three-centre bridge bond involving both Be atoms and the CH; group, 
similar to the three-centre bonds in (BeH;),. This is different from the 
halogen bridging in (BeCl;), where the bridging chlorine atom forms two 
normal two-electron bonds. 

Though much less studied than Grignard compounds, the other Group 
2 metals also form dialkyl and diary! compounds. These may be prepared 
using Grignard compounds, lithium alkyls/aryls or mercury alkyls/aryls. 


BeCl; + 2MeMgCI ŽS, BeMe;- (Et;O), + 2MgCl> 
BeCl, + 2LiEt S, BeEt; - (EO), 


Be + HgMe; —, BeMe; + Hg 


Similar reactions may be used to make dialkyls and diaryls of Mg, Ca, Sr 
and Ba. The Ca, Sr and Ba compounds are much more reactive than the 
corresponding magnesium compound. The beryllium alkyls react with 
BeCl, to form ‘beryllium Grignard’ compounds. 


BeMe; + BeCl; — 2MeBeCl 


These are less reactive than the corresponding magnesium (Grignard) 
compounds. 


COMPLEXES 


Group 2 metals are not noted for their ability to form complexes. The 
factors favouring complex formation are small highly charged ions with 
suitable empty orbitals of low energy which can be used for bonding. All 
the elements in the group form divalent ions, and these are smaller than 
the corresponding Group 1 ions: hence Group 2 elements are better at 
forming complexes than Group 1 elements. Be is appreciably smaller than 
the others, and so Be forms many complexes. Of the others, only Mg and 
Ca show much tendency to form complexes in solution, and these are 
usually with oxygen-donor ligands. 
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Beryllium fluoride BeF; readily coordinates two extra F~ ions, form- 
ing the [BeF,]*~ complex. The tetrafluoroberyllates M2[BeF,] are well 
known complex ions, and resemble the sulphates in properties. In most 
cases beryllium is four-coordinate in complexes and the tetrahedral ar- 
rangement adopted correlates with the orbitals available for complex 


formation. 


Electronic structure of 1s 25 2p no unpaired 
beryllium atom in pote electrons so 
the ground state ` form no 
covalent bonds 
Electronic structure of two unpaired 
beryllium atom in excited state electrons, so 
can form two 


covalent bonds 


two fluorine atoms 
share electrons 
with the 

unpaired electrons 


Electronic structure of 
beryllium atom in gaseous 
BeF, molecule 


two electron pairs — 


linear molecule 
(sp hybridization) 
Electronic structure of 1s 2P. two F- ions 
beryllium atom in [BeF4]? [n] each donate an 
complex ion electron pair 
into an empty 
four electron orbital forming 
pairs from two coordinate 


two covalent and ^ bonds 
two coordinate 

bonds - tetrahedral 
molecule 

(sp? hybridization) 


In a similar way complexes of the type BeCl,: D; are formed (where D 
is an ether. aldehyde or ketone with an oxygen atom which has a lone pair 
of electrons that can be donated). These complexes, like [Be(H50).]* 
are tetrahedral. 

Many stable chelate complexes of Be are known. including beryllium 
oxalate [Be(ox);]. with B-diketones such as acetylacetone, and with 
catechol. In all of these the Be2* ion is tetrahedrally coordinated (see 
Figure 11.5b). 

A complex with an unusual structure called basic beryllium acetate 
[BesO(CH,COO),] is formed if Be(OH); is evaporated with acetic acid. 
The structure comprises a central oxygen atom surrounded by four beryl- 
lium atoms located at the corners of a tetrahedron, with six acetate groups 
arranged along the six edges of the tetrahedron (see Figure 11.5a). This 
structure is one of a series with different organic acids replacing the acetate 
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Be 


Ac 


Ac 
Be 


(a) (b) 


Figure 11.5 (a) Basic beryllium acetate BesO(CH;COO),. (b) Beryllium oxalate 
complex [Be(ox);^- 


group, and it is the same as the structure of basic beryllium nitrate (Figure 
11.1b). Basic beryllium acetate is soluble in organic solvents. It is covalent, 
and thus has a fairly low melting point (285°C) and boiling point (330°C). 
These are low enough for it to be distilled, which is useful in the purifica- 
tion of beryllium. 

Be compounds are said to taste sweet, but do not test this for yourself as 
they are extremely toxic. This is due to their very high solubility and their 
ability to form complexes with enzymes in the body. Be displaces Mg from 
some enzymes because it has a stronger complexing ability. Contact with 
the skin causes dermatitis, and inhaling dust or smoke causes a disease 
called berylliosis which is rather like silicosis. 

Magnesium forms a few halide complexes such as [NEt,];[MgCl,], but 
Ca, Sr and Ba do not. ^ 

From the viewpoint of life on this planet the most important complex 
formed by magnesium is chlorophyll. The magnesium is at the centre of 
a flat heterocyclic organic ring system called a porphyrin, in which four 
nitrogen atoms are bonded to the magnesium (see Figure 11.6). Chlo- 
rophyll is the green pigment in plants which absorbs light in the red region 
from sunlight, and makes the energy available for photosynthesis. In this 
process CO; is converted into sugars. 


6CO, + 6H,0 999, C. 4.0, + 60; 
sunlight glucose 
Almost all life ultimately depends on chlorophyll and photosynthesis. The 
dioxygen in the atmosphere is a by-product of photosynthesis, and food- 
stuffs are either parts of plants, or animals which feed on plants. Though 
photosynthesis is commonly associated with higher plants, about half 
actually occurs in algae. and certain green, brown, red and purple bac- 
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teria. The photosynthetic bacteria are anaerobic and are poisoned by O>. 
These bacteria oxidize H2S to S, or oxidize an organic molecule instead of 
the usual reaction where H20 is oxidized to O2. 

Calcium and the rest of the group only form complexes with strong com- 
plexing agents. Examples include acetylacetone, CH; - CO CH;:CO- CH; 
(which has two donor oxygen atoms), and ethylenediaminetetraacetic acid, 
EDTA, which has four donor oxygen atoms and two donor nitrogen atoms 
in each molecule. The free acid HyEDTA is insoluble, and the disodium 
salt Na:H;EDTA is the most used reagent. 


Ca?t + [H;EDTA] > [Ca(EDTA)]J + 2H* 


EDTA will form six-coordinate complexes with most metal ions in 
solution provided that the pH is suitably adjusted. Since Be is invariably 
four-coordinate it does not complex appreciably with EDTA. In contrast, 
calcium and magnesium complex with EDTA, and titrations are per- 
formed using EDTA in buffered solutions to estimate the amounts of 
Ca?* and Mg/* present to determine the ‘hardness’ of the water. EDTA 


g = CH. CH; 


HC 
= No " 


CO;CooHas 


HOOG : CHz«, _CH2-COOH 
°N—CH,—CH2—N- (b) 
HOQC - CH; NCH2: COOH 


(* = donor atom) 


Figure 11.6 (a) Chlorophyll a. (b) Ethylenediaminetetraacetic acid EDTA. 
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titrations of Ca?* and Mg?* are carried out at higher pH than those of 
many other metals (e.g. Zn?*, Cd?* and Pb?*) as their complexes are less 
stable, and at lower pH values the EDTA is protonated instead of the 
Ca or Mg complex forming. EDTA is sometimes added to detergents to 
soften the water. Various polyphosphate ions also form complexes in 
solution, and this is also important in water softening. 


Stable solid complexes with crown ethers and crypts have been isolated. 


Details of these are given in ‘Complexes crowns and crypts’ in Chapter 9. 


BIOLOGICAL ROLE OF Mg?* AND Ca?* 


Mg* 


ions are concentrated in animal cells, and Ca?* are concentrated 


in the body fluids outside the cell, in much the same way that K* concen- 
trates inside the cell and Na* outside. Mg^* ions form a complex with 
ATP, and are constituents of phosphohydrolases and phosphotransfer- 
ases, which are enzymes for reactions involving ATP and energy release. 
They are also essential for the transmission of impulses along nerve fibres. 
Mg?* is important in chlorophyll, in the green parts of plants. Ca?^* is 
important in bones and teeth as apatite Ca;(PO;);. and the enamel on 
teeth as fluoroapatite [3(Ca;(PO.);) - CaF;]. Ca?* ions are important in 
blood clotting, and are required to trigger the contraction of muscles and 
to maintain the regular beating of the heart. 


DIFFERENCES BETWEEN BERYLLIUM AND THE OTHER 
GROUP 2 ELEMENTS 


Beryllium is anomalous in many of its properties and shows a diagonal 
relationship to aluminium in Group 13: 


l. 


N 


no 


Be is very small and has a high charge density so by Fajans' rules it 
has a strong tendency to covalency. Thus the melting points of its 
compounds are lower (BeF; m.p. 800°C whilst the fluorides of the 
rest of group melt about 1300°C). The Be halides are all soluble in 
organic solvents and hydrolyse in water rather like the aluminium 
halides. The other Group 2 halides are ionic. 

. Beryllium hydride is electroa deficient and polymeric, with multi- 
centre bonding, like aluminium hydride. 

. The halides of beryllium are electron deficient. and are polymeric. 
with halogen bridges. BeCl» usually forms chains but also exists as the 
dimer. AICI, is dimeric. 

. Be forms many complexes — not typical of Groups | and 2. 

. Be is amphoteric, liberating H with NaOH and forming beryllates. 
Al forms aluminates. 

. Be(OH);, like Al(OH)s, is amphoteric. 

. Be, like Al, is rendered passive by nitric acid. 

. The standard electrode potentials for Be and Al, —1.85 volts and 

— 1.66 volts respectively, are much closer than the value for Be is to the 

values for Ca, Sr and Ba (—2.87, —2.89 and —2.90 volts) respectively. 
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9. Be salts are extensively hydrolysed. 

10. Be salts are among the most soluble known. 

11. Beryllium forms an unusual carbide Be;C, which, like Al4Cs, yields 
methane on hydrolysis. 


There is plainly a diagonal similarity between beryllium in Group II and 
aluminium in Group III. Just as was the case with lithium and magnesium, 
the similarity in atomic and ionic sizes is the main factor underlying this 


relationship. 
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PROBLEMS 
1. Why are Group II elements smaller than their Group I counterparts? 


2. Why are Group II metals harder, and why do they have higher melting 
points, than Group I metals? 


3. What is the reason why compounds of Be are much more covalent 
than other Group II compounds? 


4. What is the structure of BeCl; in the gaseous state, and as à solid? 
Why is BeCl acidic when dissolved in water? 


5. Describe the difference in structure between BeH, and CaH>. 


6. Why do the halides and hydrides of Be polymerize? 


PROBLEMS 


10. 


12. 


13. 


16. 


E 


18. 


. What precautions are necessary when handling beryllium compounds? 
. What are the usual coordination numbers for Be?* and Mg?*? What 


is the reason for the difference? 


. Compare the extent of hydration of Group 1 and Group 2 halides. 


Why do Be salts seldom contain more than four molecules of water 
of crystallization? 


Give equations to show the reactions between Ca and: (4) H:O, (b) 
Hs, (c) C. (d) No, (e) O2, (f) Cle. (g) NH3. 


- Compare the reaction with water of Group 1 and Group 2 metals. 


How does the basic strength of Group 2 hydroxides vary within the 
group? Is this trend typical of the rest of the periodic table? 


The hardness of water may be ‘temporary’ or ‘permanent’. 
(a} What causes each of these conditions, and how is each treated? 


(b) Find (from other literature sources) how naturally occurring 
zeolites, synthetic ion-exchange resins and polyphosphates may be 
used for softening water. 


Do the alkaline earth metal ions form many complexes? Are Group 2 
better or worse than Group 1 at forming complexes? What is the rea- 
son for the difference? Which of the metal ions in the group are best 
at forming complexes? Which are the best complexing agents? Name 
one complex of a Group 2 metal which is of biological importance. 


- Outline the preparation, properties, structure and use of basic beryl- 


lium acetate. 


. Under what conditions do the Group 2 metal ions form stable com- 


plexes with EDTA? How are the amounts of Ca^* and Mg^* present 
in water estimated by titration with EDTA? (Consult a practical text- 
book. e.g. Vogel). Are the EDTA complexes more or less stable than 
those of most other metal ions? Why is the titration performed at a 
high pH? What indicator is used? 


Describe how you would prepare a Grignard reagent from Mg. and 
list five different uses of the reagent in preparative reactions. (Refer 
also to the section on silicones.) 


The four general methods of extracting metals are thermal decom- 
position, displacement of one element by another. chemical reduc- 
tion, and electrolytic reduction. How are Group 2 metals obtained 
and why are the other methods unsuitable? 


On treatment with cold water. an element (A) reacted quietly. lib- 
erating a colourless. odourless gas (B). and a solution (€). Lithium 
reacted with (B) yielding a solid product (D) which effervesced with 
water tò give a strongly basic solution (F). When carbon dioxide was 
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bubbled through solution (C) an initial white precipitate (G) was 
formed, but this re-dissolved, forming solution (H) when more carbon 
dioxide was added. Precipitate (G) effervesced when moistened with 
concentrated hydrochloric acid. and gave a deep red coloration to a 
Bunsen burner flame. When (G) was heated with carbon at 1000°C 
a caustic white compound (1) was formed. which when heated with 
carbon at 1000°C gave a solid (J) of some commercial importance. 
Name the substances (A) to (J) and give balanced chemical equations 
for each of the reactions. 


When a white substance (A) was treated with dilute hydrochloric acid, 
a cólourless gas (B) was evolved, which turned moist litmus paper red. 
On bubbling (B) through lime water à precipitate (C) was formed, 
but passage of further gas resulted in a clear solution (D). A small 
sample of (A) was moistened with concentrated hydrochloric acid and 
placed on a platinum wire, and introduced into a Bunsen burner flame 
where it caused a green flame coloration. On strong heating (A) de- 
composed, giving a white solid (E) which turned red litmus paper 
blue. 1.9735g of (A) was heated strongly and gave 1.5334g of (E). 
The sample of (E) was dissolved in water and made up to 250 ml in 
a standard flask. 25 ml aliquots were titrated with acid and required 
20.30 ml of 0.0985 M hydrochloric acid. Name the compounds (A) to 
(E) inclusive, and give equations for all the reactions. Calculate the 
gram molecular weight of (A). 


Part 
The p-Block Elements Three 


Table 12.1 Electronic structures and oxidation states 


Element Symbol Electronic configuration Oxidation states* 
Boron B [He] 25? 2p! Wl 
Aluminium Al [Ne] 3s? 3p! (1) HI 
Gallium Ga [Ar] 3d" 4s? 4p! 1 HI 
Indium In [Kr] 4d 5s? Sp! I n 
Thallium TI [Xe] 4/'* Sd! 6s? 6p! 1 og 


* The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normal type. Oxidation states that are unstable, or in doubt, are given in 
parentheses, 


GENERAL PROPERTIES 


Boron is a non-metal, and always forms covalent bonds. Normally it forms 
three covalent bonds at 120° using sp? hybrid orbitals. There is no 
tendency to form univalent compounds. All BX, compounds are electron 
deficient, and may accept an electron pair from another atom, thus forming 
à coordinate bond. BF; is commercially important as a catalyst. Boron also 
forms a large number of compounds in which the boron atoms form an 
open basket type of structure. and some which are a closed polyhedron. 
Other atoms such as carbon may be included in the polyhedron. The 
bonding in these compounds is of considerable theoretical interest, and 
involves multi-centre bonds. 

The four elements Al, Ga, In and TI all form trivalent compounds. The 
heavier members show the ‘inert pair effect’, and univalent compounds 
become increasingly important in the order Ga — In — Tl. These four 
elements (Table 12.1) are more metallic, and more ionic, than B. They are 
moderately reactive metals. Their compounds are on the borderline 
between ionic and covalent. Many of their compounds are covalent when 
anhydrous, but they form ions in solution. 
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OCCURRENCE AND ABUNDANCE 


Boron is a fairly rare element, but it is well known because it occurs 
as concentrated deposits of borax Na;[B,Os(OH)4]: 8H20 and kernite 
Na;[B4O«(OH);] : 2H5O. The largest deposits are in the Mojave desert 
(in California), and in Death Valley (in Utah). These are desert regions. 
Over a long period of time, any rain has leached these alkaline salts from 
the hills into lakes in the valleys. These lakes have long since dried up 
leaving solid deposits on the surface from 10 to 50 metres deep. The 
amount of crude borate minerals mined in 1993 — was 5.3 million tonnes. 
The largest producers are the Soviet Union 53%, and the USA and 
Turkey 19% each. 

Aluminium is the most abundant metal, and the third most abundant 
element (after oxygen and silicon) by weight in in the earth's crust. It is 
well known and is commercially important. Aluminium metal is produced 
on a vast scale. Primary production was 19.4 million tonnes in 1992, and 
an additional 5 million tonnes is recycled. The most important ore of 
aluminium is bauxite. This is a generic name for several minerals with 
formulae varying between Al;/O;: H20 and Al;O;- 3H;O. World produc- 
tion of bauxite was 108.6 million tonnes in 1992. Aluminium also occurs in 
large amounts in aluminosilicate rocks such as feldspars, and micas. When 
these rocks weather they form clay minerals or other metamorphic rocks. 
There is no easy or economical method of extracting aluminium from 
feldspars, micas or clays. 


Table 12.2 Abundance of the elements in the 
earth's crust by weight 


SSS 


ppm Relative abundance 
B 9 38 
Al 83000 S 
Ga 19 33 = 
In 0.24 63 
TI 0.5 60 


Gallium is twice as abundant as boron, but indium and thallium are 
much less common. All three elements, Ga, In and TI, occur as sulphides. 
Ga, In and Ti are not very well known. This is partly because they do not 
occur as concentrated ores, and partly because there are no major uses for 
them. Small amounts of Ga are found in the ores of the elements adjacent 
to it in the periodic table (Al, Zn and Ge). Traces of In and Tl are found in 
ZnS and PbS ores. Production of In was 145 tonnes, Ga 28 tonnes, and 
Te 14.5 tonnes in 1993. 


EXTRACTION AND USES OF THE ELEMENTS 
Extraction of boron 


Amorphous boron of low purity (called Moissan boron) is obtained by 
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reducing B,O 3 with Mg or Na at a high temperature. It is 95-98% pure 
(being contaminated with metal borides), and is black in colour. 
Na;[B4Os(OH);] -8H;O —", H,B0,; ““s B,0, XEM 28 + 3Me0 


borax orthoboric acid 


It is difficult to obtain pure crystalline boron, as it has a very high melting 
point (2180°C), and the liquid is corrosive. Small amounts of crystalline 
boron may be obtained: 


1. By reducing BCI; with H;. This is done on the kilogram scale. 
2. Pyrolysis of BI; (Van Arkel method). 
3. Thermal decomposition of diborane or other boron hydrides. 


red hot W or Ta filament 


2BCl; + 3H; ——— — — ———2B + 6HCI 


red hot W or Ta filament 
2H ORE EIS 
Van Arkel 


heat 


BH SoBe aie 


Uses of boron 


An important use of boron is to make boron steel or boron carbide control 
rods for nuclear reactors. Boron has a very high cross-section for capturing 
neutrons. Control rods made of boron steel or boron carbide may be 
lowered into a reactor to absorb neutrons and thus slow the reactor down. 
Boron carbide is also used as an abrasive. Boron is used to make impact 
resistant steel, as it increases the hardenability (that is the depth to which it 
will harden) of steel. 

Borax Na»B,Os(OH);]-8H;O. orthoboric acid HBO, and boron 
sesquioxide B20, find many uses. The most important uses are making 
fibreglass for insulation and textiles (50% of use in USA) and perborates for 
detergents (35% in Europe). World production of borax was roughly 2.2 
million tonnes in 1992 (USA 45%, Turkey 42%). Borax is used as a flame 
retardant for fabric and wood, and mixed with NaOH and sold as 'Polybor 
and ‘Timbor’ for treating timber and hardboard against attack by wood- 
boring insects. Borax is used as a flux in brazing and in silver soldering. 
The borax reacts with oxides (such as Cu5O on the surface of hot brass), 
the borates so formed melt, and a clean metal surface is exposed to the 
solder. Borax is also used in making enamel. and in leather tanning. 

Orthoboric acid is made by treating borate ores with sulphuric acid. 
About 211000 tonnes were made in 1992. Reaction of HBO, with 
HO, gives the mono peroxoboric acid, which probably has the structure 
[(HO)3;B(OOH)]. Sodium peroxoborate Na2[B2(O2)2(OH),]-6H2O is a 
constituent of many detergents and washing powders, particularly in 
Europe, where washing powders may contain 20% of sodium peroxo- 
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borate. It is used less in the USA. World production is 550000 tonnes/ 
year. Peroxoborates act as brighteners, because they absorb UV light and 
emit visible light. This makes both white and coloured fabrics appear 
extra bright. If used at temperatures over 80°C, peroxoborates decompose 
to hydrogen peroxide H,03, which acts as a bleach. 

Boron sesquioxide B203 is used in making borosilicate (heat resistant) 
glass (e.g. Pyrex which contains 14% B,Os). Borosilicate glass has a lower 
coefficient of thermal expansion and is easier to work than normal ‘soda 
glass’. H3BOs, B,O; and calcium borate are used to make soda-free glass 
fibre, which is used for thermal insulation in houses. 


Extraction of aluminium 


Aluminium is obtained from the ore bauxite which may be AlO -OH 
(Alz0;: H20) or AI(OH); (Al5Os* 3H,0). One hundred and eight million 
tonnes were mined in 1992. The largest sources are Australia 37% , Guinea 
1595. Jamaica 10% and Brazil 9%. 


The first step is to purify the ore. In the Bayer process, waste materials | 


(mainly iron and silicon compounds) are removed because these would 
spoil the properties of the product. NaOH is added to the ore, and as Al is 
amphoteric it dissolves, forming sodium aluminate. SiO; also dissolves as 
silicate ions. Any insoluble waste materials, particularly iron oxide, are 
removed by filtering. Next. aluminium hydroxide is precipitated from the 
strongly alkaline aluminate solution. This may be done either by bubbling 
in some CO, (an acidic oxide which lowers the pH), or by seeding the 
solution with Al;O;. The silicate ions remain in solution. The Al( OH); 
precipitate is calcined (heated strongly) which converts it to purified 
Al,O3. 

Aluminium is usually extracted by the Hall—Heéroult process. A1;Os is 
melted with cryolite Nas[AIF,]. and electrolysed in a graphite lined steel 


tank, which serves as the cathode. The anodes are also made of graphite. | 
The cell runs continuously, and at intervals molten aluminium (m.p. | 


660°C) is drained from the bottom of the cell and more bauxite is added. 
Some cryolite is mined as a mineral in Greenland, but this is insufficient to 
meet the demand for it, and most is made synthetically. 


Al(OH); + 3NaOH + 6HF — Na;[AIF,] + 6H20 


Cryolite improves the electrical conductivity of the cell as Al,O3 is a poor 


conductor. In addition, the cryolite serves as an added impurity and lowers 
the melting point of the mixture to about 950°C. Other impurities such as 
CaF, and AIF; may also be added. (A typical electrolyte mixture is 85% 
Na3[AlF,], 5% CaF2, 5% AIF, and 5% Al,Q3.) Various products are 
formed at the anodes, including O», CO», Fz and carbon compounds of 
fluorine. These erode the anodes, which must be replaced periodically. 
The traces of fluorine formed cause serious corrosion. Large amounts of 
Li,CO, are now used as an alternative impurity, because this reduces 
corrosion. Energy consumption is very high, and the process is only econ- 
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omic where there is a source of cheap electricity, usually hydroelectric 
power. 


Uses of aluminium 


Aluminium metal is moderately soft and weak when pure, but is much 
stronger when alloyed with other metals. Its main advantage is its lightness 
(low density 2.73gcm ?). Some alloys are used for special. purposes: 
duralumin which contains about 4% Cu, and several aluminium bronzes 
(alloys of Cu and AI with other metals such as Ni, Sn and Zn). The metal 
produced in the largest quantity is iron/steel (712 million tonnes in 1992) 
but production of aluminium is the second largest. (Total production of Al 
was 24.4 million tonnes in 1991, made up of 19.4 million tonnes primary 
production and 5 million tonnes recycled.) The largest producers of AI 
metal are the USA 21%, the Soviet Union 17%, Canada 10%, and 
Australia, Brazil and China 6% each. There are many uses for aluminum 
and its alloys: 


1. As structural metals in aircraft, ships, cars, and heat exchangers. 

2. In buildings (doors, windows, cladding panels and mobile homes). 

3. Containers such as cans for drinks, tubes for toothpaste etc. and metal 
foil. 

4. For cooking utensils. 

5. To make electric power cables (on a weight for weight basis they 
conduct twice as well as copper). 

6. Finely divided aluminium powder is called ‘aluminium bronze’, and is 
used in preparing aluminium paint. 


It has been assumed for many years that Al?* is completely harmless and 
non-toxic to humans. Al(OH); is widely used as an anti-acid treatment for 
indigestion. Ab(SO,) is used to treat drinking water, and cooking utensils 
are made of aluminium. However, there are indications that aluminium 
may not be as harmless as was once thought. Aluminium is acutely toxic to 
people with kidney failure, who are unable to excrete the element. Patients. 
suffering from Alzheimer’s disease (which causes senility) have deposits of 
aluminium salts in the brain. This element, though toxic, is normally 
excreted very efficiently. Any abundart element will inevitably be taken up 
by plants and then by animals, and in general the biosphere either makes 
use of elements (in which case they are classed as essential) or positively 
rejects them. Elements are hardly ever toxicologically neutral. 


Gallium, indium and thallium 


Traces of gallium are found in bauxite, and the ratio of Ga to Al is about 
1/5000. During the Bayer process for purifying alumina the concentration 
of Ga in the alkaline solution gradually increases to about 1/250. Ga is 
extracted by electrolysis of this solution. Indium and thallium occur in 
minute quantities in ZnS and PbS ores. These sulphide ores are roasted 
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with air in a smelter, to convert them to ZnO and PbO. The Ga and In are 
recovered from the flue dust, and they are extracted by electrolysis of 
aqueous solutions of their salts. 

The metals are soft, silver coloured and reactive. They dissolve in acids. 
There are no large scale uses for Ga, In or Tl, but small amounts of Ga are 
used to dope crystals to make transistors. Semiconductor manufacture 
requires ultra-high-purity Ga. This is obtained by zone refining. Gallium is 
also used in other semiconductor devices. Gallium arsenide GaAs is iso- 
electronic with Ge, and is used in light-emitting diodes (LEDs) and laser 
diodes. There is a lot or research into using GaAs to make memory chips 
for computers, since these work 5 to 10 times faster than those made from 
silicon. Indium is used to dope crystals to make p-n-p transistors, and in 
thermistors (InAs and InSb). It is also used in low melting point solder 
(commonly used to solder semiconductor chips) and other low melting 
alloys. 


OXIDATION STATES AND TYPE OF BONDS 


The (+III) oxidation state 


The elements all have three outer electrons. Apart from TI they normally 
use these to form three bonds, giving an oxidation state of (+III). Are the 
bonds ionic or covalent? Covalency is suggested by the following: 


1. Fajans' rules — small size of the ions and their high charge of 3+ favours 
the formation of covalent bonds. 

2. The sum of the first three ionization energies is very large, and this also 
suggests that bonds will be largely covalent. 

3. The electronegativity values are higher than for Groups 1 and 2, and 
when reacting with other elements the difference is not likely to be 
large. 


Boron is considerably smaller than the other elements and thus has a 
higher ionization energy than the others. The ionization energy is so high 
that B is always covalent. 

Many simple compounds of the remaining elements, such as AICI; and 
GaCl;. are covalent when anhydrous. However, Al, Ga, In and Tl ail form 
metal ions in solution. The type of bonds formed depends on which 
is most favourable in terms of energy. This change from covalent to 
ionic happens because the ions are hydrated, and the amount of hydra- 
tion energy evolved exceeds the ionization energy. Consider AlCl: 
5137 kJ mol-' are required to convert Al to AP, AHnyaration for A" is 
—4665 kJ mol! and AHpydration for CI” is —381 kJ mol. Thus the total 
hydration energy is: 


—4665 + (3 x —381) = —5808kJ mol! 
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This exceeds the ionization energy, so AICI; ionizes in solution. 

The hydrated metal ions have six molecules of water which are held very 
strongly in an octahedral structure [M(H;O),P*. The metal—oxygen 
bonds are very strong. This weakens the O—H bonds, and protons are 
released to neighbouring water molecules, forming H3O* (hydrolysis). 


H20 + [M(H;0)J** ^ [M(H;0)«(OH)* + H,0* 


The (+1) oxidation state — the ‘inert pair effect’ 


In the s-block, Group 1 elements are univalent, and Group 2 elements are 
divalent. In Group 13 we would expect the elements to be trivalent. In 
most of their compounds this is the case, but some of the elements show 
lower valency states as well. There is an increasing tendency to form 
univalent compounds on descending the group. Compounds with Ga(I), 
In(I) and TI(I) are known. With Ga and In the (+I) oxidation state is less 
stable than the (--III) state. However, the stability of the lower oxidation 
state increases on descending the group. TI(I) thallous compounds are 
more stable than TI(IIT) thallic compounds. 

How and why does monovalency occur? The atoms in this group have an 
outer electronic configuration of s?p'. Monovalency is explained by the s 
electrons in the outer shell remaining paired, and not participating in 
bonding. This is called the ‘inert pair effect’. If the energy required to 
unpair them exceeds the energy evolved when they form bonds, then the s 
electrons will remain paired. The strength of the bonds in MX; compounds 
decreases down the group. The mean bond energy for chlorides are 
GaCl; = 242, InCl, = 206 and TICl; = 153 kJ mol. Thus the s electrons 
are most likely to be inert in thallium. 

The inert pair effect is not the explanation of why monovalency occurs in 
Group 13. It merely describes what happens, i.e. two electrons do not 
participate in bonding. The reason that they do not take part in bonding is 
energy. The univalent ions are much larger than the trivalent ions, and 
(+I) compounds are ionic, and are similar in many ways to Group 1 
elements. 

The inert pair effect is not restricted to Group 13, but also occurs among 
the heavier elements in other groups in the p-block. Examples from Group 
14 are Sn?* and Pb?*, and examples from Group 15 are Sb?* and Bi?*. 
The lower oxidation state becomes more stable on descending the group. 
Thus Sn?* is a reducing agent but Pb?* is stable and Sb?* is a reducing 
agent but Bi?* is stable. When the s electrons remain paired, the oxidation 
state is always two lower than the usual oxidation state for the group. 

Thus in the s-block, Groups 1 and 2 show only the group valency. Groups 
in the p-block show variable valency, differing in steps of two. Variable 
valency also occurs with elements in the d-block. This arises from using 
different numbers of d electrons for bonding, so in this case the valency can 
change in steps of one (e.g. Cu* and Cu?*, Fe?* and Fe**). 


[366] | 


THE GROUP 13 ELEMENTS 


(a) 


(b) 


Figure 12.1 (a) Biz 
icosahedron. (b) Structure of 
a-rhombohedral boron. 


The (II) oxidation state 


Gallium is apparently divalent in a few compounds, such as GaCb. 
However, Ga is not really divalent, as the structure of GaCl, has been 
shown to be Ga*[GaCl] which contains Ga(I) and Ga(IlI). 


MELTING POINTS, BOILING POINTS AND STRUCTURES 


The melting points of the Group 13 elements do not show a regular trend 
as did the metals of Groups 1 and 2. The Group 13 values are not strictly 
comparable because B and Ga have unusual crystal structures. 

Boron has an unusual crystal structure which results in the melting point 
being very high. There are at least four different allotropic forms. Boron 
has insufficient electrons to fill the valence shell even after forming bonds. 
The variety and complexity of the allotropic forms illustrates the number of 
ways in which boron attempts to solve this problem. Other elements solve 
this problem by metallic bonding, but small size and high ionization energy 
make this impossible for boron. All four allotropic forms contain icosa- 
hedral units with boron atoms at all 12 corners. (Note that an icosahedron 
is a regular shape with 12 corners and 20 faces.) In these units twelve B 
atoms form a regular shape, and each B atom is bonded to five equivalent 
neighbours (at a distance of 1.77 Å). The difference between the allotropic 
forms arises in the way the icosahedra are bonded together. The simplest 
form is a-rhombohedral boron. In this, half the atoms are bonded to one 
atom in another icosahedron (at a distance of 1.71 À), and half the atoms 
are bonded to atoms in two different icosahedra (at a distance of 2.03 À). 
Plainly this is neither a regular structure nor a metallic structure. Only 37% 
of space is occupied by the atoms, compared with 74% for a close-packed 
arrangement. This shows that icosahedra fill up space ineffectively. The 
other allotropes have even more complicated structures. 

The elements Al, In and TI all have close-packed metal structures. 
Gallium has an unusual structure. Each metal atom has one close neigh- 
bour at a distance of 2.43 À, and six more distant neighbours at distances 
between 2.70A and 2.79 À. This remarkable structure tends towards 
discrete diatomic molecules rather than a metallic structure. This accounts 
for the incredibly low melting point of gallium of 30°C. Ga is also un- 
usual because the liquid expands when it forms the solid, i.e. the solid is 


Table 12.3 Melting and boiling points 


Melting point Boiling point 
Cc) CC) 
B 2180 3650 
Al 660 2467 
Ga 30 2403 
In 157 2080 
TI 303 1457 


C 
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less dense than the liquid. This property is unique to Ga, Ge and Bi. 

Though the melting points decrease from Al to In as expected on 
descending a group, it increases again for Tl. The boiling point of B is 
unusually high, but the values for Ga, In and TI decrease on descending the 
group as expected. Note that the boiling point for Ga is in line with the 
others, whereas its melting point is not. The very low melting point is due 
to the unusual crystal structure, but the structure no longer exists in the 
liquid. 


SIZE OF ATOMS AND IONS 


The metallic radii of the atoms do not increase regularly on descending 
the group (Table 12.4). However, the values are not strictly comparable. 
Boron is not a metal, and the radius given is half the closest approach in the 
structure. Ga has an unusual structure, and the value given is half the 
closest approach. The others have close-packed metal structures. 

The ionic radii for M** increase down the group, though not in the 
regular way observed in Groups 1 and 2. There are two reasons for this: 


1. There is no evidence for the existence of B** under normal conditions, 
and the value is an estimate. 

2, The electronic structures of the elements are different. Ga, In and TI 
follow immediately after a row of ten transition elements. They there- 
fore have ten d electrons, which are less efficient at shielding the 
nuclear charge than the s and p electrons. (Shielding is in the order s > 
p > d > f.) Poor shielding of the nuclear charge results in the outer 
electrons being more firmly held by the nucleus. Thus atoms with a d° 
inner shell are smaller and so have higher ionization energies than 
would otherwise be expected. This contraction in size is sometimes 
called the d -block contraction. In a similar way TI follows immediately 
after 14 f-block elements. The size and ionization energy of TI are 
affected even more by the presence of 14 f electrons, which shield the 
nuclear charge even_less effectively. The contraction in size from these 
f-block elements is called the lanthanide contraction. 


Table 12.4 Ionic and covalent radii and electronegativity values 


Metallic Jonic radius Pauling's 
radius —— — — ————  electronegativity 
M+ M+ 
(A) (A) (A) 
B (0.885) (0.27) - 2.0 
Al 1.43 0.535 rs 1.5 
Ga (1.225) 0.620 1.20 1.6 
In 1.67 0.800 1.40 17 
Ti 1.70 0.885 1.50 1.8 


For values in brackets see text. 
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Table 12.5 Standard reduction potentials (volts) 


Oxidation states 


Acid solution Basic solution 
+III +I +1 0 | II +i +I 0 
—1.66 =2.31 
Abt —————————— —— Al Al(OH); Al 
—0.44 —0.79 —1.22 
Gat ——— — Ga* Ga | H,GaOz Ga 
—0.56 
—0.44 —0.18 -1.0 
In* ——— — In* In .[.In(OH)) ———— — — — — In 
—0.34 
+2.06 —0.34 —0.05 
LS CANIS TK(OH), ——— — TK(OH) 


The large difference in size between B and Al results in many differences 
in properties. Thus B is a non-metal, has a very high melting point, always 
forms covalent bonds, and forms an acidic oxide. In contrast, Al is a metal, 
has a much lower melting point, and its oxide is amphoteric. (It is safe to 
‘generalize in this way, but unsafe to argue quantitatively that AP* is twice 
the size of B^* or that the metallic radii differ by a factor of 1.6, as B 
does not exist, and B is not a metal.) 


ELECTROPOSITIVE CHARACTER 


The electropositive or metallic nature of the elements increases from B 
to Al, but then decreases from Al to Tl. This is shown by the standard 
electrode potentials for the reaction: 


M + 3e >M 


The increase in metallic character from B to Al is the usual trend on 
descending a group associated with increasing size. However, Ga, In and 
TI do not continue the trend. The elements are less likely to lose electrons 
(and are thus less electropositive), because of the poor shielding by d 
electrons described previously. 
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Table 12.6 Standard electrode potentials E? 


M* |M M+ |M 
(volts) (volts) 
B (—0.87*) 
Al —1.66 +0.55 
Ga —0.56 —0.79* 
In —0.34 —0.18 
T! +1.26 —0.34 


* For H;BO, + 3H* + 3e^ > B + 3H;0) 
* Value in acidic solution. 


The standard electrode potentials E? for M?^*|M become less negative 
from Al to Ga to In and the potential becomes positive for Tl. Since 
AG = —nFE* it follows that AG, the free energy of formation of the 
metal, e.g. AP* + 3e — Al, is positive. Thus it is difficult to make this 
reaction work. (The reverse reaction Al > Alt + 3e occurs sponta- 
neously.) The standard potential becomes less negative on descending the 
group so it becomes less difficult for the reaction M?* — M to occur. Thus 
the (+III) oxidation state becomes less stable in aqueous solution on 
descending the group. In a similar way, the E? values for M*|M show that 
the (+I) state increases in stability. With TI, the (+I) state is more stable 
than the (+III) state. 

It should be remembered that in this type of argument E? and AG 
refer to the reaction with H3: 


AP* + 3H; — Al + 3H* 


IONIZATION ENERGY 


The ionization energies increase as expected (first ionization energy < 
second ionization energy < third ionization energy). The sum of the first 
three ionization energies for each of the elements is very high. Thus boron 


Table 12.7 Ionization energies 


Ionization energy 


(kJ mol~') 
Ist 2nd 3rd Sum of three 
B ^ 801 2427 3659 6887 
Al 577 1816 2744 5137 
Ga 579 1979 2962 5520 
In 558 1820 2704 5082 


TI 589 1971 2877 5437 
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Figuré 12.2 Structure of boron 
nitride. 


has no tendency to form ions, and always forms covalent bonds. The other 
elements normally form covalent compounds except in solution. 

The ionization energy values do not decrease smoothly down the group. 
The decrease from B to Al is the usual trend on descending a group 
associated with increased size. The poor shielding by d electrons and the 
resulting d-block contraction affect the values for the later elements. 


REACTIONS OF BORON 


Pure crystalline boron is very unreactive. However, it is attacked at high 
temperatures by strong oxidizing agents such as a mixture of hot con- 
centrated HSO, and HNOs, or by sodium peroxide. In contrast, finely 
divided amorphous boron (which contains between 2% and 5% of im- 
purities) is more reactive. It buras in air or dioxygen, forming the oxide. It 
also burns at white heat in dinitrogen, forming the nitride BN. This is a 
slippery white solid with a layer structure similar to graphite. Boron also 
burns in the halogens, forming trihalides. It reacts directly with many 
elements, forming borides, which are hard and refractory. It reduces 
strong HNO; and HSO, slowly, and also liberates H; from fused NaOH. 


Table 12.8 Some reactions of amorphous boron 


Reaction Comment 
4B + 30; 2B,0; At high temperature 

2B + 3S — B.S; At 1200°C 

2B + N;—2BN At very high temperature 
2B + 3F,— 2BF; At high temperature 

2B + 3Cl; ^ 2BCl; 

2B + 3Br; > 2BBr3 

2B + 3l; — 2BI; 


2B + 6NaOH > 2Na;BO,+3H, When fused with alkali 


2B + 2NH;— 2BN + 3H; At very high temperature 


B+M—M,B, Many metals form borides (not Group 1) 
often nonstoichiometric 


Se rn Nn nL 
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Reaction with water and air 


The metals Al, Ga, In and TI are silvery white. Thermodynamically Al 
should react with water and with air, but in fact it is stable in both. The 
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Table 12.9 Some reactions of the other Group 13 metals 


Pa eee 


Reaction Comment 


4M + 30; 5 M20; All react at high temperature 
Al very strongly exothermic 
Ga only superficially oxidized 
TI forms some TI;O as well 


2Al + N; —^ 2AIN Only Al at high temperature 

2M + 3F; — 2MF; All the metals 

2M + 3Cl; 2 2MCl form | TI* also formed 

2M + 3Br; => 2MBr; trihalides 

2M + 3b, > 2ME AI, Ga, In only 

TH+ bh TI*[L;]- thallium(D) triiodide formed 

2M + 6HCI > 2MCl; + 3H; All react with dilute mineral acids, Al 
passivated by HNO; particularly when 
concentrated 


Al + NaOH + H;O— NaAlO, +H, Aland Ga only 
Na4AIO; + H; 


M + NH;— MNH, All the metals form amides 


———- 


reason is that a very thin oxide film forms on the surface and protects the 
metal from further attack. This layer is only 10~* to 10-5mm thick. If the 
protective oxide covering is removed, for example by amalgamating with 
mercury, then the metal readily decomposes cold water, forming Al;O; 
and liberating hydrogen. 

Aluminium articles are often ‘anodized’ to give a decorative finish. This 
is done by electrolysing dilute HSO; with the aluminium as the anode. 
This produces a much thicker layer of oxide on the surface (107? mm). This 
layer can take up pigments, thus colouring the aluminium. 

Aluminium burns in dinitrogen at high temperatures, forming AIN. The 
other elements do not react. 


Reaction with acids and alkalis 
Aluminium dissolves in dilute mineral acids liberating hydrogen. 
2Al + 6HCI — 2AP* + 6CI^ + 3H; 


However, concentrated HNO; renders the metal passive because it is an 
oxidizing agent, and produces a protective layer of oxide on the surface. 
Aluminium also dissolves in aqueous NaOH (and is therefore amphoteric), 
liberating hydrogen and forming aluminates. (The nature of aluminates is 
discussed later.) 

2Al + 2NaOH + 6H;0 — 2NaAI(OH), or (2NaAIO; -2H;O) + 3H; 


sodium aluminate 
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Reaction with dioxygen 


Aluminium burns readily in air or dioxygen, and the reaction is strongly 
exothermic. This is known as the Thermite reaction. 


2Alo 3034) > AlO) + energy AR? = —1670kJ 


The Thermite reaction evolves so much energy that it can be dangerous. 
The aluminium becomes white hot, and often causes fires. For this precise 
reason mixtures of Al and an oxide such as FeO; or SiO; (to provide 
the oxygen) were used to make incendiary bombs during World War II. 
Warships are sometimes made of aluminium alloys to reduce their weight. 
A thermite reaction can be started if the ship is hit by a missile. Such fires 
on ships caused considerable casualties in the Falklands Islands conflict. 
The very strong affinity of Al for oxygen is used in the metallurgical 
extraction of other metals from their oxides. 


8AI + 3Mn3O, — 4Al,0; + 9Mn 
2Al + CrO; — AbO; + 2Cr 


Reaction with the halogens and sulphate 


Aluminium reacts with the halogens quite readily, even when cold, 
forming trihalides. 

Aluminium sulphate is used in large amounts (3.7 million tonnes in 
1991). It is made by treating bauxite with H2SO,. It is used as a coagulant 
and precipitant in treating both drinking water and sewage. It is also used 
in the paper industry, and as a mordant in dyeing. 


Alums 


Aluminium ions may crystallize from aqueous solutions, forming double 
salts. These are called aluminium alums and have the general formula 
[M'(H5O),][ A(H5O);](SO4);. M' is a singly charged cation such as Na“, 
K* or NH;. The crystals are usually large octahedra, and are extremely 
pure. Purity is especially important in some applications. Potash alum 
[K(H20),][AI(H2O)¢](SO4)2 is used as a mordant in dyeing. In this 
application Al°* is precipitated as Al(OH), on cloth to help the dyes bind 
to the cloth as aluminium complexes. It is essential that Fe** is absent 
in order to obtain the ‘true’ bright colours. Double salts break up in 
solution, into their constituent ions. Crystals are made up of [M(H;O);]". 
[Al(H,0),}** and two SO; ions. The ions are simply the right size and 
charge to crystallize together. Some M?* ions other than Al** also form 
alums of formula [M'(H,0),][M'"'(H,O),](SO;)>. The most common tri- 
valent ions are Fe** and Cr^*, but others include Ti+, V**, Mn^*, 
Co?*, In**, Rh**Ir** and Ga**. 
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Cement 


Aluminium compounds, particularly tricalcium aluminate Ca,AlsO,, are 
very important as constituents of Portland and high alumina cements. The 
formula of tricalcium aluminate is better written Cas[Al,Oj], because it 
contains 12-membered rings of Si~O—Si—O made by joining six AIO; 
tetrahedra. Portland cement is made by heating the correct mixture of 
limestone (CaCO) with sand (SiO2). and clay (aluminosilicate) at a 
temperature of 1450-1600°C in a rotary kiln. When mixed with sand and 
water Portland cement sets to give concrete, a hard whitish insoluble solid, 
similar in appearance to Portland stone. (Portland stone is limestone 
quarried on Portland Bill in Dorset, England.) Between 2% and 5% of 
gypsum CaSO, -2H;0 is added to slow down the setting process, as slow 
setting greatly increases the strength. The composition of cement is usually 
given in terms of the oxides. A typical composition for Portland cement is 
CaO 70%, SiO; 20%, Al,03 5%, Fe203 3%, CaSO,-2H,O 2%. Total 
world production of cement was 1396 million tonnes in 1993, about 70% 
of which was Portland cement. 

High alumina cement is made by fusing limestone and bauxite with small 
amounts of SiO; and TiO; at 1400-1500°C in either an open hearth 
furnace or a rotary kiln. High alumina cement is more expensive than is 
Portland cement, but has one major advantage over Portland cement — it 
sets much quicker and develops high strength within one day. It is used to 
make beams for bridges and buildings. High alumina cement has good 
resistance to sea water and dilute mineral acids. It withstands temperatures 
up to 1500°C and so may be used with refractory bricks in furnaces. A 
typical analysis of high alumina cement is CaO 40%, AlO3 40%, SiO; 
10%, Fe;O; 10%. There has been much publicity over structural failures of 
beams made of high alumina cement. Failure ts due to prolonged exposure 
to hot wet conditions, or using too much water when mixing the sand and 
cement. This latter results in it setting too quickly and thus not having time 
to crystallize properly. 


Reactions of Ga, In and Tl 


Gallium and indium are stable in air and are not attacked by water unless 
free oxygen is present. Thallium is a little more reactive and is superficially 
oxidized by air. All three metals dissolve in dilute acids, liberating hydro- 
gen. Gallium is amphoteric like aluminium, and it dissolves in aqueous 
NaOH, liberating H, and forming gallates. The oxides and hydroxides of 
Al and Ga are also amphoteric. In contrast, the oxides and hydroxides of 
In and TI are purely basic. 
All three metals react with the halogens on gentle warming. 


SOME PROPERTIES OF THALLIUM (I) 


Thallium(1) or thallous compounds are well known. They are typically 
colourless. They are also extremely poisonous. When ingested, traces turn 
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the hair very black, but larger doses cause loss of hair and death. They are 
toxic because they upset the enzyme systems in the body. 

In aqueous solution the TI* ion is much more stable than TI(IH). The 
ionic radius of TI* (1.50A) is between that of K* (1.38A) and 
Rb* (1.52 A). For this reason TI* resembles Group 1 ions in a number of 
ways. TIOH and TO are both soluble in water, and are strongly basic. 
They absorb CO; from the air, forming Tl;CO;. The solubility of most of 
the salts is slightly lower than for potassium salts. TI* can replace K* in 
some enzymes, and can thus be used as a biological tracer in the body. 
There are some differences. TIOH is yellow, and on heating to 100°C it 
turns into black Tl, O. The coordination number of TI* is usually 6 or 8, 
compared with 6 for Group 1 ions. TIF is soluble in water, but the other 
halides are almost insoluble. There is also some similarity with Ag*, as 
TICI is sensitive to light. It darkens when exposed to light rather like AgCI, 
but TICI is not soluble in NH,OH whilst AgCI is soluble. 
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Boron sesquioxide and the borates 


These are the most important compounds of boron. Sesqui means one and 
a half, so the oxide should have a formula MO,,, or M2O3. All the 
elements in the group form sesquioxides when heated in dioxygen. B;O; 
is made more conveniently by dehydrating boric acid: 


100°C ted heat 
HBO, — HBO;-—, B,0, 
orthoboric metaboric boron 
acid acid sesquioxide 


BQO; is a typical non-metallic oxide and is acidic in its properties. It is 
the anhydride of orthoboric acid, and it reacts with basic (metallic) oxides, 
forming salts called borates or metaborates. In the borax bead test, B203 
or borax Na;[B;Os(OH),] - 8H5O is heated in a Bunsen burner flame with 
metal oxides on a loop of platinum wire. The mixture fuses to give a glass- 
like metaborate bead. Metaborate beads of many transition metals have 
chara. eristic colours, and so this reaction provides a means of identifying 
the metal. This simple test provided the first proof that vitamin B; 
contained cobalt. 


CoO + B;0; —— Co(BO3); 


cobalt metaborate (blue colour) 


However, it is possible to force B;O. to behave as a basic oxide by 
reacting with very strongly acidic compounds. Thus with P;Os or As;O5, 
boron phosphate or boron arsenate are formed. 


B20; + P,O; > 2BPO, 
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Orthoboric acid HBO; is soluble in water, and behaves as a weak 
monobasic acid. It does not donate protons like most acids, but rather it 
accepts OH". It is therefore a Lewis acid, and is better written as B(OH). 


B(OH); + 2H;0 = H,0* + [B(OH)]- — pK = 925 


[H3BO,] 
OH HO OH|* 
| NZ 
B B 
EX / 
HO OH HO OH 
plane triangle tetrahedral metaborate ion 


Polymeric metaborate species are formed at higher concentrations, for 
example: 


3B(OH); = H,O* + [B:O(OH)]- + HO pK = 6.84 
[3H;BO;] 


Acidic properties of H;BO; or B(OH); 


Since B(OH); only partially reacts with water to form H4O* and 
[B(OH);]", it behaves as a weak acid. Thus HBO; or (B(OH) ) cannot be 
titrated satisfactorily with NaOH, as a sharp end point is not obtained. If 
certain organic polyhydroxy compounds such as glycerol, mannitol or 
sugars are added to the titration mixture, then B(OH), behaves as a strong 
monobasic acid. It can now be titrated with NaOH, and the end point 
is detected using phenolphthalein as indicator (indicator changes at pH 
8.3-10.0). 


B(OH); + NaOH = Na{B(OH),] 
NaBO, + 2H,0 


sodium metaborate 


The added compound must be a cis-diol, to enhance the acidic properties 
in this way. (This means that it has OH groups on adjacent carbon atoms in 
the cis configuration.) The cis-diol forms very stable complexes with the 
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[B(OH);]" formed by the forward reaction above, thus effectively remov- 
ing it from solution. The reaction is reversible. Thus removal of one of the 
products at the right hand side of the equation upsets the balance, and the 
reaction proceeds completely to the right. Thus all the B(OH), reacts with 
NaOH: in effect it acts as a strong acid in the presence of the cis-diol: 


| 
bci HO OH] —C—O OH| HO—C— 


+ i —, Ml * 
VEN VARS 
—C—OH HO MET OH ET 
| 
| libn 
—C—O O—C— 
-2H;0 Ae 
LX 
EO nt Dess 


Structures of borates 


In the simple borates, each B atom is bonded to three oxygen atoms, 
arranged at the corners of an equilateral triangle. This would be predicted 
from the orbitals used for bonding. 


Electronic structure of 
boron atom — ground state 


1s 2s 


Electronic structure of 
boron atom — excited state 


three singly occupied orbitals form bonds 
with three oxygen atoms — shape 
plane triangle (sp? hybridization) 


Thus orthoboric acid contains triangular BO} units. In the solid the 
B(OH); units are hydrogen bonded together into two-dimensional sheets 
with almost hexagonal symmetry. (See Figure 12.3.) The layers are quite a 
large distance apart (3.18 A), and thus the crystal breaks quite easily into 
very fine particles. At one time orthoboric acid was used as a mildly anti- 
septic talcum powder for babies, because it forms a fine powder. It is no 
longer used since it sometimes caused a rash. 

The orthoborates contain discrete BO3- ions, and examples include 
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H H 
à 
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H H 
Figure 12.3 Hydrogen bonded structure of orthoboric acid. 


Mg3(BO;); and the lanthanide orthoborates Ln""!'BO;. In the metaborates 
simple units (BO; planar triangular units or BO, tetrahedra) join together 
to form a variety of polymeric chain and Ting structures (see Figure 12.4).. 

Thus two triangular units join by sharing one corner in Mg;[B;O;] and 
Co!'[B2Os]. These are called pyroborates by analogy with pyrophosphates. 
Three triangular units share corners and form a ring in sodium and 
potassium metaborates NaBO, and KBO, (Figure 12.4b) which are better 
written Na3[B3O,] and K3[B30.]. Many triangular units may polymerize 
into an infinite chain, e.g. as calcium metaborate [Ca(BO,),], (Figure 
12.4a). 

In a similar way discrete tetrahedral units are found in Na,[B(OH),]CI 
and TaVBO,. Two tetrahedra may join by sharing one corner, as in 
Mg[(HO),B:O- B(OH),]. Other structures form Tings, chains, sheets and 
three-dimensional polymers. 

Some interesting structures including both triangular and tetrahedral 
units are formed when polymerization occurs. The spiro compound 
K[B;O&(OH);] (Figure 12.4c) contains one tetrahedral unit and four 
triangular units. Borax is usually written as Na;B40O; - 10H50 but is actually 
made from two tetrahedra and two triangular units joined as shown 
(Figure 12.4d) and should be written Na,[B,0;(OH),] -8H;O. 


Borax 


The most common metaborate is borax Na;[B,Os(OH);] - 8H;O. It is a 
useful primary standard for titrating against acids. 
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Figure 12.4 Structures of some borates. (a) Metaborate chain [Ca(BO3);], made 
up of triangular BO; units. (b) Metaborate ring K,[B30,] made up of triangular 
BO; units. (c) Complex metaborate K[BsO,(OH),] called the spiro anion is 
made up of four triangular BO; units and one tetrahedral BO, unit. (d) Borax 
(Na;[B,Os(OH),] - 8H5O) is made up of two triangular and two tetrahedral units. 
This ion is [BjOs(OH);J"^, and the other water molecules are associated with the 
metal ions. 


(Na;[B,Os(OH);] - 8H20) + 2HCI — 2NaCI + 4H,BO; + SH,O 


One of the products H3BO; is itself a weak acid. Thus the indicator used 
to detect the end point of this reaction must be one that is unaffected 
by H3BO3. Methyl orange is normally used, which changes in the pH 
range 3.1—4.4. 

One mole of borax reacts with two moles of acid. This is because when 
borax is dissolved in water both B(OH), and [B(OH);]- are formed, but 


only the [B(OH);]" reacts with HCI. 
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[B;Os(OH);- + SHj0 = 2B(OH), + 2(B(OH);]- 
2[B(OH)4]- + 2H40* > 2B(OH), + 4H;O 
The last reaction will titrate at PH 9.2, so the indicator must have pK, < 


ca. 8. Borax is also used as a buffer since its aqueous solution contains 
equal amounts of weak acid and its salt. 


Sodium peroxoborate 


Large amounts of sodium peroxoborate are produced, and world produc- 
tion is about 550000 tonnes/year. There are two main preparative 
methods: 


1. Electrolysis of a solution of sodium borate (containing some Na2CO;). 
2. By oxidizing boric acid or sodium metaborate with hydrogen peroxide. 


2NaBO; + 2H;0; + 6H,0 > Naj(OH);B(O—O);B(OH);] : 6H,O 


sodium metaborate sodium peroxoborate 
HO O—O OH]?- 

Nita ai 
B B 
PANNA 
(0) o—o (0) 


peroxoborate ion 


H H 


Sodium peroxoborate is used as a brightener in washing powders. It is 
compatible with enzymes which are added to some ‘biological’ powders. In 
very hot water (over 80°C) the peroxide linkages O—O break down to 
give H203. 


Isopolyacids of B, Si and P 


Other elements form polymeric compounds similar to the borates; notably 
Si forms silicates and P forms phosphates. These polymeric compounds are 
called isopolyacids. (The name isopolyacid means that acidic ions are 
polymerized together. Iso means 'the same', and indicates that only one 
type of ion is involved. If two different types of ion polymerize together, 
for example phosphate and molybdate ions, the phosphomolybdate 
polymer is called a heteropolyacid.) 

The principles underlying the structures of borates have been set out 
by Christ and Clark (see Further Reading). These principles may be 
summarized as follows: 


1. B often forms triangular BO, units. Sometimes these remain mono- 
meric, but they may form polynuclear ions by sharing the O atoms at 
corners. This links the triangular units together into chains, rings and 
two-dimensional flat sheet-like structures 

2. B sometimes forms tetrahedral BO, units. More complex polynuclear 
borates contain both triangular BO; units and tetrahedral BO, units 
linked together by sharing corners. These structures are not flat. 
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3. Hydrated borates may accept protons. These are added in the following 
order: (i) O?- ions are converted to OH", (ii) tetrahedral O are 
protonated, (iii) the O in planar triangles are protonated and (iv) any 
free OH” groups are converted to H20. 

4. Hydrated borates may polymerize by eliminating H20. This may be 
followed by breakingor rearranging B—O bonds. 

5. HBO; often exists in the presence of more complex polyanions. 


These polymeric borate structures tend to break up when dissolved in 


water. 

In contrast, the structures of phosphates and silicates are always based 
on tetrahedral PO, and SiO, units. The tetrahedra may polymerize into 
chains, rings and three-dimensional structures. These structures are rather 
more stable and do not break up in solution. 


Qualitative analysis of boron compounds 


When borates are treated with HF (or with concentrated H.SO, and CaF;) 
the volatile compound BF; is formed. If the BF; gas produced is intro- 
duced into a flame (for example a Bunsen flame) the flame gives a char- 
acteristic green coloration. 


conc. H250, + CaF, > 2HF + CaSO, 
H;BO, + 3HF > 2BF, + 3H,0 


An alternative test is to make the ester methyl borate B(OCH3).. The 
suspected borate sample is mixed with concentrated H SO, to form 
H,BO,, and warmed with methyl alcohol in a small evaporating basin. 


B(OH); + 3CH;OH — B(OCH;); + 3H;O 


The concentrated H2SO, removes the water formed. The mixture is then 
set on fire. Methyl borate is volatile, and colours the flame green. 


Fluoboric acid 
H3BO; dissolves in aqueous HF, forming fluoboric acid HBF,. 
HBO; + 4HF > H* + [BFj]- + 3H;0 


Fluoboric acid is a strong acid, and commercial solutions contain 40% acid. 
The [BF;]* ion is tetrahedral, and fluoborates resemble perchlorates ClO; 
and sulphates in crystal structure and solubility (KCIO; and KBF; are both 
not very soluble in water). The [BF,]~ and [CIO,]- ions have a very low 
tendency to form complexes in aqueous solution, though a few complexes 
are formed in non-aqueous media. 


Borides 


There are over 200 binary compounds between metals and boron. There 
are many different stoichiometries. The most common are M;B, MB, 
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MB», MB, and MB,, though formulae as diverse as MsB and MB,, are 
known. Some of the compounds are nonstoichiometric. The formulae of 
some of the compounds cannot be rationalized by the application of simple 
valency rules, and are best explained by multi-centre bonding. 

They may be prepared by heating the metal with boron, and by a variety 
of other methods. The metal-rich borides are mostly with transition metals. 
They are hard, and have very high melting points: ZrB;, HfB;, NbB; and 
TaB, all melt over 3000?C. The melting points and the electrical con- 
ductivities are often higher than for the parent metals. Thus TiB; conducts 
five times as well as Ti metal. Borides are often chemically inert, and they 
have several uses: 


1. Boron carbide is commonly written as B,C, It is produced in quantities 
of tonnes by reducing B20; with C at 1600°C. It is a useful source of B, 
and is also used as an abrasive for polishing. It is used in brake linings 
for cars. Fibres of B4C have an enormous tensile strength, and are used 
to make bullet-proof clothing. These fibres are made as follows: 

6H» + 4BCly + Cui > BaCi, + 2HCI 
Boron carbide should be written B,,C>, but its composition varies and 
may approach B,;C;. The structure comprises a series of B,» icosahedra. 
Each icosahedron is linked to six others through either four B—C—B 
linkages and two B—B linkages, or through six B—C—B linkages. The 
Structure is a cluster compound, and can only be explained by multi- 
centre bonding. 

2. Powder fabrication techniques are used to fabricate parts such as 
turbine blades and rocket nozzles from powdered borides such as CrB;, 
TiBs5, and ZrB;. 

3. Boron steel is used in the nuclear industry for shielding and for control 
rods in reactors because '’B has a very high absorption cross-section for 
thermal neutrons. - 


THE OTHER GROUP 13 OXIDES 


Alumina AlO; exists principally in two crystalline forms called a-Al;O4 
or corundum, and y-Al;O;, and in addition there is a fibrous form which 
is made commercially. 

Corundum is found as a mineral, and a-Al;O; is also made by heating 
Al(OH), or y-Al;Os above 1000*C. Corundum is extremely hard (9 on 
Moh's scale) and is used as ‘jewellers’ rouge’ to polish glass. (See 
Appendix N). An impure form of corundum, contaminated with iron 
oxide and silica, is called emery. This is used to make emery paper 
(‘sandpaper’ used to:polish metals). Corundum is unaffected by acids. It 
has a high melting point of over 2000°C. It is used as a refractory to line 
furnaces and to make containers for high temperature reactions. The 
crystal structure of corundum is hexagonally close-packed oxygen atoms, 
with two thirds of the octahedral holes filled by Al°* ions. 
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. In the appearance and structures of the elements. 

. By their tendency to form positive ions. 

. By the nature of their oxides. Metallic oxides are typically basic, and 
non-metallic oxides are acidic. Thus the normal oxides of N and P are 
strongly acidic, whereas those of As and Sb are amphoteric and that of 
Bi is largely basic. 

The electrical resistivity of the metallic forms (a-As 33, a-Sb 39 and 
a-Bi 106 ohm cm) are much lower than for white phosphorus (1 x 
10" nohm cm), indicating an increase in metallic properties. However, 
the resistivity values are higher than the values for a good conductor 
such as Cu, 1.67 ohm cm, and higher than Sn, 11, and Pb, 20 ohm cm, 
in the adjacent group. (See Appendix J.) ` 
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REACTIVITY 


Dinitrogen is relatively unreactive, which is why it has accumulated in 
such large amounts in the atmosphere. 

White phosphorus catches fire when exposed to air, burning to form 
P4O;o. It is stored under water to prevent this. Red phosphorus is stable in 
air at room temperature, though it reacts on heating. 

Arsenic is stable in dry air, but tarnishes in moist air, giving first a bronze 
then a black tarnish. When heated in air it sublimes at 615°C and forms 
As,Os, not As,O;s. Strong heating in dioxygen can give either of these 
oxides, depending on the amount of dioxygen present. This reluctance to 
attain the maximum oxidation state for the group is found in the elements 
Ga, As, Se and Br, that is in the elements immediately following the filling 
of the first d shell. As4Oio and H3AsO, are used as oxidizing agents in 
volumetric analysis. 

Sb is less reactive, and is stable towards water and to air at room 
temperature. On heating in air it forms Sb4O«, Sb4Og or Sb4O,9. Bi forms 
Bi;O; on heating. 


HYDRIDES 


The elements all form volatile hydrides of formula MH3, which are all 
poisonous, foul smelling gases. On descending the group from NH, to 
BiH;: 


1. The hydrides become increasingly difficult to prepare. 

2. Their stability decreases. 

3. Their reducing power increases. 

4. The ease of replacing the hydrogen atoms by other groups such as CI or 
Me decreases. 

5. Their ability to act as electron donors, using the lone pair of electrons 
for coordinate bond formation, decreases. 
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Ammonia NH; 


NH; + H20 = NH} + OH- K = 1.8 x 10° mol]7! 


NH; and NH4OH both react with acids, forming ammonium salts. These 
salts resemble potassium salts in solubility and in their crystal structures, 
Like the Group 1 salts, ammonium salts are typically colourless, There are 
some differences. Ammonium salts are usually slightly acidic if they have 
been formed with Strong acids such as HNO;, HC! and H2804, since 
NH,OH is only a weak base. Ammonium salts decompose quite readily on 
heating. If the anion is not Particularly oxidizing (e.g. CI", CO} or $037) 
then ammonia is evolved: 


NH,CI 5, NH, + HCI 


(NH,),S0, "^. 2NH, + H,sO, 
If the anion is more oxidizing (e.g. NOz, NOx, CIO;, Cr;077) then NH? 
is oxidized to N; or N30. 


REIS 
NH;NO; —5 N; + 2H;0 


-in ram +1 
NH,NO,;—> N;O + 2H,0 
(NH;);Cr;0; =, N, + 4H,0 + CrO; 
NH; burns in dioxygen with a pale yellow flame: 


4NH; + 30; — 2N; + 3H;O 


The same reaction occurs in air, but the heat of reaction is insufficient to 
maintain combustion unless heat is supplied, for example in a gas flame. 
— Certain mixtures of NH3/O; and NH;/air are explosive. 
- . NH; is prepared in the laboratory by heating an ammonium salt with 
NaOH. This is a standard test in the laboratory for NH} compounds. 


NH,CI + NaOH — NaCl + NH; + H0 
- The NH; evolved may be detected: 


1. By its characteristic smell. 
2. By turning moist litmus paper blue. 
3. By forming dense white clouds of NH,Cl with the stopper from a bottle 
of HCl. 
24. By forming a yellow-orange-brown precipitate with Nessler's solution. 
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aqueous solutions. This makes it a useful reagent for reducing aldehydes to 
primary alcohols, and ketones to secondary alcohols. It is a nucleophilic 
reagent, and attacks sites of low electron density. Thus other functional 
groups such as C=C, COOH and NO) are not normally attacked. 


R.CHO-VU,R.CH,OH primary alcohol 
R R 


A 
DEERE CHOH secondary alcohol 


c=0 
R' R' 

Not all tetrahydridoborates are ionic. The beryllium, aluminium and 
transition metal borohydrides become increasingly covalent and volatile. 
In these the [BH,]~ group acts as a ligand and forms covalent compounds 
with metal ions. One or more H atoms in a [BH]" act as a bridge and bond 
to the metal, forming a three-centre bond with two electrons shared by 
three atoms. The [BH,]~ ligand is unusual in that it may form one, two or 
three such three-centre bonds to the metal ion. Thus Be(BH;);, AI(BH;)s 
and Zr(BH,), are covalent, and react strongly with water. In the Al and Zr 
compounds, each BH; forms two hydrogen bridges, whilst in the Be 
compound two of the three BH; form three hydrogen bridges. 


Figure 12,5 Structures of AI(BH;); and Be(BH,);. (After H.J. Eméleus and A.G. 
Sharpe, Modern Aspects of Inorganic Chemistry, 4th ed., 1973, Routledge and 
Kegan Paul.) 


The other elements in the group also form electron-deficient hydrides. 
(AIH;), is a white involatile solid. It is a reducing agent and reacts violently 
with water. It is extensively polymerised by 3-centre hydrogen bridges simi- 
lar to those in diborane. (The structure of a-AIH; is known and each Al 
participates in six bridges). Aluminium hydride is best made from Li[A1H,] 
and AICI. It can be made from LiH and AICI, in either solution, but with 
excess LiH lithium aluminium hydride Li[AIH,] is formed instead. 
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LiH + AICI; > (AIR), 889 P, pip] 
Li[AlH,] is a most useful organic reducing agent because it will reduce 
functional groups, but in general it does not attack double bonds. It is 
analogous to the borohydrides but cannot be used in aqueous solutions. 
Gallium forms compounds analogous to the borohydrides, e.g. 
Li[GaH,]. Indium forms a polymeric hydride (InH;),, but there is some 
doubt about the existence of a hydride of thallium. 


TRIHALIDES 


All the elements form trihalides. The boron halides are covalent. BF; is 
gaseous, BCI; liquid and BI; is solid. BF; is by far the most important. It is 
a colourless gas, boiling point —101 °C, and is made in large quantities: 


B205 + 3CaF; + cone. 34,50," 2BF, + 3CaSO, + 3H,0 


B20; + 6NH,BF, "> 8BF; + 6NH, + 3H,0 


Both BF; gas and its complex with diethyl ether (C;H5);O — BF, (a 
viscous liquid) are commercially available. 

The shape of the BF; molecule is a planar triangle with bond angles of 
120°. This is predicted by VSEPR theory as the most stable shape for three 
outer electron pairs round B. The valence bond theory also predicts a 
planar triangle with hybridization of one s and two p orbitals used for 
bonding. However, the B atom only has six electrons in its outer shell and 
this is termed electron deficient. 


Electronic structure of z zr 2p 
boron atom — excited state IN 
i 


three singly occupied orbitals form bonds 
with unpaired electrons from three halogen 
atoms — shape plane triangle 

(sp? hybridization) 


The bond lengths in BF; are 1.30 À, and are significantly shorter than the 
sum of the covalent radii (B — 0.80À, F — 0.72 A). The bond energy is 
very high: 646kJ mol^!, which is higher than for any single bond. The 
shortness and strength of the bonds is interpreted in terms of a px-pn 
interaction, that is the bonds possess some double bond character. The 
empty 2p, atomic orbital on B which is not involved in hybridization is 
perpendicular to the triangle containing the sp? hybrid orbitals. This pz 
orbital may accept an electron pair from a full p. orbital on any one of the 
three fluorine atoms. Thus a dative n bond is formed, and the B atom 
attains an octet of electrons. If one localized double bond existed, then 
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Electronic structure of 1s 2s 2p 
PNE AS 
Nitrogen having gained a 

share in three electrons 


from three hydrogen 
atoms in NH, molecule 


four orbitals in the outer shell 

(three bond pairs and one lone pair) 
tetrahedral arrangement with one 
position occupied by a lone pair 


The hydrides PH;, AsH; and SbB, would be expected to be similar. 
However, the bond pairs of electrons are much further away from the 
central atom than they are in NH3. Thus the lone pair causes even greater 
distortion in PH3, AsH, and SbH;. The bond angle decreases to 91°18’ 
(Table 14.6). These bond angles suggest that in PH}, AsH3, SbH; and 
BiH; the orbitals used for bonding are close to pure p orbitals. 

The melting and boiling points of the hydrides increase from PH; 
through AsH; to SbH;. The values for NH; seem out of line with this 
trend: one might have expected the boiling point of NH; to be —110?C or 
—120°C. The reason why NH; has a higher boiling point and is much less 
volatile than expected is that it is hydrogen bonded in the liquid state. The 
other hydrides do not form hydrogen bonds. 

These hydrides are strong reducing agents and react with solutions of 
metal ions to give phosphides, arsenides and stibnides. They are flammable 
and extremely poisonous. 


Table 14.6 Some properties of the hydrides 


m.p. b.p. Bond energy Bond angle Bond length 

CC) CC) (kJ mol7!) (À) 
NH; -77.8  —-345  N-H-389  H-N-H = 107°48' 1.017 
PH; 7133; 87:5 P-H = 318  H-P-H- 93°36’ 1.419 
AsH,  -116.3 -62.4 As-H=247 H-As-H= 91°48’ 1.519 
SbH; —88 -184 Sb-H=255 H-Sb-H = 91°18’ 1.707 
Donor properties 


NH; can donate its lone pair of electrons quite strongly to form complexes. 
Thus ammonia forms ammonium NH salts, and also coordination 
complexes with metal ions from the Co, Ni, Cu and Zn groups, for 
example the [Co(NH3),]°* ion, very readily. 

PH; acts as an electron donor and forms numerous complexes such as 
[F3B — PH;], [CIA] —— PH;] and [Cr(CO);(PH3);]. A variety of other 
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trivalent phosphorus compounds such as PF;, PCl;, PEt;, P(OR); and 
PPh; also form complexes, which in some ways resemble complexes with 
CO. Thus the lone pair on P is used to form the coordinate bond to an 
empty orbital on the B or metal (a o bond). In the case of metals, this 
original coordinate bond may be reinforced by back bonding from x 
overlap of a filled d orbital on the metal with an empty d orbital on P. 

The donor properties of the other hydrides are very weak, and they have 
little or no tendency to form coordinate bonds. 

In NH; the lone pair occupies an sp? hybrid orbital. In AsH; and SbH3 
the bond angles become close to 90° which suggests that the orbitals used 
for M—H bonding are almost pure p orbitals. If the three p orbitals are 
used for M—H bonding, the lone pair must occupy a spherical s orbital. 
This is larger, and less directional, and hence less effective for forming 
a coordinate bond. This means that any o bond will be very weak. In 
addition the 4d and Sd orbitals are too large for effective x back bonding. 
These two factors account for the difference in complexing power between 
the hydrides. 

Nitrogen forms several hydrides (see Table 14.7). 


Table 14.7 Hydrides of nitrogen 


Formula Name Oxidation state 

NH; Ammonia -II 

N2H4 Hydrazine -II 

NHOH Hydroxylamine c 
Hydrazine N;H; 


Hydrazine is a covalent liquid, which fumes in air, and smells similar to 
NH3. Pure hydrazine burns readily in air with the evolution of a large 
amount of heat. 


NoHaq) + Oxe) > Nag) + 2H20 AH = -621kJ mol! 


The methyl derivatives MeNHNH; and Me;NNH; are mixed with N20, 
and used as a rocket fuel in the space shuttle, in guided missiles, and 


(earlier) in the Apollo lunar modules. 
N3H, is a weak base and reacts with acids, forming two series of salts. 
The salts are white ionic crystalline solids, and are soluble in water. 


NH, + HX > N-H + X^ 
NH, + 2HX — N;Hg* + 2X7 
When dissolved in water (in neutral or basic solutions) hydrazine or its 


salts are powerful reducing agents. They are used to produce silver and 
copper mirrors and to precipitate the platinum metals. Hydrazine also 


reduces I; and O}. 
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(a) BaCla 


ó 


(b) BaClg 


(c) Bg Clo 
oB 
OCI 


ire 12.8 Boron monochloride 
ctures (BCI), showing 
yhedral boron cages. (After 
3. Massey. The Typical 
ments. Penguin, 1972.) 


C,Hs- H + CH;CH;CI + AICI; > CH5 CH2CH; + H* + [AICI]" 
This is not true ‘catalytic’ action, as the AICI, is used up, and the formation 
of [AICI,]~ or [AIBrs]~ is an essential part of the reaction. Acylations are 
similar: 

C6H5- H + RCOCI + AICI; > RCOCH; + H* + [AICL]" 


AICI, is also used to catalyse the reaction to make ethyl bromide (which is 
used to make the petrol additive PbEt,). 


CH;—CH; + HBr — C;HsBr 


AICI, is also used in the manufacture of anthraquinone (used in the 
dyestuffs industry), and dodecylbenzene (used to make detergents), and in 
the isomerization of hydrocarbons (petroleum industry). 

TII; is an unusual compound. It is isomorphous with CsI, and NH4ls, 
and contains the linear triiodide ion 1; . Thus the metal is present as TI * in 
the oxidation state (+1), not (III). 


DIHALIDES 


Boron forms halides of formula B;X4. These decompose slowly at room 
temperature. B;Cl, can be made as follows: 
electric discharge 
2BCl, + 2Hg — — ——— B;Cl, + Hg2Cl, 
low pressure 

There is free rotation about the B—B bond, and in the gaseous and liquid 
states the molecule adopts a non-eclipsed conformation. In the solid state 
the molecule is planar. because of crystal forces and ease of packing 
Gallium and indium also form ‘dihalides’ see diagram on page 387: 


GaCl, + Ga — 2GaCl, 
In + HCl 2InCl, 


gas 


These are more properly written Ga*[GaCl,] and In*[InCl;] and 
contain M(I) and M(III) rather than Ga(I1) and In(11). 


MONOHALIDES 
Boron forms several stable polymeric monohalides (BX),,. 


mercury discharge 


B:Cl, 
| 


slow 
decomposition 


Da BG; Buh: Brus Bech: 


The compounds B,Cl,. B,Cl, and ByCly are crystalline solids, and their 


B,Cl, 


DIFFERENCES BETWEEN BORON AND THE OTHER ELEMENTS 


Structures (Figure 12.8) have a closed cage or polyhedron of B atoms, 
where each B atom is bonded to three other B atoms and to one CI atom. 
Since B has only three valency electrons there are not enough electrons to 
form normal electron pair bonds. It is probable that multi-centre o bonds 
cover all the B atoms in the cage. 

Al, Ga and In all form monohalides MX in the gas phase at elevated 
temperatures, e.g. 


pa is INICI 


temperature 


AlCl; + 2AI 


These compounds are not very stable, and are covalent. 
Thallium forms univalent thallous halides which are more stable than the 
thallium trihalides. This illustrates the inert pair effect, and TIF is ionic, 


COMPLEXES 


Group 13 elements form complexes much more readily than the s-block 
elements, because of their smaller size and increased charge. Tetrahedral 
hydride and halide complexes such as Li[AlH;] and H[BF,] have al- 
ready been mentioned. In addition many octahedral complexes such as 
[(GaCI]"-, [InCl- and [TICI]- are known. The most important 
octahedral complexes are those with chelate groups, for example f- 
diketones such as acetylacetone, oxalate ions, dicarboxylic acids, pyro- 
catechol, and also 8-hydroxyquinoline. (See Figure 12.9.) The latter 
complex has been used in the gravimetric determination of aluminium. 


DIFFERENCES BETWEEN BORON AND THE 
OTHER ELEMENTS 


Boron differs significantly from the other elements in Group 13, mainly 
because the atoms are very small. It is always covalent, and it is non- 
metallic. In addition, boron shows a diagonal relationship with silicon in 
Group 14. 


1. BO; is an acidic oxide; like SiO;. This is in contrast to ALO;, which is 

amphoteric. 

H3BO;, which may be written B(OH);, is acidic, whilst Al(OH), is 

amphoteric. 

3. Simple borates and silicate ions can polymerize, forming isopolyacids. 
Both are built on similar structural principles, namely by sharing oxygen 
atoms. Complicated chains, rings, sheets and other Structures are 
formed in this way. Aluminium forms no analogous compounds. 

4. The hydrides of B are gaseous, readily hydrolysed and spontaneously in- 
flammable. In contrast aluminium hydride is a polymeric solid (AIH3),,. 
SiH, is gaseous, readily hydrolysed and inflammable. 

5. Apart from BF3, the halides of B and Si hydrolyse readily and vig- 
orously. The aluminium halides are only partly hydrolysed in water. 


N 


acetyl acetone compk 


0. 29 
M 
0^ No 


3 
oxalate complex 


3 - 
8-hydroxyquinoline comple: 


Figure 12.9 Some comple: 
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BORON HYDRIDES 


Compounds known 

None of the Group 13 elements react directly with hydrogen, but several 
interesting hydrides are known. The boron hydrides are sometimes called 
boranes by analogy with the alkanes (hydrocarbons). Almost 20 boranes 
have been reported, and 11 are well characterized. They fall into two 
series: 

1. B,H(444, (called nido-boranes). 

2. A less stable series B,H,,.«) (called arachno-boranes). 


In cases where the nomenclature is ambiguous, as for example for penta- 
borane, it is usual to include the number of hydrogen atoms in the name. 


Table 12.10 The two series of boranes 


Arachno-boranes m.p. bp. 


Nido-boranes 
B,Hin+6) CO). (CC) 


B,Hon+4) CC) 
B;H, diborane -165 -93 


B4Hy, tetraborane —120 18 

B.H;pentaborane-]l] —122 — 65 

B4 Hi hexaborane-12 -82 

BgH), octaborane-14 dec 

BoH;s (nonaborane or $ 
(enneaborane 


B.H, pentaborane-9 -47 60 
BH hexaborane-10 — —62 — 108 
B,H;; octaborane-12 dec 


Bj9H;4 decaborane 


dec = decomposes. 


Preparation 


Diborane is the simplest and most studied of the hydrides. It is used to 
prepare the higher boranes, and is an important reagent in synthetic 
organic chemistry. For the latter purpose it is normally generated in situ. It 
is a versatile reagent for the production of organoboranes, which are useful 
intermediates in organic synthesis. Alternatively diborane is used as a 
powerful electrophilic reducing agent for certain functional groups. It 
attacks sites with a high electron density such as N in cyanides and nitrites, 
and O in carbonyl compounds. 


R—C=N — RCH;NH; 
R—NO; — RNH; 
R—CHO — RCH;OH 


Diborane may be prepared by a variety of methods. Boranes were first 
prepared by Alfred Stock, who pioneered this branch of chemistry 
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work because the compounds were highly reactive, flammable, and hydro- 
lysed by water, Stock developed vacuum line techniques, which were pre- 
viously unknown, to handle these reactive compounds. This preparative 
method has now been Superseded except for making BH. 


H heat 
MgB, + H3PO, — mixture of boranes—, B;H, 
magnesium mainly BH; diborane 
boride 


Many other methods have been used: 


B203 + 3H, + 2A memes 10°C, p o ALO, 


2BF; + 6NaH "BH. + 6NaF 
ps RÀ 


There are several convenient laboratory preparations: 
1. Reducing the-etherate complexes of the boron halides with Li[AIH,]. 
4[Et,O - BF;] + 3Li[ AIH)“, 28H, + 3Li[AIF,] + 4Et,0 
2. Reacting Na[BH,] and iodine in the solvent diglyme. Diglyme is a 
polyether CH3OCH;CH;OCH;CH;OCH,. 
2Na[BH,] + 1, ^ eue son gr + Hy + 2Nal 
3. Reducing BF; with Na[BH,] in diglyme. 


in diglyme 


4[Et;O - BF;] + 3Na[BH;] 2B;H + 3Na[BF;] + 4E O 


Method (3) is particularly useful when diborane is required as a reaction 
intermediary. It is produced in situ, and used without the need to isolate or 
urify it. 

3 Diborane is à colourless gas, and must be handled with care as it is highly 
reactive. It catches fire spontaneously in air and explodes with dioxygen. 
The heat of combustion is very high. In the laboratory it is handled in a 
vacuum frame. Since it reacts with the grease used to lubricate taps, special 
taps must be used. It is instantly hydrolysed by water, or aqueous alkali. 
At red heat the boranes decompose to boron and hydrogen. 


BH. + 30; > 2B,0, + 3H,0 AH = —2165 kJ mol! 
BH, + 6H;0 — 2H3BO; + 3H; 


Most syntheses of higher boranes involve heating B;H,, sometimes with 
hydrogen. A complex reaction occurs when B;H, is heated in a sealed 
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tube. Various higher boranes are formed (B4Hio, BsHii, B6Hı2 and 
B;oH;4). The BzH molecule probably breaks into the very reactive 
intermediate {BH} which has only a transient existence and reacts with 
B;Hs, giving another intermediate {B3Ho}. This loses hydrogen, forming 
(B3H;), which reacts with more (BH;) to give ByHjy. In a similar way a 
variety of higher boranes are formed depending on the exact conditions. 
For example: 
(5h at 80-90°C, 200 atmospheres) 
B;Hs — B4Hio 


(rapid at 200—250*C) 
BH, + H; — BsHo 


(slow pyrolysis in sealed tube 150°C) 
BH, — BioHis 

Most of the higher boranes are liquids, but Bg Ho and B,9H;; are solids. As 
the molecular weight increases, they gradually become more stable in air, 
and less sensitive to water. BjoH;4 is inert in air and can be recovered from 
aqueous solutions. At one time the boranes were considered as possible 
high energy rocket fuels. The aim was to replace hydrocarbon fuels in 
military aircraft and missiles. Over a tonne of B;9H;4, was made for this 
purpose. Interest in this use disappeared when it was found that combus- 
tion to B20, was incomplete. Because of this the exhaust nozzles of the 
rocket became partly blocked with an involatile BO polymer. 


REACTIONS OF THE BORANES 


Hydroboration 


A very important reaction occurs between B,Hg (or BF; + NaBH,) and 
alkenes and alkynes. 


3B;Hs + 3RCH—CHR — B(CH;—CH;R); 
JB;H, + 3RC=R — B(RC—CHR); 


The reactions are carried out in dry ether under an atmosphere of dinitro- 
gen because BH, and the products are very reactive. The alkylborane 
products BR; are not usually isolated. They may be converted as follows: 


1. to hydrocarbons by treatment with carboxylic acids, 
2. to alcohols by reaction with alkaline H203, or 
3. to either ketones or carboxylic acids by oxidation with chromic acid. 


The complete process is called hydroboration, and results in cis- 
hydrogenation, or cis-hydration. Where the organic molecule is not sym- 
metrical, the reaction follows the anti-Markovnikov rule, that is B attaches 
to the least substituted C atom. 


BR; + 3CH;COOH — 3RH + B(CH;COO), 
hydrocarbon 
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B(CH; - CHR); + H,O, > 3RCH;CH,OH + H,BO, 
primary alcohol 
R R 
N N 
CHOSE Been eG 


/ 
R’ 3 R’ ketone 


(CH; CHj,—B "9: , cH coon 


carboxylic acid 
(CH;-CH),—B + COM", (cH, CH;);—CBO], 
755 [CHy-CH,+COH 


Hydroboration is a simple and useful Process for two main reasons: 


1. The mild conditions required for the initial hydride addition. 
2. The variety of products which can be produced using different reagents 
to break the B—C bond. 


H.C. Brown won the Nobel Prize for Chemistry in 1979 for work on these 
organoboron compounds. 


Reaction with ammonia 


All the boranes act as Lewis acids and can accept electron pairs. Thus they 
react with amines, forming simple adducts. They also react with ammonia, 
but the products depend on the conditions: 


B;H, + 2(Me);N > 2[Me3N - BH3] 


BH + NH; — == L, Boy, 2NH, 


low temperature 


excess NH 
———— ——À (BN), boron nitride 
higher temperature 


ratio 2NH;: 1B>H, B;NSH, TIPS 
higher temperature 

The compound B;H,:2NH; is ionic, and comprises [HN > BH; — 
NH;]* and [BH,]~ ions. On heating, it forms borazine. 

Boron nitride is a white slippery solid. One B atom and one N atom 
together have the same number of valency electrons as two C atoms. Thus 
boron nitride has almost the same structure as graphite, with sheets made 
up of hexagonal rings of alternate B and N atoms joined together. The 
Sheefs are stacked one on top of the other, giving a layer structure 
(Figure 12.10). 
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P RS Cs. 
| | | | 
(a) Boron nitride Graphite 
i i ] 
Rok ot HA ead 
wk N weh H y GUT 
H H H 
(b) Borazine Benzene 


Figure 12.10 Similarity in structure between (a) boron nitride and graphite, (b) 
borazine and benzene. 


Borazine B3N3H, is sometimes called ‘inorganic benzene’ because its 
structure shows some formal similarity with benzene, with delocalized 
electrons and aromatic character. Their physical properties are also 
similar. 

Borazine and substituted borazines are now made: 

140°C Na[BH. 
3BCI, + 3NH,CI 55 p N.H, Cl, PH gg 
+ 
MeMgBr 
i 
B3N3H3(Me)3 


Borazine forms n complexes such as B3N;H,—Cr(CO), with transition 
metal compounds. Borazine is considerably more reactive than benzene, 
and addition reactions occur quite readily: 


B3N3H, + 3HCI > B3N3HoCl, 


el H 


H H 
EM NE 
H | B———N H 
NE? N 
N B 
AEN AEN 
H | B—— —N ac 
V RENE. 

CIN Hale: H 
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If heated with water, borazine hydrolyses slowly. 
B3N5H, + 9H;0 — 3NH; + 3H;BO, + 3H; 


Some other reactions of boranes 


B>H, + 6H;0 — 2B(OH); + 6H, 
2H;BO; + 6H; 
BH, + 6MeOH — 2B(OMe), + 6H; 
BH, + 2Et,S > 2[Et.S > BH] 
BH, + 2LiH > 2Li[BH,] 
2B>H + 2Na > Na[BH,] + Na[B4H;] (slow) 
B;H, + HCl > B;H&CI + H, 
BH, + 3Ch > 2BCl; + 6HCI 


STRUCTURES OF THE BORANES 


The bonding and structures of the boranes are of great interest. They are 
different from all other hydrides. There are not enough valency electrons 
to form conventional two-electron bonds between all of the adjacent pairs 
of atoms, and so these compounds are termed electron deficient. 

In diborane there are 12 valency electrons, three from each B atom and 
six from the H atoms. Electron diffraction results indicate the structure 
shown in Figure 12.11. 

The two bridging H atoms are ina plane perpendicular to the rest of the 
molecule and prevent rotation between the two B atoms. Specific heat 
measurements confirm that rotation is hindered. Four of the H atoms are 
in a different environment from the other two. This is confirmed by Raman 
spectra and by the fact that diborane cannot be methylated beyond 
Me,B5H; without breaking the molecule into BMe;. 

The terminal B—H distances are the same as the bond lengths measured 
in non-electron-deficient compounds. These are assumed to be normal 
covalent bonds, with two electrons shared between two atoms. We can 
describe these bonds as two-centre two-electron bonds (2c-2e). 

Thus the electron deficiency must te associated with the bridge groups. 
The nature of the bonds in the hydrogen bridges is now well established. 
Obviously they are abnormal bonds as the two bridges involve only one 
electron from each boron atom and one from each hydrogen atom, making 
a total of four electrons. An sp? hybrid orbital from each boron atom 
overlaps with the 1s orbital of the hydrogen. This gives a delocalized 
molecular orbital covering all three nuclei, containing one pair of electrons 
and making up one of the bridges (see Figure 12.12). This is a three- 
centre two-electron bond (3c-2e). A second three-centre bond is also 
formed. 


H H 1:334, H 
N N Aiii 


8 
19k 
if ^ H GN 


Figure 12.11 The structure of 
diborane. 
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Figure 12.12 Overlap of approximately sp? hybrid orbitals from B with an s 
orbital from H to give a 'banana-shaped' three-centre two-electron bond. 


The higher boranes have an open cage structure (Figure 12.13). Both 
normal and multi-centre bonds are required to explain these structures: 


1. Terminal B—H bonds. These are normal covalent bonds, that is two- 
centre two-electron (2c-2e) bonds. 
2. B—B bonds. These are also normal 2c-2e bonds. 


AQ 


la) Diborane BH, 


(d) Pentaborane-11 B,H,, 


Ó 
(e) Decaborane-14 B, 5 Hi, 


Figure 12.13 Structures of some boranes. (a) Diborane B3Hs, with two three- 
centre B...H...B bonds. (b) Tetraborane ByHjo, with four three-centre 
B...H...B bonds and one B—B bond. (c) Pentaborane-9 BH, where the boron 
atoms form a square-based pyramid with four three-centre B. . .H. . . B bonds, and 
multi-centre bonds from the apical B atom to the four B atoms in the square. (d) 
Pentaborane-11 B5H;;, where the boron. atoms form a distorted square-based 
pyramid, with three three-centre B. . .H. . . B bonds and three-centre B. ..B...B 
bonds in two of the triangular faces. (e) Decaborane-14. (After A.G. Massey, The 
Typical Elements, Penguin, 1972.) 
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3. Three-centre bridge bonds including B...H. , -B as in diborane. These 
are 3c-2e bonds. 

4. Three-centre bridge bonds including B...B.. -B, similar- to the 
hydrogen bridge in (3). These are called ‘open boron bridge bonds’, and 
are of the type 3c-2e. 

5. Closed 3c-2e bonds between three B atoms, 


Decaborane-14 has ten B atoms. This number is two short of being able 
to form a regular icosahedron. An icosahedron has 12 corners and 20 faces. 
It is a closed cage structure, and is Particularly stable. The two extra atoms 
required to complete the cage may be added by reacting BH; with an 
ethyne, forming a carborane (Figure 12.14). 


BioH;4 + RCCR > BC; Hio Rs 


Alternatively two B atoms may be added to complete the cage by reacting 
BioH;, with MeiN — BH;. 


BHi,  2MejNG BH, > 2[MesNH]" [B>H]? 


ORGANOMETALLIC COMPOUNDS 


Besides the carboranes and the alkylboranes discussed earlier, all the 
Group 13 trihalides will react with Grignard reagents and organolithium 
reagents, forming trialkyl or triaryl compounds: 

BF; + 3C,HsMgl > B(C;H;) 

AICI; + 3CH;MgI — Al(CH;), 

GaCl, + 3CHsLi > Ga(C>Hs); 

InBr; + 3C,HsLi > In(CgHs)3 
The aluminium compounds are unusual because they have dimeric struc- 
tures, and appear to have three-centre bonds involving sp* hybrid orbitals 
on Al and C in AI—C—A] bridges (Figure 2.15). ; 

Another important route to organoaluminium compounds is from alu- 
minium metal and H>. The two elements do not react directly to give 
AIH;. However, aluminium does take up hydrogen in the presence of 
aluminium alkyl catalysts (Ziegler catalysts). 


Al + 3H; + 2Et,Al > 3EGAIH 
Alkenes may be added to AI—H bonds. 
EvAIH + HC=CH; > EG AI-CH;—CH, ie. Et,Al 


ethene 


Figure 12.14 Structure of 
orthocarborane, one of the three 
isomeric forms of the icosahedral 
carborane BiyCoH\)R>. (After 
A.G. Massey, The Typical 
Elements, Penguin, 1972,) 


CH, Hs CH3 
xN A Al « 
cum hd AN 


Figure 12.15 Structure of 
aluminium trimethyl dimer. 
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At 90—120*C and 100 atmospheres pressure, ethene molecules are slowly 
inserted into the AI—C bonds. 


J CH. J CHCH: CH, — / (CH: CH), CH 
Al G;Hs cs ALES O2HE ES (Go «6H5), CoH; 
N CH; N CHs N (CH;- CH), : CoH 


Long chains up to Caw may be grown. Hydrolysis of these longish- 
chain aluminium alkyls gives straight chain hydrocarbons called polyeth- 
ylene or polythene. Formed in this way these are low molecular weight 
polymers (or oligomers), and are of no commercial use. If a transition 
metal catalyst such as TiCl, (Natta catalyst) is used then polymerization 
is much quicker. Furthermore the reaction does not require a high pres- 
sure and a much higher molecular weight polymer is produced. These 
high molecular weight polymers are very important as one route to com- 
mercial polythene (see Chapter 20 under ‘Organometallic compounds’). 

Alcohols with chain lengths of about C,; are produced from ethene by 
growing suitable aluminium alkyls, oxidizing with air and then hydro- 
lysing with water. Reaction of these alcohols with SO; gives sulphonates 
R—SO3H which are then neutralized to make biodegradable detergents 
CH4—(CH3),—0S0; Na+. (Detergents are discussed in Group 16 under 
SO3.) 

Aluminium alkyls catalyse the dimerization of propene in the forma- 
tion of isoprene: 

2CH; - CH=CH; = CH;- CH, - CH, C—CH; 
propene | 
CH; 
crack 
— CHz—CH:C-—CH; + CH, 
| 
CH; 
isoprene 

The use of aluminium alkyls in producing alcohols and isoprene is of 
considerable industrial importance. (Commercial polythene is made in 
two ways, either using titanium catalysts or by a peroxide-induced free 
radical polymerization, rather than with aluminium alkyls.) 
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PROBLEMS 


1. 


12; 


13. 


14. 


The first element in each of the main groups in the periodic table shows 
anomalous properties when compared with other members of the same 
group. Discuss this statement with particular reference to the elements 
Li, Be and B. 


. What is the main source of boron? Outline the steps in the extraction 


of boron. 


. Draw the structure of the Byz unit found in the solid structure of 


boron. What is this shape called? 


. (a) List features which make borax a useful primary standard, and 


give a balanced equation to show its use in titrations. 
(b) Work out the shape of the BO} ion and explain why it has this 
structure. 


. Orthoboric acid may be written as H3BO; or B(OH)s. How does it 


ionize in water and which way of writing the formula is the most 
helpful? How strong an acid is it? Why does glycerol enhance its acidic 
properties? Write a balanced equation for a neutralization reaction 
with boric acid. 


. Give an account of isopolyacids with special reference to borates. 


. Give one method for the preparation of diborane, BH. Why is it 
called an electron-deficient compound? Draw the structure of di- 
borane and give the bond lengths. What is unusual about the bonding 
in this compound? 


. How does diborane react with (a) ammonia, (b) boron tribromide and 


(c) trimethylboron? 


. Describe the use of diborane in hydroboration. 
. Give the preparation, structure and uses of sodium borohydride. 


. Compare the structures of BF; gas, AICI; gas and AlCl, in aqueous 


solution. 


Explain the following: 
(a) BF; has no dipole moment, but PF; has a substantial dipole 
(b) BF; and BrF; molecules have different shapes. 


Describe the preparation and give the structures of the dihalides of B, 
Ga and In. 


What is the principal ore of aluminium? How is the ore purified, and 


PROBLEMS 


15. 


16. 


17. 


how is the metal extracted? What is the process called? What is the 
function of cryolite in the process? What is aluminium used for? 


From the position of AI in the electrochemical series, would you 
expect it to be stable in water? Why is it stable in air and water? 


Give equations to show the reactions between Al and: (a) Hay. 
(b) NaOH, (c) No, (d) Oo, (e) Ch. 


Give two examples of alums. What species are present when these 
materials dissolve in water? 


. How is aluminium chloride prepared? What is its structure when 


anhydrous and when dissolved in water? Give an example of the use of 
AlCl; as a Friedel-Crafts catalyst. 


- How would you prepare LiH and LiAIH;. What are they used for? 


Give two different preparations for Et5AI and describe its use as a 
catalyst for polymerizing C;H;. Compare the products formed with 
those described in the section on titanium in Chapter 20. 


- Compare and contrast the chemistry of boron and aluminium. 


- Give reasons for trivalency and monovalency in Group 13 elements, 


and comment on the validity of divalent compounds such as GaCl;. 


. Write notes on the chemistry of thallium in the (+1) oxidation state. 


. Substance (A) is a yellowish-white deliquescent solid which sublimes 


and has a vapour density of 133. (A) reacted violently with water, 
forming solution (B). A sample of (B) gave a curdy white precipitate 
(C) on addition of dilute HNO; and AgNO; solution, but this readily 
dissolved on the addition of dilute NH,OH, though a gelatinous white 
precipitate was formed in its place. (D) was filtered off and dissolved in 
excess NaOH, forming a clear solution (E). When CO; was passed 
into (E), compound (D) was reprecipitated. 

Substance (A) dissolved unchanged in dry ether, and when this 
solution was reacted with LiH one of two products (F) or (G) was 
formed, depending on whether the LiH was in excess or not. 
Qualitative analysis of solution (B) gave a white gelatinous precipitate 
in Group III. When 0.1333 g of (A) was dissolved in water and treated 
with 8-hydroxyquinoline, 0.4594 g of precipitate was obtained. 
Identify the compounds (A) to (G) and give equations for all of the 
reactions. 
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The group 14 elements 


Table 13.1 Electronic structures and oxidation states 


Element Electronic structure Oxidation states* 
Carbon € [He] 25 2p IV 
Silicon Si [Ne] 3? 3p? (I) IV 
Germanium Ge [Ar] 3a? 45? 4p? I IV 
Tin Sn [Kr] 4d" 5s? 5p? II. IV 
Lead Pb [Xe] 4f!4 Sa" 6s? 6p? Iv 


*The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normal type. Oxidation states that are unstable, or in doubt, are given in 
parentheses. 


INTRODUCTION 


Carbon is extremely widespread in nature. It is an essential constituent of 
all living matter, as proteins, carbohydrates and fats. Carbon dioxide is 
essential in photosynthesis, and is evolved in respiration. Organic chemistry 
is devoted to the chemistry of carbon-containing compounds. Inorganic 
compounds produced on a large scale include carbon black, coke, graphite, 
carbonates, carbon dioxide, carbon monoxide (as a fuel gas), urea, calcium 
carbide, calcium cyanamide and carbon disulphide. There is great interest 
in organometallic compounds, carbonyls and x bonding complexes. 

The discovery that flint (hydrated SiO;) had a sharp cutting edge was 
very important in the development of human technology. Nowadays silicon 
is important in a number of materials produced in high tonnages. These 
include cement, ceramics, clays; bricks, glass and the silicone polymers. 
The very pure element is important in the microelectronics industries 
(transistors and computer chips). 

Germanium is little known, but tin and lead are very well known and 
have been used as metals since before Biblical times. Lead sheet was used 
on the floor in the Hanging Gardens of Babylon (one of the wonders of the 
ancient world) to prevent the water escaping. 
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OCCURRENCE OF THE ELEMENTS 


The elements are all well known, apart from germanium. Carbon is the 
seventeenth, and silicon the second most abundant element by weight in 
the earth's crust (Table 13.2). Germanium minerals are very rare. Ge 
Occurs as traces in the ores of other metals and in coal, but it is not well 
known. Both Si and Ge are important for making semiconductors and 
transistors. Though the abundances of tin and lead are comparatively low, 
they occur as concentrated ores which are easy to extract, and both metals 
have been well known since before Biblical times. 

Carbon occurs in large quantities combined with other elements and 
compounds mainly as coal, crude oil, and carbonates in rocks such as 
calcite CaCO; and magnesite MgCO; and dolomite [MgCO; - CaCO]. 


Table 13.2 Abundance of the elements in the- 
earth's crust by weight 


ee 
ppm Relative abundance 

[ej 180 17 

Si 272000 2 

Ge L5 54 

Sn 2.1 49 = 

Pb 13 36 

ee 


Carbon is also found in the native form: large amounts of graphite are 
mined, and extremely small quantities (in tonnage terms) of diamonds are 
mined too! Both CO; and CO are important industrially. CO, occurs in 
small amounts in the atmosphere, but this is important as CO; has a vital 
role in the carbon cycle with photosynthesis and respiration. CO is an 
important fuel, and forms some interesting carbonyl complexes. Silicon 
occurs very widely, as silica SiO; (sand and quartz), and in a wide variety 
of silicate minerals and clays. Germanium is only found as traces in some 
silver and zinc ores, and in some types of coal. Tin is mined as cassiterite 
SnO}, and lead is found as the ore galena PbS. 


EXTRACTION AND USES OF THE ELEMENTS 


Carbon 


Carbon black (soot) is produced in large amounts (4.5 million tonnes in 
1991). It is made by the incomplete combustion of hydrocarbons from 
natural gas or oil. The particle size is very small. Over 90% is used in the 
rubber industry to make car tyres. Its other main use is in newspaper ink. 
Coke is produced in very large amounts (390 million tonnes in 1991). 
Three hundred and thirty-nine million tonnes were produced by high 
temperature carbonization of coal, in which coal is heated in large ovens 
in the absence of air. Fifty-one million tonnes were produced by distilling 
heavier petroleum oils. Coke is extremely important in the metallurgical 
continued overleaf 
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extraction of iron and many other metals. The distillation of coal also 
provides a valuable source of organic chemicals. 

In 1992, 930000 tonnes of natural graphite were mined (China 59%, 
South Korea 17%, the Soviet Union 7% and India 5%). This is usually 
found as a mixture with mica, quartz and silicates, which contains 10— 
60% C. Graphite is separated from most of the impurities by flotation. 
Finally it is purified by heating with HCI and HF in a vacuum to remove the 
last traces of silicon compounds as SiF;. Sedimentary deposits of carbon 
are mined in Mexico. This was once thought to be amorphous carbon, but 
is now regarded as microcrystalline (very finely divided) graphite. Nearly 
as much graphite is made synthetically as is mined. 

3C + SiO == >SIC + 200 > Cearapnitey + Sio 
Graphite is used for making electrodes, in steel making and metal foun- 
dries, for crucibles, as a lubricant, and in pencils, brake linings and brushes 
for electric motors. It is also used as the moderator in the cores of gas 
cooled nuclear reactors, where it slows down neutrons. 

Activated charcoal is made by heating or chemically oxidizing sawdust or 
peat. World production was 864 200 tonnes in 1991. Active carbon has an 
enormous surface area, and is used to purify and decolorize sugar and 
other chemicals. It is also used to absorb poisonous gases in gas masks, in 
filter beds at sewage plants and as a catalyst for some reactions. 

The largest sources of diamonds are Australia 41%, Botswana 16%, 
Zaire 14%, the Soviet Union 11%, and South Africa 10%. World pro- 
duction of natural diamonds was 98 400 000 carats or 19.68 tonnes in 1992. 
Large diamonds are cut as gemstones, and their size is measured in carats 
(1g = 5 carats). About 30% are used as gemstones, and 70% are used for 
industrial purposes, mainly for making drills. or as an abrasive powder for 
cutting and polishing. as diamond is very hard (10 on Mohs’ scale) — see 
Appendix N. It is economic to make small industrial quality diamonds 
synthetically, by high temperature and pressure treatment of graphite. 


Silicon 


More than a million tonnes of Si are produced annually. Most of it is added 
to steel to deoxidize it. This is important in the manufacture of high silicon 
corrosion resistant steels. For this purpose it is convenient to use ferro- 
silicon. This is an alloy of Fe and Si. In 1991, 3.5 million tonnes of ferro- 
silicon were produced. It is made by reducing SiO; and scrap iron with 
coke. : 


SiO; + Fe + 2C — FeSi + 2CO 


The element Si is obtained by reducing SiO, with high purity coke. There 
must be an excess of SiO, to prevent the formation of the carbide SiC. Si 
is a shiny blue-grey colour and has an almost metal-like lustre, but it 
is a semiconductor. not a metal. High purity Si (for the semiconductor 
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industry) is made by converting Si to SiCl,. purifying this by distillation, 
and reducing the chloride with Mg or Zn. 


SiO; + 2C > Si + 2CO 
Si + 2Cl, > SiCl, 
SiCl, + 2Mg — Si + MgCl, 


The electronics industry requires small quantities of ultrapure silicon and 
germanium (with a purity better than 1: 10"). These materials are insula- 
tors when pure, but become p-type or n-type semiconductors when doped 
with a Group 15 or Group 13 element respectively. These are used as 
transistors and semiconductor devices. Very pure Si is also used to make 
computer chips (see Chapter 3 under ‘Micro-minaturised semiconductor 
devices’). To obtain ultrapure Si or Ge, the materials are first purified as 
much as possible, for example by careful fractional distillation of SiCl, to 
get pure Si. For the final stage of purification a process called zone refining 
is used. This is an excellent method for small quantities. A rod of the 
element, which has already been purified extensively, is placed in a long 
quartz tube filled with an inert gas. A heating coil melts a thin disc of the 
rod. The heater moves slowly from one end to the other, and pure Si or 
metal crystallizes from the melt. The impurities are more soluble in the 
liquid, and are carried to the end of the rod, where they are cut off and 
discarded. Semiconductor quality Si can also be made by sodium reduction 
of Naj[SiF,], which is a by-product from making phosphate fertilizers from 
fluoroapatite. 


Naj[SiF;] + 4Na — Si + 6NaF. 


Germanium 


Ge has been recovered from coal ash, but it is now recovered from the flue 
dust from smelting Zn ores. A number of steps are required in the recovery 
of Ge from flue dust to concentrate and purify it. These give pure GeO; 
which is reduced by H, to Ge at 500°C. Transistor grade (ultrapure) 
material is obtained by zone refining. World production was about 50 
tonnes in 1993 (20% of it from the USA). It is used mainly for making 
transistors and semiconductor devices. It is transparent to infra-red light 
and is therefore also used for making prisms and lenses and windows in 
infra-red spectrophotometers and scientific apparatus. 


Tin 


| The only important ore is cassiterite SnO>. Mine production was 177000 


tonnes (metal content) in 1992. The main supplies now come from China 
25%, Indonesia 17%, and Brazil 15%. In the UK, tin was mined in 
Cornwall from Roman times until this century, but these mines are now 

uneconomic. 
SnO; is reduced to the metal using carbon at 1200—1300*C in an electric 
continued overiea[ 
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2NO; = N20, 
paramagnetic diamagnetic 
brown colourless 


N20; is a mixed anhydride, because it reacts with water to give a mixture 
of nitric and nitrous acids: 
N20, + H;0 —> HNO; + HNO, 
The HNO, formed decomposes to give NO. 
2HNO; — NO; + NO + H;O 
2NO; + H2O > HNO; + HNO, 
Thus moist NO; or NO, gases are strongly acidic. 

The NO; molecule is angular with an O—N—O angle of 132°. The bond 
length O—N of 1.20A is intermediate between a single and a double bond. 
X-ray diffraction on solid N20, shows the structure to be planar. 

[9] [9] 
N DA 
THIS N 
y X 
[9] oO 
The N—N bond is very long (1.64 A), and is therefore weak. It is much 
longer than the single bond N-N distance of 1.47 A in N2H,, but there is no 


satisfactory explanation of why it is long. 
Liquid N5O, is useful as a non-aqueous solvent. It self-ionizes: 


N30, = NO* + NO; 


acid base 


In N2O, substances containing NO* are acids and those containing NO3 
are bases. A typical acid-base reaction is: 


NOCI + NH;NO; — NH,Cl + N20; 


acid base salt solvent 


Liquid N;O, is particularly useful as a solvent for preparing anhydrous 
metal nitrates and also nitrato complexes. 

ZnCl, + N20, > Zn(NO;); + 2NOCI 

TiBr, + N20, — Ti(NO3), + 4NO + 21; 
The NO;-N5O, system is a strong oxidizing agent. NO; reacts with 


fluorine and chlorine, forming nitryl fluoride NO;F and nitryl chloride 
NO,CI. It oxidizes HCI to Cl; and CO to CO). 


2NO; + F; > 2NO;F 
2NO; + Cl; > 2NO;CI 


2NO, + 4HCI ^ 2NOCI + Cl, + 2H;O 
NO, + CO > CO, + NO 


OXOACIDS OF NITROGEN 
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Dinitrogen pentoxide N20; 


NO; is prepared by carefully dehydrating HNO, with P,O; at low 
temperatures. It is a colourless deliquescent solid, which is highly reactive, 
is a strong oxidizing agent, and is light sensitive. It is the anhydride of 
HNO;. 

N20; + H2O 5 2HNO; 

N50; + Na > NaNO, + NO; 
N50; + NaCl > NaNO; + NO,CI 
N2Os + 3H,850, — H,O0* + 2NO} + 3HSO; 
In the gas phase N;Os decomposes into NO, NO and Oz. Nitrogen 
trioxide NO; may be formed by treating NO; with O3. 
X-ray diffraction shows that solid N2O; is ionic NO} NO3: it should in 


reality be called nitronium nitrate. It is covalent in solution and in the gas 
phase, and probably has the structure: 


fo) fe) 
X 
N—O—N 
/ \ 
(0) o 
OXOACIDS OF NITROGEN 


Nitrous acid HNO; 


Nitrous acid is unstable except in dilute solution. It is easily made by 
acidifying a solution of a nitrite. Barium nitrite is often used with H2504, 
since the insoluble BaSO, can be filtered off easily. 


Ba(NO;); + H2SO0, — 2HNO; + BaSO, 


Group 1 metal nitrites can be made by heating nitrates, either on their 
own or with Pb. 


heat 


2NaNO;—> 2NaNO, + O, 


NaNO; + Pb, NaNO» + PbO 
Nitrous acid and nitrites are weak oxidizing agents and will oxidize Fe2+ to 
Fe?* , and I7 to Ip: they themselves are reduced to N20 or NO. However, 
HNO, and nitrites are oxidized by KMnO; and Cl, forming nitrates NO; . 
Large amounts of nitrites are used to make diazo compounds, which are 
converted into azo dyes, and also pharmaceutical products. 
PhNH; + HNO, — PhN,Cl + 2H;O 


phenyldiazonium chloride 


Nitrites are important in the manufacture of hydroxylamine: 
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Figure 13,2 (a) The structure of 
a graphite sheet. (b) Structure of 
a-graphite. 


Diamonds are typically colourless, though industrial diamonds are often 
black. Most naturally occurring diamonds contain a trace of nitrogen, but 
‘blue diamonds’ contain a trace of Al instead. In diamond each C atom is 
tetrahedrally surrounded by four other C atoms, each at a distance of 
1.54A. The tetrahedra are linked together into a three-dimensional giant 
molecule. The unit cell is cubic. Strong covalent bonds extend in all 
directions. Thus the melting point is abnormally high (about 3930°C) and 
the structure is very hard (see Figure 13.1). (In a rare modification of 
diamond, the tetrahedra are arranged differently to give a wurtzite-like 
structure and a hexagonal unit cell.) 


Figure 13.1 The crystal structure of diamond. (Wells, A.F., Structural Inorganic 
Chemistry, Clarendon Press, Oxford.) 


Graphite is composed of flat two-dimensional sheets of carbon atoms. 
Each sheet is a hexagonal net of C atoms, and may be regarded as a fused 
system of benzene rings (Figure 13.2). The layers are held together by 
relatively weak van der Waals forces. In a-graphite the layers are arranged 
in the sequence ABAB. . . with the third layer exactly above the first layer. 
In f-graphite the order of layers is ABCABC... The two forms are 
interconvertible. Heating turns B into a, and grinding turns a into f. In 
both forms the C—C bond lengths within a sheet are 1.41 A (similar to the 
C—C distance of 1.40A in benzene). The distance between layers is 
3.35 A. This interlayer distance is large — appreciably more than twice the 
covalent radius of carbon (2 x 1.54A = 3.08 A). Thus bonding between 
layers is weak. Graphite cleaves easily between the layers, which accounts 
for the remarkable softness of the crystals (>1 on Mohs’ scale). (See 
Appendix N for Mohs’ scale.) Graphite is used as a lubricant, either on 
its own or in graphited oil. In contrast, diamond is hard (10 on Mohs’ scale) 
and has abrasive properties. The wide spacing of sheets in graphite also 
means that the atoms do not pack together to fill space very effectively. 
Thus the density of graphite (2.22 g cm?) is lower than that of diamond 
(3.51 g cm). 

In graphite only three of the valency electrons of each carbon atom are 
involved in forming.o bonds (using sp^ hybrid orbitals). The fourth 
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electron forms a 1 bond. The r electrons are delocalized over the whole 
sheet, and as they are mobile, graphite conducts electricity. Conduction 
can occur in a sheet, but not from one sheet to another. 

Graphite is thermodynamically more stable than diamond, and its free 
energy of formation is 1.9kJ mol^' lower at room temperature and 
ordinary pressure. Thermodynamically it is favourable for diamonds to 
turn into graphite. They do not normally do so because there is a high 
energy of activation for the process. If this activation energy is available, 
the change does occur, and diamond tipped drills do burn out and form 
graphite if they get too hot. The reverse process is not thermodynamically 
possible, and it requires very forcing high energy conditions to convert 
graphite to diamond. Graphite can be converted to synthetic diamonds at 
1600°C by a pressure of 50000-60000 atmospheres. 

When an electric spark is struck between graphite electrodes, soot is 
produced. (An atmosphere of argon is required to prevent the formation 
of CO; and CO.) This soot is mainly carbon black, but contains significant 
amounts of a Cs, carbon cluster compound sometimes called buckminster 
fullerene, Smaller amounts of other similar fullerenes C32, Cso, Cy, Ch 
and Cg, may also be produced. The fullerenes are easily extracted from 
the soot by dissolving them in benzene or hydrocarbon solvents, giving a 
wine red solution and finally mustard-coloured crystals. The different 
compounds are separated chromatographically. 

This isomer of carbon differs from diamond and graphite (which form 
lattices), in that the fullerenes form discrete molecules. The Ce molecule 
looks rather like a soccer ball, and is sometimes called ‘a bucky ball’. 
It consists of a fused system of five- and six-membered rings (Figure 
13.3). Fullerenes are covalent; hence their solubility in organic solvents. 
However, they can easily be reduced electrochemically, and react with 
Group 1 metals, forming solids such as K3Cg. This compound behaves as 
a superconductor below 18K, which means that it carries an electric 
current with zero resistance. Ceo reacts with OsO,, which adds across one 
of the double bonds in the cage. It also forms platinum complexes. 


DIFFERENCES BETWEEN CARBON, SILICON AND THE 
REMAINING ELEMENTS 


In general, the first element in a group differs from the rest of the group 
because of its smaller size and higher electronegativity. These result in the 
first element having a higher ionization energy, being more covalent, and 
being less metallic. 

Using the classical theory of bonding, the first atom is limited to forming 
à maximum of four covalent bonds, because only s and p orbitals are 
available for bonding. This would limit the coordination number to 4 in 
these compounds. The majority of carbon compounds are either three- or 
four-coordinate. However, multi-centre bonds are now well established, 
and a number of compounds are known where carbon has higher co- 
ordination numbers, as shown in Table 13.3. 


Figure 13.3 Structure of 
buckminster fullerene. 
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aromatic organic compounds. 1his is an important step in making ex- 
plosives, or the nitro compounds may be reduced to aniline and used for 
making dyestuffs: 


HNO; 8, NOs 


Eee ey" 


benzene nitrobenzene aniline 
(used for dyestuffs) 
H, CH, 
NO; ON. NO; 
— 
toluene NO, 
trinitrotoluene 


(used as an explosive) 


Figure 14.8 Nitration of benzene and toluene. 


Covalent nitrates are less stable than ionic nitrates. (This is a similar 
behaviour to that of the azides.) Nitroglycerine, nitrocellulose, trinitro- 
toluene (TNT) and fluorine nitrate (FNO) are all explosive (Figure 14.9). 

World production of explosives is quoted as 2.5 million tonnes for 1991, 
but the true value may be higher than this. 

HNO, is a strong oxidizing agent, and is used to oxidize cyclohexanol/ 
cyclohexanone mixtures to adipic acid (which reacts with hexamethylene- 
diamine in the manufacture of nylon-66). 


| 
eui ASS (CHa) (CH 
| | 


cyclohexanol COOH NH; 
or adipic hexamethylenc- 
acid diamine 
O 


| ~CO[NH(CH;),NH - CO(CH3),- CO}, NH— 


cyclohexanone nylon-66 


HNO; is also used to oxidize p-xylene to terephthalic acid for the 
manufacture of terylene. 
The structure of the nitrate ion is a planar triangle. All three oxygen 


OXOACIDS OF NITROGEN | 1507) 
CH; OH 
ON NO; ON NO; 
NO; NO; 
methyl-2.4,6-trinitrobenzene 2,4,6-trinitrophenol 
(trinitrotoluene, TNT) (picric acid) 


CH, — O — NO; 


o | 
CH — 0 — No, 


| 


CH, — O — NO; 


ONO; 


cellulose nitrate Propane-1,2,3-triyl trinitrate 
(nitrocellulose-gun cotton) (nitroglycerine) 


Figure 14.9 Some explosives. 


atoms are equivalent. In addition to the o bonds, four-centre x molecular 
orbitals cover the N and the three O atoms. Each of the N—O bonds has a 
bond order of 14, 1 from the 6 bond and 1 from the x bond. (This is des- 
cribed more fully in Chapter 4, under ‘Examples of molecular orbital 
treatment involving delocalised x bonding .) 

Reduction of nitrates in acid solution gives either NO; or NO, but in 
alkaline solutions. with metals such as Devarda's alloy (Cu/Al/Zn), 
ammonia is produced. 


cold dilute < 1M 


3Cu + 8HNO;- 2NO + Cu(NO3); + 41120 


stronger acid 


Cu + 3HNO, NO; + Cu(NO3); + H;O 
Devarda's alloy (Cu/Al/Zn) + NaOH > H 
NO; + 9H > NH; + 3H;O0 
NO; + 7H — NH; + 2H,0 


NO; NO, NO NH; 
oxidation state of N (+V) (+IV) (1I) (- III) 
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of energy required to form M** ions is extremely large and hence simple 
ionic compounds are rare. The only elements which will give a large 
enough electronegativity difference to give ionic character are F and O. 
The compounds SnF;, PbF;, SnF4, PbF,, SnO;, and PbO, are significantly 
ionic, but the only significant metal ion is Pb^* 


Melting points 


C has an extremely high melting point. Si melts appreciably lower than C, 
but the values for Si and Ge are still high. They all have the very stable 
diamond type of lattice. Melting involves breaking the strong covalent 
bonds in this lattice, and so requires a lot of energy. The melting points 
decrease on descending the group because the M—M bonds become 
weaker as the atoms increase in size (Table 13.4). Sn and Pb are metallic, 
and have much lower melting points. They do not use all four outer 
electrons for metallic bonding. 


Metallic and non-metallic character 


The change from non-metal to metal with increasing atomic number is well 
illustrated in Group 14, where C and Si are non-metals, Ge has some 
metallic properties, and Sn and Pb are metals. The increase in metallic 
character shows itself in the structures and appearance of the elements, in 
physical properties such as malleability and electrical conductivity, and in 
chemical properties such as the increased tendency to form M?* ions and 
the acidic or basic properties of the oxides and hydroxides. 


Four-covalent compounds 


The majority of the compounds are four-covalent. In this case all four 
outer electrons take part in bonding. In the valence bond theory this is 
explained by promoting electrons from the ground state to an excited state. 
The energy needed to unpair and promote the electron is more than repaid 
by the energy released on forming two extra covalent bonds. The distribu- 
tion of the four orbitals results in a tetrahedral structure, consistent with 
sp? hybridization. 


Electronic structure of — 1s 2s 

carbon atom — 

ground state 
two unpaired electrons, thus can only 
form two covalent bonds 


Carbon atom — 
excited state 


(Ua UR 
four unpaired electrons, thus can now form 
four covalent bonds, giving a tetrahedral 
Structure 
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CHEMICAL REACTIVITY 


The elements in this group are relatively unreactive. but reactivity 
increases down the group. The M" oxidation state becomes increasingly 
stable on descending the group. Pb often appears more noble (unreactive) 
than expected from its standard electrode potential of —0.13 volts. The 
unreactiveness is partly due to a surface coating of oxide. and partly due 
to the high overpotential for the reduction of H* to H, at a Pb surface. 
The production of H> from H* at a lead electrode is kinetically unfavour- 
able. so a much larger potential is required than the standard reduction 
potential. 

C. Si and Ge are unaffected by water. Sn reacts with steam to give SnO; 
and Hs, Pb is unaffected by water, probably because of a protective oxide 
film. 

C. Si and Ge are unaffected by dilute acids. Sn dissolves in dilute HNO}, 
forming Sn(NO);. Pb dissolves slowly in dilute HCI. forming the sparingly 
soluble PbCl, and quite readily in dilute HNO;, forming Pb(NO;); and 
oxides of nitrogen. Pb also dissolves in organic acids (e.g. acetic, citric and 
oxalic acids). Pb does not dissolve in dilute HSO, because a surface 
coating of PbSO, is formed. 

Diamond is unaffected by concentrated acids, but graphite reacts with 
hot concentrated HNO;, forming mellitic acid, and with a mixture of 
hot concentrated HF/HNO;, forming graphite oxide. Si is oxidized and 
fluorinated by concentrated HF/HNO3. Ge dissolves slowly in hot con- 
centrated H5SO, and in HNO.. Sn dissolves in several concentrated acids. 
Pb does not dissolve in concentrated HCI because a surface coating of 
PbCl, is formed. 

C is unaffected by alkalis. Si reacts slowly with cold aqueous solutions 
of NaOH, and readily with hot solutions, giving solutions of silicates 
[SiO,]*~. Sn and Pb are slowly attacked by cold alkali, and rapidly by hot 
alkali, giving stannates Na»[Sn(OH),] and plumbates Na;[Pb(OH),]. Thus 
Sn and Pb are amphoteric. 

Diamond does not react with the halogens, but graphite reacts with F, at 
500°C, forming intercalation compounds or graphite fluoride (CF),. Si and 
Ge react readily with all the halogens, forming volatile halides SiX4 and 
GeX,. Sn and Pb are less reactive. Sn reacts with Cl; and Br; in the cold, 
and with F, and I; on warming, giving SnX4. Pb reacts with F» in the cold, 
forming PbF>, and with Cl» on heating, giving PbCl;. 


INERT PAIR EFFECT 


The inert pair effect shows itself increasingly in the heavier members of the 
group. There is a decrease in stability of the (--IV) oxidation state and an 
increase in the stability of the (+II) state on descending the group. 
Ge(+II) is a strong reducing agent whereas Ge(+IV) is stable. Sn(+II) 
exists as simple ions which are strongly reducing but Sn(-- IV) is covalent 
and stable. Pb(+II) is ionic, stable and more common than Pb(+IV), 
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which is oxidizing. The lower valencies are more ionic because the radius 
of M?* is greater than that'of M** and according to Fajans’ rules, the 
smaller the ion the greater the tendency to covalency. 


STANDARD REDUCTION POTENTIALS (VOLTS) 


Acid solution Basic solution 


Oxidation state 


TCU ETT) 41V B 0 
+015 $ ps EUM 
Sp!* Z2 gg? Sn [Sn(OH)J]- ~~ HSnO3 Sn 
PbO. pb?* T pp PbO; — = PbO ——— Pb 
GRAPHITE COMPOUNDS 


The distance between layers in graphite is large: hence the bonding 
between layers is weak. Thus a large number of substances can invade the 
space between sheets, forming intercalation compounds of varying com- 
position. When atoms, molecules or ions invade the space between the 
layers, they cause an increase in the interlayer distance. Provided that the 
graphite sheets remain flat, the new compound retains its graphite-like 
character: the x electrons continue to be delocalized over the whole layer, 
and are thus able to conduct electricity. If the invading atoms add electrons 
to the x system, the electrical conductivity is increased, Reactions of this 
kind (i.e. intercalation reactions) are often reversible. 

When graphite is heated to about 300°C with the vapours of the heavier 
Group 1 metals K, Rb and Cs, it absorbs metal, forming a bronze coloured 
compound CgM.The bronze colour is due to the formation of metal atom 
clusters at these relatively high metal concentrations, in the same way as 
clusters are formed in solutions of these metals in liquid ammonia. If CM 
is heated to 350°C under reduced pressure, metal is lost and a series of 
intercalation compounds are formed ranging from steel blue to blue or 
black in colour, depending on the number of layers invaded by the metal 
(see Table 13.6). 


C 4 M5 CM 
CM > C4M > C«M— C44M — CeoM 


Intercalation compounds of Li and Na are more difficult to make, but a 
series of compounds is known: C,Li, Cj;Li, CisLi, Ci4Li and CypLi. 

The crystal structure of C4K is known. The graphite sheets remain 
intact, but the gap between the sheets increases because of the presence of 
metal atoms. The C atoms in one sheet are arranged vertically above those 
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in the sheet below, rather than in the ABAB... arrangement found in 
a-graphite. Since the sheets remain flat, they retain their delocalized n 
electron system. Thus CK can conduct electricity, but the electrical 
resistance is appreciably lower than for a-graphite, i.e. CgM conducts 
better than graphite (resistance at 285K: a-graphite 28.4ohm cm; CK 
1.02 ohm cm). Graphite is diamagnetic, and CK is paramagnetic. This 
suggests that bonding between metal and graphite layers involves the 
transfer of an electron from the alkali metal atom to the n system (that is to 
the conduction band) of the graphite sheets (K > K* + €). The presence 
of the invading species forces the graphite sheets apart from their usual 
distance of 3.35 À up to a distance as great as 10 Å. These alkali metal 
graphite compounds are highly reactive. They may explode in water, and 
react vigorously in air. 

FeCl; reacts with graphite and forms a different type of intercalation 
compound. Similar behaviour is found with. 


1. the halogens Cl, and Br; 
2. HF; 


Table 13.6 Idealized representation of graphite compounds showing different 
numbers of layers invaded by metal 


ll 


CM C4 M CM CM CoM 
bronze steel-blue blue black black 
every layer every second every third every fourth every fifth 
invaded layer invaded ^ layer invaded layer invaded ^ layer invaded 
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3. a large number of halides including CdCl, CuBr, FeCl;, AlCl}, CIF3, 
TiF4, MoCls, SbF;, UCI,, and XeFs; 

4. a number of oxides CrO3, MoO3, SO3, N;O; and Cl,07; 

5. and some sulphides FeS», PdS, V5S;. 


Some of the invading compounds can áct as electron pair acceptors. In 
others, for example FeCl, the compound C,FeCl, is formed in which the 
FeCl, forms a layer lattice within the hest lattice of graphite. This is almost 
the same as the layer lattice formed by FeCl, itself. The presence of this 
kind of invading species increases the electrical conductivity of graphite by’ 
a factor of up to ten times. There seems to be a transfer of electrons from 
graphite to the invading atoms. With Cl; and Br; the halogen may remove 
bonding electrons from graphite (Cl + e — Cl) thus leaving a ‘positive 
hole' in the valence band. The positive hole can migrate, and therefore 
can carry current. It is not known how conduction occurs in the halide 
intercalation compounds. 

A third class of compounds is formed between O and F with graphite. 
These compounds are non-conducting. Graphite oxide is formed when 
graphite is oxidized with strong reagents such as concentrated HNO;, 
HCIO, or KMnO,. Graphite oxide is unstable, pale lemon coloured and 
nonstoichiometric. It decomposes slowly at 70°C, and catches fire at 
200°C, forming H20, CO», CO and C. The O:C ratio approaches 1:2, 
but is often short of oxygen and frequently contains hydrogen. The inter- 
layer spacing is increased to 6-7 A. The oxide absorbs water, alcohols, 
acetone and a variety of molecules. This may increase the interlayer 
spacing up to 19 A. X-ray diffraction shows a layer structure with puckered 
sheets made up of a hexagonal network of atoms. The C, units are mostly 
in the chair conformation, but a few C=C bonds remain. The oxygen 
forms bridging (ether-like) linkages C—O—C and C—OH groups which 
may undergo keto-enol tautomerism =C—OH to )C=O. The sheets are 
buckled because all four electrons on a C atom are now involved in o 
bonding. This destroys the delocalized system of mobile x electrons found 
ih the flat sheets in graphite, and this explains the loss of electrical 
conductivity. 

Graphite fluoride is formed by heating graphite in F, at 450°C. The 
reaction proceeds at a lower temperature in the presence of HF. This can 
happen in cells producing Fz, and not only will it destroy the electrode, but 
it may also cause an explosion. The product CF, is nonstoichiometric, and 
n varies from 0.7 to 0.98. The colour varies from black through grey to 
Silver and white with increasing fluorine content. The interlayer spacing is 
about 8A. The structure is thought to be a layer structure with buckled 
sheets. It involves tetrahedral bonding by C atoms. CF is non-conducting, 
and very unreactive. 


CARBIDES 


Compounds of carbon and a less electronegative element are called 
carbides. This excludes compounds with N. P, O, S and the halogens from 
this section. Carbides are of three main types: 
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1. ionic or salt-like 
2. interstitial or metallic 
3. covalent 


The formulae of some of the compounds cannot be rationalized by the 
application of simple valency rules. All three types are prepared by heating 
the metal or its oxide with carbon or a hydrocarbon at temperatures of 
2000°C. 


Salt-like carbides 


It is convenient to group these’ depending on whether the structure 
contains C, C» or C; ‘anions . 

Beryllium carbide Be;C is a red solid and may be made by heating C and 
BeO at 2000*C. Aluminium carbide Al,C; is a pale yellow solid formed by 
heating the elements in an electric furnace. BesC contains individual C 
atoms/ions, but the structure of Al,C, is complex. It is misleading to 
formulate the structure as 4AP* and 3C*- as such a high charge separation 
is unlikely. Both Be;C and Al,C; are called merhanides because they react 
with H5O, yielding methane. 

Carbides with a C» unit are well known. They are formed mainly by the 
elements in Group 1 (M3C3); Group 2 (M''C;); the coinage metals (Cu, 
Ag, Au); Zn and Cd; and some of the lanthanides (LnC; and Ln4(C;)). 
These are all colourless ionic compounds and contain the carbide ion 
(—CzC—)"-. By far the most important compound is CaC). This is made 
commercially by strongly heating lime and coke: 


CaO + 3C > CaC, + CO AH = +466kJ mol"! 


The reaction is endothermic, and a temperature of 2200°C is required. 
These carbides react exothermically with water, liberating ethyne (formerly 
called acetylene), so they are called acetylides. 


CaC; + 2H;0 — Ca(OH), + HC=CH 


Production of CaC; reached a maximum of 7 million tonnes/year in 1960, 
but has since declined to 4.9 million tonnes in 1991. At one time it 
was the major source of acetylene for oxy-acetylene welding, but ethyne is 
now obtained mainly from oil. CaC; is an important chemical intermediate 
and is used on an industrial scale to produce calcium cyanamide. Cyana- 
mide is used as a nitrogenous fertilizer, and to make urea and melamine. 
(See Chapter 11, under ‘Carbides’.) 
CaC; + N, 2 Ca(NCN) + C 

The acetylides have a-NaCl type of lattice, with Ca?* replacing Na” and 
C3" replacing Cl~. In CaC;, SrC; and BaC; the elongated shape of the 
(C=C) ion causes tetragonal distortion of the unit cell, that is it 
elongates the unit ceil in one direction — see Chapter 3 Figure 3.12. 

One of the two carbides of magnesium Mg;C; contains a C, unit, and on 
hydrolysis with water it yields propyne CH;—C=CH. 
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Interstitial carbides 


These are formed mostly by transition elements, and some of the lantha- 
nides and actinides. The Cr, Mn, Fe, Co and Ni groups form a large 
number of carbides with a wide range of stoichiometries. They are typically 
infusible or are very high melting, and are very hard. For example, TaC 
has a melting point of 3900°C, and is very hard (9-10 on Mohs’ scale of 
hardness), and WC is also very hard. Both are used to make cutting tools 
for lathes. Interstitial carbides retain many of the properties of metals. 
They conduct electricity by metallic conduction, and have a lustre like a 
metal. 

In these compounds, C atoms occupy octahedral holes in the close- 
packed metal lattice, and so do not affect the electrical conductivity of the 
metal. Provided that the size of the metal is greater than 1.35 A, the 
octahedral holes are large enough to accommodate C atoms without dis- 
torting the metal lattice. (Since we are considering a metal lattice, 12- 
coordinate radii must be used.) If all the octahedral holes are occupied the 
formula is MC. Interstitial carbides are generally unreactive. They do not 
react with H5O like ionic carbides. Most react slowly with concentrated HF 
or HNO;. 

Some metals, including Cr, Mn, Fe, Co and Ni, have radii below 1.35 A: 
hence the metal lattice is distorted. Thus the structures are more com- 
plicated, for compounds such as V;C, Mn;C;, Fe,;C, V4C; and others. 
Cementite Fe;C is an important constituent of steel. These carbides are 
more reactive, and are hydrolysed by dilute acids, and in some cases by 
water, giving a mixture of hydrocarbons and H3. 

Some carbides are based on the NaC! structure, with C occupying all of 
the Cl positions. These include carbides of some of the early transition 
metals TiC, ZrC, HfC, VC, NbC, TaC, CrC and MoC, and those of some 
actinides such as ThC, UC and PuC. 


Covalent carbides 


SiC and B,C are the most important. Silicon carbide is hard (9.5 on Mohs’ 
scale), infusible and chemically inert. It is widely used as an abrasive called 
carborundum, and about 300000 tonnes are produced annually by heating 


quartz or sand with an excess of coke in an electric furnace at 2000- 
2500*C. 


SiO; + 2C > Si + 2CO 
Si + C > SiC 


SiC is very unreactive. It is unaffected by acids (except H3PO,), but it does 
react with NaOH and air, and with Cl, at 100°C, 


SiC + 2NaOH + 20; > Na,SiO; + CO; + H,O 
SiC + 2CL — SiCI, 
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SiC is often dark purple, black or dark green due to traces of Fe and other 
impurities, but pure samples are pale yellow to colourless. SiC has a three- 
dimensional structure of Si and C atoms, each atom tetrahedrally sur- 
rounded by four of the other kind. There are a large number of different 
crystal forms based on either the diamond or wurtzite structures. Boron 
carbide is even harder than silicon carbide and is used both as an abrasive 
and as a shield from radiation. It is manufactured in tonne quantities. Its 
formula is more correctly represented by B,;C> (see Chapter 12, under 
‘Borides’). 


OXYGEN COMPOUNDS 


Carbon forms more oxides than the other elements, and these oxides differ 
from those of the other elements because they contain px-pr multiple 
bonds between C and O. Two of these oxides, CO and COs, are extremely 
stable and important. Three are less stable: C303, C4O; and C,209. Others 
which are even less stable include graphite oxide, C,O and C303. 


Carbon monoxide CO 


CO is a colourless, odourless, poisonous gas. It is formed when C is burned 
in a limited amount of air. In the laboratory it is prepared by dehydrating 
formic acid with concentrated H5SO,. 


H: COOH + H;SO, —> CO + H;O 


CO can be detected because it burns with a blue flame. It also reduces an 
aqueous PdCl; solution to metallic Pd, and when passed through a solution 
of IO; it liberates Iņ, i.e. it reduces I;O; to L;. The latter reaction is used to 
estimate CO quantitatively. The I, is titrated with NajS5O;. 


PdCl, + CO + H2O — Pd + CO; + 2HCI 
5CO + LOs > SCO) + I, 


CO is toxic because it forms a complex with haemoglobin in the blood, 
and this complex is more stable than oxy-haemoglobin. This prevents the 
haemoglobin in the red blood corpuscles from carrying oxygen round the 
body. This causes an oxygen deficiency, leading to unconsciousness and 
then death. CO is sparingly soluble in water and is a neutral oxide. CO is 
an important fuel, because it evolves a considerable amount of heat when it 
burns in air. 


2CO +O. 2CO, AH? = —565kJ mol"! 
The following are all important industrial fuels: 


1. Water gas: an equimolecular mixture of CO and H;. 

2. Producer gas: a mixture of CO and N3. 

3. Coal gas: a mixture of CO, H2, CH, and CO», produced at a gasworks 
by distilling coal, and stored in large gas holders. This was the ‘town gas’ 
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supplied to peoples' homes for cooking and heating. In the UK it has 

now been replaced by natural gas (CH4), but town gas is still used in 

some countries. 

Water gas is made by blowing steam through red or white hot coke. 

GL H, (water gas) ^ AH?- c131kJ mol^' 
AS? = +134kJ mol! 


The water gas reaction is strongly endothermic (AG — AH — TAS). Thus 

the coke cools down, and at intervals the steam must be turned off and air 

blown through to reheat the coke. It is a particularly good fuel, i.e. it has a 

high calorific value, because both CO and H3 burn and evolve heat. 
Producer gas is made by blowing air through red hot coke. 


C + O; + 4N; > CO, + 4N; 
| | 
air +C 


2CO + 4N> (producer gas) 


The overall reaction is exothermic, so the coke does not cool down as with 
water gas. 


2€ + 0, 2CO AH? = —221kJ mol! and AS? = 4-179 kJ mol”! 


Producer gas is a less efficient fuel than water gas, ie. it has a lower 
calorific value, as only part of the gas will burn. The approximate composi- 
tion of producer gas is 70% N>, 25% CO, 4% CO» with traces of CHy, Hə 
and O;. 

CO is a good reducing agent and can reduce many metal oxides to the 
metal. (See "The occurrence and isolation of the elements', and "Thermo-, 
dynamics of reduction processes’, Chapter 6.) 


blast furnace 


Fe,0, + 3CO 2Fe + 3CO, 
CuO + CO — Cu + CO, 


CO is an important ligand. It can donate an electron pair to many 
transition metals, forming carbonyl compounds. The number of CO mol- 
ecules bonded to the metal in this way is generally in accordance with 
the effective atomic number rule (see Chapter 7). However, the bonding is 
more complicated than this implies. A number of different stoichiometries 
are formed (Table 13.7). 


Table 13.7 Binary metal carbonyls formed by the first row transition elements 


Se Ti M Cr Mn Fe Co Ni Cu Zn 


V(CO), Cr(CO), Mni(CO);, Fe(CO); CoxCO), Ni(CO), 
Fe(CO), Co;(CO);; 
Fex(CO)i2 Co((CO);, 


i 
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Carbonyl compounds may be made by a variety of reactions: 


Ni + 4C0 5 Ni(CO), 


200°C under pressure 


Fe + 5CO Fe(CO), 


photolysis 


2Fe(CO)s Fex(CO), + CO 


heat 


CrCl,  3Fe(CO), —5 Cr(CO), + 3FeCls + 9CO 


In the Mond process (now obsolete) for purifying nickel, nickel carbonyl 
Ni(CO), was made from Ni and CO at 50°C, (Water gas was used as the 
source of CO.) Ni(CO), is a gas and can be separated from other metals 
and impurities. The Ni(CO), gas was then decomposed at 230°C. Though 
the original process is obsolete, a modified process is used in Canada. 

The bonding in CO may be represented as three electron pairs shared 
between the two atoms: 


2650; or C=O 


It is better represented using the molecular orbital theory (see Chapter 4). 


2 EET 2 2 [rpi o TM. 
ols", o*15*, 6257, o"2s?, ie G2pi, o*2ps., n*2p? 
increasing energy 

— 


The carbon-metal bond in carbonyls may be represented as the donation 
of an electron pair from carbon to the metal M — C=O. This original 
o bond is weak. A stronger second bond is formed by back bonding, 
sometimes called dative x bonding. This arises from Sideways overlap of a 
full d,, orbital on the metal with the empty antibonding n*2p, orbital of 
the carbon, thus forming a x M — C bond. The total bonding is thus 
M—C--O. The filling, or partial filling, of the antibonding orbital on C 
reduces the bond order of the C—O bond from the triple bond in CO 
towards a double bond. This is shown by the increase in C—O bond length 
from 1.128A in CO to about 1.15 Å in many carbonyls. 

CO is the most studied organometallic ligand. Because of the back 
bonding it is sometimes called a x acceptor ligand. The drift of x electron 
density from M to C makes the ligand more negative, which in turn 
enhances its o donating power. Thus CO forms weak bonds to Lewis acids 
(electron pair acceptors) such as BF; as only c bonding is involved. In 
contrast CO forms strong bonds to transition metals where both c and n 
bonding can occur. Other m acceptor ligands include CN^, RNC, and 
NO*. Comparing these ligands, the strengths of the c bonds are in the 
order CN > RNC > CO > NO", whilst their x acceptor properties are in 
the reverse order. 
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Onc) e» c zo O72 o bond 
Gp c CE D) rm 


from full d orbital 


(SES C=O; 
GD on M to empty 
e 2 p orbital on C 


Figure 13.4 Schematic of orbital overlaps in metal carbonyls. (After N.N. Green- 
wood and A. Earnshaw, Chemistry of the Elements, Pergamon, 1984, p. 351.) 


CO is a very versatile ligand. It may act as a bridging group between the 
two metal atoms, for example in di-iron ennea carbonyl Fe(CO)y. CO 
may stabilize metal clusters by the C forming a multi-centre bond with 
three metal atoms, and the x* orbitals in CO may be involved in bonding 
to other metal atoms. 


Figure 13.5 Structure of Fe3(CO),. 


Carbon monoxide is quite reactive, and combines readily with O, S and 
the halogens F, Ci and Br. 
CO + 10, > CO; 
CO + S— COS — carbonyl sulphide 
CO + Cl — COCL, carbonyl chloride (phosgene) 


The carbonyl halides are readily hydrolysed by water, and react with 
ammonia to form urea: 
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COCI, + H;0 > 2HC! + CO; 
C NH; 


gas phase 
jad dace 


C=O + 2NH; C=O + 2HCI 


CI NH; 


urea 


Carbonyl chloride is extremely toxic, and was used as.a poisonous gas in: 


World War I, Nowadays it is produced in quite large quantities to make 
tolylene diisocyanate which is an intermediate in the manufacture of 
polyurethane plastics. 


Carbon dioxide CO, 


CO» is a colourless, odourless gas. It is a major industrial chemical, with 
5.3 million tonnes produced in the USA and 10 million tonnes worldwide 
in 1993. The main industrial source is as a by-product from the manufac- 
ture of hydrogen for making ammonia. 


CO + H;O = CO, + H» 

CH, + 2H;0 — CO, + 4H; 
It is also recovered from fermentation processes in breweries, from the 
gases evolved from calcining limestone in lime kilns and from the flue gases 


from coal-burning electric power stations. The CO» is recovered by ab- 
sorbing it in either aqueous Na>CO, or ethanolamine. 


yeast under 2C;H,OH 4 2C0, 


anaerobic conditions 


CH 206 


strong heat 


CaCO, 


It is obtained in small amounts by the action of dilute acids on carbonates. 
It can also be made by burning carbon in excess of air. 


CaO + CO, 


CaCO, + 2HCI > CaCl, + CO; + H20 
C + O: > CO, 
Recovery of CO; 


cool 
NaCO; + CO; + H;O = 2NaHCO; 
hot 


Girbotol process 
30-60°C 


2HOCH;CH;NH; + CO, + H;O (HOCH;CH;NH3);CO; 


ethanolamine 100- 150°C 


CO» gas can be liquified under pressure between —57°C and +31°C. 
About 80% is sold in liquid form, and 20% as solid. The solid is produced 
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as white snow by expanding the gas from cylinders. (Expansion causes 
cooling.) This is compacted’ into blocks and sold. Solid CO; sublimes 
directly to the vapour state (without going through the liquid state) at 
—78°C under atmospheric pressure. Over half the CO; produced is used as 
a refrigerant. Solid CO» is called ‘dry ice’ or ‘cardice’, and is used to freeze 
meat, frozen foods and ice cream, and in the laboratory as a coolant. Over 
a quarter is used to carbonate drinks (Coca-Cola, lemonade, beer etc.). 
Other uses include the manufacture of urea, as an inert atmosphere, and 
for neutralizing alkalis. Over 35 million tonnes of urea were produced 
worldwide in 1991. (Urea is the most widely used nitrogenous fertilizer 
and is also for making formaldehyde urea resins.) 


CO; + 2NH; =S, NH,CO:NH; > CO(NH;), + H:O 
carbamate 


Small scale uses of CO, include use in fire extinguishers, blasting in coal 
mines, as an aerosol propellant, and for inflating life-rafts. 

CO» gas is detected by its action on lime water Ca(OH), or baryta water 
Ba(OH)». as a white insoluble precipitate of CaCO, or BaCO; is formed. 
If more CO» is passed through the mixture, the cloudiness disappears as 
the soluble bicarbonate is formed. 


Ca(OH), + CO, — CaCO; + H,O 
vhite 
precipitant 


CaCO, + CO; + H:O — Ca(HCO3); 


soluble 


CO; is an acidic oxide, and reacts with bases. forming salts. It dissolves in 
water but it is only slightly hydrated to carbonic acid H»CO;, and the 
solution contains few carbonate or bicarbonate ions. A hydrate CO, - 8H,O 
can be crystallized at 0*C under a pressure of 50 atmospheres CO>. 


CO; + H20 = HCO, 


Carbonic acid has never been isolated, but it gives rise to two series of 
salts, hydrogencarbonates (otherwise called bicarbonates), and carbonates. 


NaHCO, sodium bicarbonate 
VA (acid salt) 
NaOH + (H5CO;) 


"NasCO; — sodium carbonate 
(normal salt) 


CO» can also act as a ligand. and it form a few complexes such as 
[Rh(CO:)CI(PR;);] and [Co(CO:)(PPh;),]. In the first complex the C 
atom in CO; is bonded to the metal. In the second complex the CO» acts as 
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a bidentate ligand with one C atom and one O atom bonded to the metal; 
and the CO, molecule is bent. ^ 

The structure of CO; is linear O—C—0O. Both C—O bonds are the 
same length. In addition to o bonds between C and O., there is a three- 
centre four-electron x bond covering all three atoms. This adds two n 
bonds to the structure in addition to the two o bonds. Thus the C—O bond 
order is two. This is described in more detail in Chapter 4. 

Biologically, carbon dioxide is important in the processes of photosyn- 
thesis. where the green parts of plants manufacture glucose sugar. Ulti- 
mately all animal and plant life depends on this process. 

sunlight 


6CO; + 6H;0 ——> CgH20, + 60; 


glucose 


The reverse reaction occurs during the process of respiration, where 
animals and plants release energy. 


C6H20¢ + 602 — 6CO; + 6H2O + energy 


Carbon suboxides 


Carbon suboxide C4O; is a foul-smelling gas, boiling point 6°C. It is made 
by dehydrating malonic acid with P4O;o. 


HOOC - CH; : COOH 79", O=C=C=C=O + 2H,0 


malonic acid 150°C 


It is stable at —78°C and the molecule is linear. At room temperature the 
gas polymerizes to a yellow solid, and at higher temperatures to red and 
purple solids. The oxide reacts with HO, giving malonic acid, and with 
HCI and NH; as follows: 


C50; + 2HCI ^ CH;(COCI); (acid chloride) 
C30; + 2NH; > CH;((CONH5;), (amide) 


There are disputed reports that CsO, is formed by thermolysis of C4O;. 
The only other stable suboxide is Cj5Os. This is a white solid, and is the 
anhydride of mellitic acid C((COOH),. 


CARBONATES 


There are two series of salts from carbonic acid H5CO.;, namely carbonates 
CO3" and hydrogencarbonates HCO. The COÀ- ion is flat. The CO2- 
ion does not exist, even though SiO" does. This is probably because C is 
too small, and the situation is analogous to the formation of NOz and 
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PO}” in Group 15. The structure of the COŻ- ion may be represented as 
follows: 


Electronic structure of — 15 One orbital 
carbon having gained [rs] e) [d used to 
four electrons by EEA torm a 
forming four bonds in n bond 
COs three Viris amy form a bonds: hence 


the shape of the ion is a plane triangle 
(sp? hybridization) 


The x bonding in the CO} ion is best described using a delocalized x 
molecular orbital covering all four atoms. (See Chapter 4.) 

Many carbonates of formula M"CO, have the same structure as calcite, 
but others have the aragonite structure. The structure adopted is related to 
the size of the metal ions. 


Sites Db Bar 
18 4:21 71:35 


Ga 
1.00 


Mn?2+ Mg?* Co?* Zn) Re^ Cd 
0.67 0.72 0.74 0.74 0.78 0.97 
calcite structure 


[aem aragonite structure —> 


Some carbonates are produced in very large amounts: 31.5 million 
tonnes/year of Na;CO;, 900000 tonnes/year NaHCO;, and 50000 tonnes/ 
year of Li,CO; (see Chapters 9 and 10). 

Carbonate ions are colourless and hence the carbonates of Group 1 and 
2 metals are white. Though Ag* salts are typically white, Ag;CO; is 
yellow due to the strong polarizing effect of Ag*. (NH4)xCO; and Group 
1 carbonates are readily soluble in water, except LixCO; which is only 
slightly soluble. TI;CO; is moderately soluble, but the other Group 13 
carbonates are sparingly soluble or insoluble. Carbonates all react with 
acids, liberating CO). 


Na;CO; + 2HCI — 2NaCl + CO; + H;O 
Group 1 carbonates are stable to heat, and melt without decomposing. 
Group 2 carbonates all decompose if heated sufficiently strongly. Their 


stability increases as the size of the metal ion increases. Most other 
carbonates decompose easily. 


CaCO; CaO + CO; 


BeCO,; MgCO, CaCO, SrCO; BaCO, 


Decomposition <100°C 540°C 900°C 1290 °C . 1360*C 
temperature 


The only solid bicarbonates known are those of the Group 1 metals and 
of NH;. These are colourless solids, and are somewhat less soluble than 
the corresponding carbonates. They decompose easily on heating. The 
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solid structures of these contain polymeric chains of HCO; groups 
hydrogen bonded together. 


THE CARBON CYCLE 


Though carbon is the seventeenth most abundant element in the earth's 
crust, and totals about 2 x 10'^ tonnes, most of this is in the form of 
coal, oil and various carbonates (limestone and dolomite) which are 
immobilized. 

In contrast there is a rapid turnover of CO» in the atmosphere, carbon 
compounds in living matter, CO; dissolved in the oceans. and more slowly 
with carbonate minerals formed on the sea bed. An equilibrium exists 
between them. The proportion of CO» in the atmosphere is approximately 
0.046% by weight, and 0.031% by volume. Though only a small percent- 
age, CO; is essential for life, and amounts to 2500 billion tonnes (2500 x 
10? tonnes). 

Photosynthesis by the green parts of plants and some brown and blue 
algae removes about 360 billion tonnes of CO; from the atmosphere a year 
= roughly 15%. Glucose sugar is the first product formed. This may be used 
for respiration and energy release by the plant, or incorporated into plant 
cells. These may be eaten by animals, and used for respiration or for 
producing animal cells. Eventually the same amount of CO; is returned to 
the atmosphere either by respiration of the plant or animal, or by death 
and putrefaction of plant or animal remains. 

Combustion of fossil fuels, mainly coal, oil and natural gas, and burning 
tropical rain forests adds about 25 billion tonnes of CO; to the atmosphere 
each year, (Coal production in 1992 was 4545 million tonnes, crude oil 
3034 million tonnes, natural gas 2.1 x 10 m*. Important amounts of CO, 
are released by burning limestone to make lime for making cement. Lime 
production in 1992 was 127.9 million tonnes so about 100 million tonnes 
of CO; was produced. 


CaCO; — CaO + CO; 


It is estimated that in 1992 the USA added 1.2 billion tonnes of CO; to the 
atmosphere, the USSR 1 billion tonnes and western Europe 0.8 billion 
tonnes. If all of this CO, remained in the atmosphere, it is estimated that 
the CO; content will double by the year 2020. With the ever increasing use 
of fossil fuels the amount of CO; could double even sooner. 

The CO; molecule absorbs strongly in the infrared region, and its 
presence in the atmosphere decréases the loss of heat from the earth by 
radiation. This global warming is called the ‘greenhouse effect’. (Other 
gases, including the oxides of nitrogen from car exhausts, Freons from 
aerosols and refrigerators and methane from bacteria in the soil and in the 
rumen of cows, also add to the greenhouse effect.) The magnitude of this 
efféct, and whether it exists at all are controversial. The concentration of 
atmospheric CO» has increased by 10% since 1958, and on the basis of 
measurements of CO; from ice cores is some 25% higher than before the 
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industrial revolution. This corresponds to about half the CO; produced 
from burning fossil fuels, and most of the remainder has been absorbed by 
the oceans. A United Nations report suggests that if nothing is done the 
mean temperature of the earth will rise by 2.5°C in the next 30 years. This 
is an average, varying from 2°C at the equator to 4°C at the poles. This 
could have dramatic effects on the climate. Some fertile areas like the grain 
belt in the USA would become desert and crops would not grow. The 
increased temperature would cause more evaporation of water and hence 
more rain, flooding and tropical storms in certain parts of the world. Part 
of the polar ice-caps would melt, and this together with the thermal 
expansion of the sea would flood vast aréas of land. 

It is by no means certain that these catastrophic changes will occur. It 
must be emphasized that there is a long timescale for the expected warming 
due to greenhouse gases. Furthermore in nature one change in the bio- 
sphere is usually balanced by another with the opposite effect. Biological 
and other feedbacks are likely to affect the future concentrations of green- 
house gases. More CO, in the atmosphere may enhance plant growth 
which will use it up. A whole forest can grow in 30 years. Since large 
amounts of CO, dissolve in the sea, this should make the pH of the 
sea decrease. In the extreme this increase in acidity might dissolve the 
calcareous shells of molluscs and other sea life, thus destroying them. This 
is far from certain, since if global warming does occur, the solubility of CO; 
in water will decrease. However, an increase in CO; in the surface 
waters could well lead to an increase in plankton — small marine plants, 
which use CO» in photosynthesis. In addition slow reactions occur on the 
ocean floor: 


CO} + CO; + H-O > 2HCO; 


The silicate sediments on the ocean floor play an important role in 
fixing the composition and pH of the water. An increase in pH is com- 
pensated by the dissolution of certain minerals and the precipitation of 
others. Thus silicate rocks may change to carbonates and SiO . If the pH 
subsequently changes the other way then these processes are reversed. 

The greenhouse debate is a reminder of the limited evidence, uncer- 
tainty and long timescale of the problems of global warming. The author's 
opinion is that it must be prudent to conserve energy, to improve efficiency 
and to reduce wasteful practices, since there is no immediate alternative in 
sight to using fossil fuels. Nuclear power is the only major alternative 
energy source, and at present many people find it unacceptable. The 
hydrogen economy is a long way off, and solar power and the power of 
wind and waves can at best provide only a very small fraction of our energy 
requirements. 


SULPHIDES 


Carbon disulphide CS; is the most important sulphide of carbon. It is a 
colourless volatile liquid, b.p. 46°C. It is dangerous to handle because 
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it is very flammable, it has a very low flash point (30*C) and it ignites 
spontaneously at 100°C. It is very poisonous, affecting the brain and 
central nervous system. Pure samples smell like ether, but organic im- 
purities frequently give it an extremely foul smell. It is a commercially 
important chemical, and world production was 280400 tonnes in 1991. At 
one time it was produced by heating charcoal and Svapour at about 850°C. 
Nowadays it is produced mainly from a gas phase reaction between natural 
gas and sulphur, catalysed by Al,O, or silica gel. 


QUOC 


CH, + 45—— CS, + 2H.S 


The main uses of CS; are as follows: 


1. The manufacture of viscose rayon (artificial silk) and cellophane. CS; 
reacts with cellulose and NaOH to form sodium cellulose dithio- 
carbonate (cellulose xanthate). 


cellulose—O 


N 
CS; + cellulose-OH + NaOH — C-—s 


/ 
NaS 


sodium cellulose xanthate 


This is dissolved in lye (aqueous alkali) to give a viscous solution called 
‘viscose’. On acidification, ‘viscose’ is converted back to cellulose in the 
form of fibres (either rayon or cellulose wool), or as a thin film 
(cellophane). 

» The manufacture of CCl, (see later under *Halides"). 

- Smaller amounts are used as a solvent for S in the cold vulcanization of 
rubber. 


wn 


CS; reacts with aqueous NaOH, giving a mixture of sodium carbonate 
and sodium trithiocarbonate: 


3CS, + 6NaOH — Na;CO; + 2Na,CS; + 3H;O 
CS) reacts with NH3, giving ammonium dithiocarbamate: 
CS; + 2NH; > NH4[H;NCS;] 


CS, is a linear molecule with a similar structure to CO;. CS, forms 
complexes more readily than CO). The complex [Pt(CS;)(PPh;)] is struc- 
turally similar to [Co(CO;)(PPh;),]. The CS; acts as a bidentate ligand 
with one C atom and one S atom bonded to the metal, and the CS; 
molecule is bent. The S atoms may bond to other metal atoms, giving more 
complicated complexes. The bonding cannot be explained by classical 
localized bonds. 

Sunlight changes CS; to CS, which is why CS; is stored in dark coloured 
bottles. A high frequency electric charge also converts CS; vapour to CS. 
CS is unlike CO, and is a highly reative radical even at the temperature of 
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liquid air. Passing an arc through CS» gives CS». This is thought to have 
the structure S=C=C=C=S, It is a red liquid that polymerizes slowly 
(as does C303). 


OXIDES OF SILICON 


Two oxides of silicon, SiO and SiO), have been reported. Silicon monoxide 
is thought to be formed by high temperature reduction of SiO» with Si, but 
its existence at room temperature is in doubt. 


SiO; + Si 2SiO 


Silicon dioxide SiO; is commonly called silica, and it is widely found as 
sand and quartz. Group 14 elements typically form four bonds. Carbon 
can form px—pz double bonds and hence CO; is a discrete molecule and is 
a gas. Silicon cannot form double bonds in this way using px—px orbitals. 
(A substantial number of silicon compounds are now known to contain 
pr-dr bonds in which the silicon atom appears to use d orbitals for 
bonding.) Thus SiO; forms an infinite three-dimensional structure, and 
SiO; is a high melting solid. SiO; exists in at least 12 different forms. The 
main ones are quartz, tridymite and cristobalite, each of which has 
different structures at high and low temperatures. a-Quartz is by far the 
most common. and is a major constituent of granite and sandstone. Pure 
SiO; is colourless, but traces of other metals may, colour it, giving semi- 
precious gemstones such as amethyst (violet), rose quartz (pink), smoky 
quartz (brown), citrine (yellow). and non-precious materials such as flint 
(often black due to C). agate and onyx (banded), 


(low 
temp.  a-quartz a-tridymite a-cristobalite 
forms) 
573°C 120- 160°C 200-278*C 
(high 70°C 
temp. — f-quartz === f-tridymite B-cristobalite === liquid 
forms) SiO; 


In all of these forms each Si is tetrahedrally surrounded by four O atoms. 
Each corner is shared with another tetrahedron, thus giving an infinite 
array. The difference between these structures is the way in which the 
tetrahedral SiO, units are arranged. a-Quartz is the most stable form at 
room temperature and in this the tetrahedra form helical chains. These are 
interlinked, Since the helix may be left or right handed, they cannot be 
superimposed, so it exists as d and / optical isomers. Individual crystals can 
be separated by hand. In cristobalite the Si atoms have the same arrange- 
ment as the C atoms in diamond, with O atoms midway between them. The 
relation between tridymite and cristobalite is the same as that between 
wurtzite and zinc blende. Heating any solid form of SiO; to its softening 
temperature, or slow cooling of molten SiO». gives a glass-like solid. This is 
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amorphous, and contains a disordered mixture of rings, chains and three- 
dimensional units. 

Silica in any form is unreactive. It is an acidic oxide and so does not react 
with acids. However, it does react with HF, forming silicon tetrafluoride 
SiF;. This reaction is used in qualitative analysis to detect silicates: when 
the SiF, comes into contact with a drop of water it is hydrolysed to silicic 
acid. This can be seen as a white solid forming on the surface of the drop of 
water. 

ASOT Gaby HBL es ginge ee 
+ Hio 


SiO, is an acidic oxide: it dissolves slowly in aqueous alkali, and more rap- 
idly in fused alkalis MOH or fused carbonates MCO3, forming silicates. 


SiO; + NaOH — (Na»SiO;),, and NasSiO, 


This reaction accounts for ground glass stoppers sticking in reagent bottles 
containing NaOH. Of the halogens, only fluorine attacks SiO;. 


SiO, + 2F, — SiF, + O; 


Quartz is important as a piezo-electric material for the crystals in 
gramophone pickups, for cigarette and gas lighters and for making crystal 
oscillators for radios and computers. There is insufficient natural quartz of 
high enough purity, and so it is made synthetically by hydrothermal growth 
of seed crystals from aqueous NaOH and vitreous silica at 400°C under 
pressure. 

Vitreous silica has a low coefficient of expansion, is quite resistant to 
shock, and is very transparent to visible and ultraviolet light. It is used for 
laboratory glassware, and for optical components such as lenses and prisms 
and cells to hold samples in UV-visible spectrophotometers. 

Silica gel is amorphous and very porous. It is obtained by dehydrating 
silicic acid, and contains about 4% water. It is widely used as a drying 
agent, a catalyst, and in chromatography. The mineral opal, which is used 
as a white or pearl-like gemstone, is hard (amorphous) silica gel. The 
beginnings of ordered structures are shown by various minerals, many of 
which are cut and polished as gemstones: 


Si(OH), or 
SiO; -2H;O 


ur «| 


agate (often banded colours) 

onyx (often white and black bands) 

carnelian (yellow or red) 

bloodstone (green with red spots) 

jasper (usually red or brown but sometimes green, blue or yellow) 
flint (colourless or black if C present) 


These are best written SiO; -nH;O. 

Kieselguhr is another form of SiO;. It is a fine white powder, and about 
2 million tonnes/year are obtained by open cast mining in Europe and 
North America. It is used in filtration plants, as an abrasive, and as an inert 
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filler. (Gelignite is a mixture of the explosive nitrobenzene (liquid) and 
inert kieselguhr (solid).) 


OXIDES OF GERMANIUM, TIN AND LEAD 


The dioxides GeO;, SnO, and PbO, normally adopt a TiO; structure with 
6:3 coordination. The basicity of the oxides increases down the group: this 
is the usual trend. Thus CO; and SiO; are purely acidic. GeO; is not as 
strongly acidic as SiOz, and SnO, and PbO, are amphoteric. GeO2, SnO; 
and PbO; dissolve in alkali to form germanates, stannates and plumbates 
respectively. The germanates have complicated structures similar to the 
silicates, but the stannates and plumbates contain [Sn(OH),]?~ and 
[PbÞ(OH)6] complex ions. There is no evidence of the existence of 
Ge(OH),, Sn(OH), and Pb(OH), and these are better represented as 
MO»(H50),, where n is about two. All three oxides are insoluble in acids 
except when a complexing agent such as F^ or Cl” is present, when 
complex ions such as [GeF,]*~ and [SnCl,]*~ are formed. 

The lower oxides GeO, SnO and PbO have layer lattices rather than the 
typical ionic structures. They are slightly more basic and ionic than the 
corresponding higher oxides. GeO is distinctly acidic, whilst SnO and PbO 
are amphoteric and dissolve in both acids and bases. The increased stability 
of the lower valence states on descending a group is illustrated by the fact 
that Ge"! and Sn" are quite strong reducing agents whereas Pb! is stable. 

PbO is commercially important. It exists as a red form called litharge and 
a yellow form called massicot. Litharge is used in large amounts to make 
lead glass, and in ceramic glazes. World production is about 250000 
tonnes/year. ‘Black oxide’ of lead is a mixture of PbO and Pb, and is 
extensively used to make the plates in electric storage batteries for motor 
cars. The anode is oxidized to PbO;, and the cathode is reduced to spongy 
lead. About 700000 tonnes/year are used worldwide. 

Lead also forms a mixed oxide Pb;O,. This is called red lead and may be 
represented as 2PbO - PbO;: clearly it contains Pb(II) and Pb(IV). Pb4O, 
is used in paint to prevent the rusting of iron and steel. It is also used 
to colour and vulcanize plastic and artificial rubber. Smaller amounts 
are used in ceramics and glassmaking. World production is about 18000 
tonnes/year. 

PbO; is used as a strong oxidizing agent, and is produced in situ in lead 
storage batteries. 


SILICATES 
Occurrence in the earth's crust 


About 95% of the earth's crust is composed of silicate minerals, alumino- 
silicate clays, or silica. These make up the bulk of all rocks, sands, and 
their breakdown products clays and soil. Many building materials are . 
silicates: granite, slates, bricks, and cement. Ceramics and glass are also 
silicates. 
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SILICATES 
first olivine MiSiO, 
pyroxenes MX(SiO4); 
amphiboles M}(AI,Si),0,; - (OH); 
biotite micas (K,H)&(Mg,Fe");(Al,Fe") (SiO) 
orthocase feldspars KAISi,0, 
muscovite micas KAI2(AlSi30;0) - (OH) 
quartz SiO; 
last zeolites Na»(Al;Si3O,,)2H;O0 


(Leaving a small amount of water, SO», S, Pb, Cu, Ag, Sn, As, Sb, Bi and other transition 
metals in solution under a very high temperature and pressure) 


Figure 13.6 Sequence in which minerals are thought to have crystallized. 


The three most abundant elements are O, Si and Al. Together they 
make up 81% of the earth's crust, that is four out of five atoms are one of 
these. This is a much higher abundance than in the earth as a whole or in 
the universe. During the cooling of the earth the lighter silicate materials 
crystallized and floated to the surface, resulting in the concentration of 
silicates in the earth's crust. 

N.L. Bowen has summarized the sequence in which these crystalline 
minerals appeared as the magma cooled, and this is called Bowen's 
Reaction Series (Figure 13.6). 

Several points arise: 


1. The simpler silicate units crystallized first. 

2. Hydroxyl groups appear in the later minerals, and F may be substituted 
instead of OH. 

3. Isomorphous replacement, i.e. changing one metal for another without 
changing the structure. occurs particularly in the later minerals. 

4. The orthoclase feldspars, muscovite mica and quartz are the major 
minerals of granite. ] 

5. As the silicates cooled further. they shrank and cracked. The hydro- 
thermal (hot water) solution moved through the cracks nearer the sur- 
face to regions of lower temperature and pressure where the elements 
precipitated and then combined with S, forming veins of sulphides. 


Soluble silicates 


Silicates can be prepared by fusing an alkali metal carbonate with sand in 
an electric furnace at about 1400°C. 


Na COs 25 5, CO; + Na,0 “2%, Na,SiO,, (Na;SiO;), and others 


The product is a soluble glass of sodium or potassium silicate. It is 
dissolved in hot water under pressure, and is filtered from any insoluble 
material. The composition of the product varies, but is approximately 
Na58i20; - 6H5O. In 1991, 2.6 million tonnes of soluble sodium silicates 
were produced (measured in terms of SiO; content). They are used in 
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liquid detergent preparations to keep the pH high, so that grease and fat 
can be dissolved by forming a soap. Soluble silicates must not be used if 
the water is hard, or they will react with Ca** to form insoluble calcium 
silicate. Sodium silicate is also used as an adhesive (for example for 
pasting paper, bonding paper pulp and corrugated cardboard), in asbestos 
roof tiles, in fireproof paint and putty, and in making silica gel. 


Principles of silicate structures 


The majority of silicate minerals are very insoluble, because they have an 
infinite ionic structure and because of the great strength of the Si—O 
bond. This made it difficult to study their structures, and physical proper- 
ties such as cleavage and the hardness of rocks were originally studied. The 
structural principles in silicate structures have only become apparent since 
the structures have been solved by X-ray crystallographic methods. 


1. The electronegativity difference between O and Si, 3.5 — 1.8 = 1.7. 
suggests that the bonds are almost 50% ionic and 50% covalent. 

2, The structure may therefore be considered theoretically by both ionic 
and covalent methods. The radius ratio Si** : O?- is 0.29. which 
suggests that Si is four-coordinate, and is surrounded by four O atoms at 
the corners of a tetrahedron. This can also be predicted from the use of 
the 3s and three 3p orbitals by Si for bonding. Thus silicates are based 
on (SiO,)*~ tetrahedral units. 

3. The SiO, tetrahedra may exist as discrete units, or may polymerize into 
larger units by sharing corners. that is by sharing O atoms. 

4. The O atoms are often close-packed, or nearly close-packed. Close- 
packed structures have tetrahedral and octahedral holes, and metal ions 
may occupy either octahedral or tetrahedral sites depending on their 
size. Most metal ions are the right size to fit one type of hole, though 
AI** can fit into either. Thus Al can replace either a metal in one of the 
holes, or a silicon atom in the lattice. This is particularly important in 
the aluminosilicates. 


Occasionally Li may occupy sites with a coordination number of 6 rather 
than the usual 4, and K and Ca may have a coordination number of 8 rather 
than the usual 6. The radius ratio principle is a useful guide, but it is only 
strictly applicable to ionic compounds, and silicates are partly covalent. In 
these compounds the full charge separation to give Si** and O?- does not 
occur, and empirical ‘effective ionic radii’ may be used instead of normal 
ionic radii (see Further Reading, R.D. Shannon.) 


CLASSIFICATION OF SILICATES 


The way in which the (SiO,4)*~ tetrahedral units are linked together 
provides a convenient classification of the many silicate minerals. 
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Orthosilicates (neso-silicates) 


A wide variety of minerals contain discrete (SiO4)^- tetrahedra, that is 
they share no corners (see Figure 13.7). They have the formula M''[SiO,], 
where M may be Be, Mg, Fe, Mn or Zn. or M''[SiO,]. for example 
ZrSiO4. Different structures are formed depending on the coordination 
number adopted by the metal. 

In willemite Zn»;[SiO,], and phenacite Be2[SiO,], the Zn and Be atoms 
have a coordination number of 4, and occupy tetrahedral holes. 

In forsterite Mg,[SiO,], the Mg has a coordination number of 6 and 


Table 13.8 Types of holes occupied in close-packed structures 


Oxide Radius Coordination Type of hole 
ratio number occupied 
Bets 0%- 0.25 4 Tetrahedral 
Sitor o? 0.29 4 Tetrahedral 
ABE 0.42 4 or 6 | Tetrahedral or 
Octahedral 
Mg OF" 0.59 6 Octahedral 
Fe** Or 0.68 6 Octahedral 


occupies octahedral holes.When octahedral sites are occupied, it is quite 
common to get isomorphous replacement of one divalent metal ion by 
another of similar size, without changing the structure. The mineral olivine 
(Mg. Fe);[SiO;] has the same structure as forsterite, but about one tenth of 
the Mg?* ions in forsterite are replaced by Fe** ions. The ions have the 
same charge and similar radii (Mg?* 0.72 A, Fe?* 0.78 A), and occupy the 
same type of hole. Thus substitution of one metal for another does not 
change the structure. This mineral may also have Mn'' in some octahedral 
sites, thus giving (Mg, Fe, Mn);[SiO;]. These structures are all related to 
hexagonal close-packing. 

Zircon ZrSiO, is used as a gemstone as it can be cut to look like a 
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Figure 13.7 Structure of orthosilicates. (After T. Moeller.) 
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diamond, but is much cheaper. Zircon is much softer than diamond, and 
the cut edges which make the gem attractive eventually wear and spoil the 
look of the stone. Zircon has a coordination number of 8..The structure is 
not close-packed. 

The garnets are another important group of minerals with discrete tetra- 
hedra. Large crystals of garnet are cut and polished and used as a red 
gemstone. Much larger amounts (106 099 tonnes in 1993) are used to make 
‘sandpaper’. The formula is MI'MI!'[(SiO;).]. M'' may be Mg, Ca or Fe, 
and these are six-coordinate, M!!! may be Fe'!’, Cr or Al and these are 
eight-coordinate. 


Pyrosilicates (soro-silicates, disilicates) 


Two tetrahedral units are joined by sharing the O at one corner, thus 
giving the unit (Si;O;)*-. This is the simplest of the condensed silicate 
ions. The name pyro comes from the similarity in structure with pyro- 
phosphates such as Na;P;O;, and these were named because they can be 
made by heating orthophosphates (see Figure 13.8). 

Pyrosilicates are rare. One example is,thortveitite Sc[Si;O7]. A number 
of lanthanide disilicates have similar formulae Ln;[Si;O;]. These are not 
quite the same, as the Si—O—Si angle is not 180° as in the Sc compound, 
but varies down to 133°, and the coordination number of the metal changes 
from 6 to 7 and then to 8 as the size of the metal increases. Hemimorphite 
Zn4(OH);[Si;O;] - H20 is another example, but structural studies show no 
difference in the lengths of the bridging and terminal Si—O bonds. Thus 
the representation as a disilicate ion may be misleading, and the structure 
may be better considered as [SiO4] and [ZnO3(OH)] tetrahedra linked to 
give a three-dimensional network. 


Figure 13.8 Structure of pyrosilicates SiyO$-. (After T. Moeller.) 


Cyclic silicates 


If two oxygen atoms per tetrahedron are shared, ring structures may be 
formed of general formula (SiO;)7”~ (Figure 13.9). Rings containing 
three, four, six and eight tetrahedral units are known, but those with three 
and six are the most common. The cyclic ion Si;O$~ occurs in wollastonite 
Caj[Si;O,] and in benitoite BaTi[Si;O;]. The Si,O{3~ unit occurs in beryl 
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Figure 13.9 Structure of cyclic silicates SijO$ and Si,O[Z-. (After T. Moeller.) 


Be;Ab[Si,O 4]. In beryl the Si,O), units are aligned one above the other, 
leaving channels. Na*, Lit and Cs* are commonly found in these 
channels, and because of the channels the mineral is permeable to gases 
consisting of small atoms or molecules, e.g. helium. Beryl and emerald are 
both gemstones. Beryl is found with granite and usually forms pale green 
crystals which are six-sided prisms. Emerald has the same formula as beryl 
except that it contains 1-2% Cr which gives it a strong green colour. 


Chain silicates 


Simple chain silicates or pyroxenes are formed by the sharing of the O 
atoms on two corners of each tetrahedron with other tetrahedra. This gives 
the formula (SiO4)2"- (see Figures 13.10 and 13.11). A large number of 
important minerals form chains, but there are a variety of different struc- 
tures formed because the arrangement of the tetrahedra in space may vary 
and thus affect the repeat distance along the chain. The most common 
arrangement repeats after every second tetrahedron, for example in spodu- 
mene LiAI[(SiO:)5] (which is the main source of Li), enstatite Mg»[(SiO:);], 
and diopsite CaMg[(SiO;);]. Wollastonite Ca;[(SiO;);] has a repeat unit of 
three tetrahedra, and others are known with repeat units of 4, 5, 6, 7, 9 
and 12. 

Double chains can be formed when two simple chains are joined 
together by shared oxygens. These minerals are called amphiboles, and 
they are well known. There are several ways of forming double chains, 
giving formulae (SixOs)?"~, (SijOi)?"", (SigO,7)!°- and others. (See 
Figure 13.12.) 
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of chain 


Figure 13.11 Structure of pyroxenes (SiO3)?"~. (After T. Moeller.) 


The most numerous and best known amphiboles are the asbestos 
minerals. These are based on the structural unit (Si,;O,,)%"~. In this 
structure (Figure 13.12) some tetrahedra share two corners, whilst others 
share three corners. Examples include tremolite, CasMgs[(SigO, 1)2](OH)>, 
and crocidolite Na,Fe}'Fe}"[(Sis0;1)2](OH)>. Amphiboles always contain 
hydroxyl groups, which are attached to the metal ions. 

The Si—O bonds in the chains are strong and directional. Adjacent 
chains are held together by the metal ions present. Thus pyroxenes and 
amphiboles cleave readily parallel to the chains, forming fibres. For this 
reason they are called fibrous minerals. The cleavage angle for pyroxenes is 
89°, and for amphiboles 56°. This is used as a means of identifying the 
minerals. These angles are related to the size of the cross-sectional tra- 
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Figure 13.13 Structure of amphiboles (SigO,,)8". (After T. Moeller.) 


pezium of the chains and the way in which they are packed together (see 
Figure 13.14). 

Asbestos is of considerable commercial importance, and 2.8 million 
tonnes were mined in 1993 (Soviet Union 36%, Canada 19%, Kazakhstan 
14%, and China and Brazil 9% each). It is useful because it is strong, 
cheap, resistant to heat and flames, and also resistant to acids and alkalis. 
Most is used to make asbestos reinforced cement and roofing sheets. 
Smaller amounts are used for brake linings, clutch linings, asbestos paper, 
adding to vinyl floor coverings, and thermal insulation for pipes, and 
fibres may be woven into asbestos cloth to make fire fighting suits. 

Asbestos minerals come from two different groups of silicates: 


1. The amphiboles. 
2. The sheet silicates. 


The amphiboles include crocidolite Na;Fel!Fel[Si,O;.(OH);. which is 
called blue asbestos, and others derived from it by isomorphous replace- 
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Figure 13.14 Cleavage angles in pyroxenes and amphiboles. 


ment, for example amosite or brown asbestos (Mg, Fe”')-[Sis022](OH)2. 
Together these make up about 5% of the asbestos used. 

The mineral chrysotile Mg;(OH);[Si?;O;] is called white asbestos, and 
this is derived from serpentine, and is a sheet silicate. This constitutes 95% 
of the asbestos used. 

Though asbestos is chemically inert, it presents a serious health hazard. 
Inhaling asbestos dust causes asbestosis or scarring of the lungs. It also 
causes lung cancer. Blue asbestos appears to be the worst hazard. The 
disease may have a latent period of 20—30 years. The best control is to 
minimize asbestos dust, and to handle asbestos wet if possible. 


Sheet silicates (phyllo-silicates) 


When SiO, units share three corners the structure formed is an infinite 
two-dimensional sheet of empirical formula (SiO«)7"- (see Figure 13.15). 
There are strong bonds within the Si—O sheet, but much weaker forces 
hold each sheet to the next one. Thus these minerals tend to cleave into 
thin sheets. 

Structures with simple planar sheets are rare. A large number of sheet 
silicates are important and well known. These have slightly more 
complicated structures, and are made up of either two or three layers 
joined together. These include: 


1. Clay minerals (kaolinite, pyrophyllite, talc) 

2. White asbestos (chrysotile, biotite) 

3. Micas (muscovite and margarite) 

4. Montmorillonites (Fullers earth, bentonite and vermiculite) 


Consider how a two-layer structure may be formed. If we start with a 
simple silicate sheet, then one side of the sheet contains all the unshared 
(singly bound) O atoms. The pure hydroxides Al(OH); and Mg(OH), both 
crystallize with layer structures (and Al and Mg are six-coordinate and 
occupy octahedral sites). The unshared O in a silicate sheet have almost 
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(Sig092^ sheet 
Figure 13.15 Structure of sheet silicates (Si,Os)?"~. (After T. Moeller.) 


the same relative positions as two thirds of the OH groups on each side of 
these hydroxide layers. If a Si;O« layer is placed alongside a layer of 
y-gibbsite AI(OH)s, then many of the O atoms will coincide. The OH 
groups in Al(OH); can be removed and an electrically neutral two-layer 
structure is formed. These double layers stacked parallel give the mineral 
kaolinite, which has the formula Al,(OH),[Si,O.]. It is a white solid and is 
formed by the decomposition of granite. Large amounts are used for filling 
paper, and as a refractory. World production of kaolinite was 22.5 million 
tonnes in 1992 (USA 41%, UK 11%, and South Korea 8%). China clay or 
kaolin is mined in Cornwall. It is a high grade ‘of kaolinite, and when 
small amounts of SiO; and mica are removed it can be mixed with water 
to give a white or nearly white plastic clay. Small amounts are used for 
making porcelain, china cups and plates, sanitary ware, and other ceram- 
ics, and for chromatography, as treatment for indigestion and for poultices. 

One Al(OH); layer has two equivalent sides. A Si;Os layer was com- 
bined with one side in kaolinite, but a second Si;O; sheet can combine 
with the other side thus giving a three-layer structure. This is made up of 
silicate, AI(OH);, silicate. Pyrophyllite AL(OHD»[(Si?05);] has this three- 
layer structure (Figure 13.16). 

A layer of brucite Mg(OH), may be combined with a Si3Os layer to form 
a two-layer structure. This gives the mineral chrysotile Mg;(OH)4[Si;Os] 
(white asbestos), which is of considerable commercial importance. Alter- 
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AI(OH); Gibbsite sheet Mg(OH); Brucite sheet 


Figure 13.16 Two- and three-layer structures. 


natively brucite may combine with two SiOx layers, forming a triple- 
sheet structure called talc or soapstone Mg,(OH),[(Si:Os)2]. These triple 
sheets are electrically neutral, and there are no metal ions holding one 
sheet to the next. so the structure breaks very easily, and is very soft. 
Soapstone has a slippery feeling (hence its name), It acts as a dry lubricant. 
World production of talc was 8.4 million tonnes in 1992. It is used mainly in 
making ceramics, paper and paint. Small amounts are used in cosmetics, 
as talc can be ground into a fine powder and used as talcum powder. 

Substitution of atoms may occur in the triple-layer structures of the 
pyrophyllite types. If Si is partly replaced by AI (in tetrahedral holes) then 
the sheet becomes negatively charged. These charges are balanced by 
positively charged metal ions which are placed between the layers. This 
gives rise to the mica minerals. These are a group of minerals characterized 
by the fact that they are readily split into glistening transparent flexible 
sheets of varied colour. Muscovite has the formula KAI;(OH),[AISi,0 jo] 
and is called white mica. Margarite has the formula CaAl,(OH)>{AISi;O 9]. 
Substitution of atoms may also occur in tale Mg,(OH)>[Si,O,]. Replac- 
ing Si by Al + K gives a mica called phlogopite KMg,(OH)>[AISi,O,,\]. 
Partial replacement of Mg by Fe" gives the common mineral biotite 
K(MgFe!'),(OH)s[AISisO,] or black mica. Micas are much harder than 
tale and the other minerals in this section because of the electrostatic 
attraction between the negatively charged triple sheets and the positive 
metal ions. However, this is still a point of weakness in the structure, and 
micas cleave between the layers quite readily. World production of mica 
was 214000 tonnes in 1992. The main sources are the USA 40%, Soviet 
Union 16% and Canada 8%. Sheet mica is used as an electrical insulator 
and as a former on which to wind electric heating elements (e.g. in 
electric irons). It is also used in electrical capacitors and for windows in 
furnaces. Finely ground mica is used as a filler in plastics and rubber, in 
insulating board, and in polychromatic and glitter paint (e.g. for motor 
cars). 

The clay minerals are formed from other silicates by weathering, or by 
hydrothermal processes, i.e. by the action of water under heat and pressure. 
They contain electrically neutral layers. e.g. kaolinite. and pyrophyllite. 
The clay minerals also include the montmorillonites, which have negatively 
charged layers, but the number of charges is much lower than in the micas. 


[ CLASSIFICATION OF SILICATES 


Some, but not all, of the octahedral Al" in pyrophyllite Al;(OH)»[(Si3O:);] 
are replaced by Mg", giving (Mga xs. Ali ;)(OH)4(Si;0:);] ^. The 
triple sheets thus have a small negative charge, and 1/3 M* or 1/6 M?* 
must be incorporated between the layers. These metal ions can be 
hydrated, and the minerals are sometimes called hydromicas. Finely 
divided particles suspended in water have thixotropic properties. The 
particles are small plates with negative charges on the surface, and positive 
charges on the edge. The particles are free to move in water, and they 
arrange themselves + to — and thus give a semi-solid gel-like mass. If, 
stirred the +/— attractions are broken. and the suspension becomes 
watery, that is of lower viscosity. They are used in thixotropic non-drip 
emulsion paints. These minerals can also act as ion exchangers. Fuller's 
Earth is a calcium montmorillonite. It is very absorbant: about 4.2 million 
tonnes were produced in 1992, mainly to decolorize and deodorize veget- 
able and mineral oils, fats and waxes. It is also used to mop up oil spills, 
and as litter for pet animals. It can act as an ion exchanger for Ca**, and 
replacement of Ca** by Na* gives the mineral bentonite, This has marked 
thixotropic properties and is used as drilling mud, and in water-based 
emulsion paints (9.2 million tonnes of bentonite were produced in 1992). 

If in tale Mgi(OH)j[(Si;O«);] substitution of Mg** in the brucite 
sheet occurs, and if also replacement of Si** with AI'* occurs in the 
silicate sheet, then vermiculites are formed. A typical formula is 
Na,(Mg, Al, Fe)i( OH)s[((Si, Al)205)2}: H20. If vermiculites are heated 
they dehydrate in an unusual way by extruding little worms: hence the 
name. These materials are porous and light in weight, and are used for 
packing and insulation, and as ‘soil’ for growing plants by ring culture. 
About half a million tonnes are produced each year. 


Three-dimensional silicates 


Sharing all four corners of a SiO, tetrahedron results in a three- 
dimensional lattice of formula SiO; (quartz, tridymite, cristobalite etc.). 
These contain no metal ions, but three-dimensional structures can form the 
basis of silicate structures if there is isomorphous replacement of some of 
the Si** by AI'* plus an additional metal ion. This gives an infinite three- 
dimensional lattice, and the additional cations occupy holes in the lattice. 
Replacing one quarter of the Si** in SiO; with AI* gives a framework ion 
AISi,O& . The cations are usually the larger metal ions such as K*, Na*, 
Ca?* or Ba?*, The smaller ions Fe"*, Cr'* and Mn?* which were common 
in the chain and sheet silicates do not occur in the three-dimensional 
silicates because the cavities in the lattice are too large. Replacements of 
one quarter or one half of the Si atoms are quite common, giving structures 
M'[AISi,O,] and M"[AL;Si;O,]. Such replacements result in three groups 
of minerals: 


1, feldspars 
2. zeolites 
3. ultramarines. 
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The feldspars are the most important rock forming minerals and con- 
stitute two thirds of the igneous rocks. For example, granite is made up 
of feldspars, with some micas and quartz. Feldspars are divided into two 
classes: 


Orthoclase feldspars Plagioclase feldspars 
orthoclase | K[AISi,O,] albite Na[AISi,O,] 


celsian Ba[AbSi;Og] anorthite  Ca[AbSi;O,] 


The orthoclases are more symmetrical than are plagioclases as K* and 
Ba?* are just the right size to fit into the lattice whilst Na* and Ca?*, being 
smaller, allow distortion. 

Zeolites have a much more open structure than the feldspars. The anion 
skeleton is penetrated by channels, giving a honeycomb-like structure. 
These channels are large enough to allow them to exchange certain ions. 
They can also absorb or lose water and other small molecules without 
the structure breaking down. Zeolites are often used as ion-exchange 
materials, and as molecular sieves. Natrolite Na;[Al;Si3O,,0]2H;O is a 
natural ion exchanger. Permutit water softeners use sodium zeolites. 
Zeolites take Ca?* ions from hard water and replace them by Na”, thereby 
softening the water. The sodium zeolite natrolite gradually becomes a 
calcium zeolite, and eventually has to be regenerated by treatment with a 
strong solution of NaCl, when the reverse process takes place. In addition 
to naturally occurring minerals, many synthetic zeolites have been made. 
Zeolites also act as molecular sieves by absorbing molecules which are 
small enough to enter the cavities, but not those which are too big to 
enter. They can absorb water, CO2, NH; and EtOH, and they are useful 
for separating straight chain hydrocarbons from branched chain com- 
pounds. Some other zeolites ate heulandite Ca[ALSi;O 4]6H5;O, chabazite 
Ca[AbSi,O,:]6H;O. and analcite Na[AISi;O,]H5O. Molecular sieves can 
be made with pores of appropriate size to remove small molecules 
selectively. 

The mineral lapis lazuli is a splendid blue colour and was highly prized as 
a pigment for oil paintings in the middle ages. It contains ultramarine 
Nax{(AISiO4),]S>, in which the colour is produced by the polysulphide ion. 
The ultramarines are a group of related compounds, which contain no 
water, but do contain cations such as CI”, SOj^ and S27. Some examples 
of ultramarines are: 


ultramarine Nas[( AISIO;),]S; 

sodalite Nax[(AISiO4),]Cl 

nosean Na,[(AISiO,),]SO, 
The ultramarines are now produced synthetically. Ultramarine itself is 
made by igniting kaolinite, sodium carbonate and sulphur in the absence of 
air. The product may be green, blue or red depending on the particular 


polysulphide species present. Typically it is used as a blue pigment in oil 
based paints and ceramics. Before the days of detergents with artificial 
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brighteners, synthetic ultramarine was used as a blueing agent (called 
dolly blue) to make domestic washing appear white by masking any 
yellowness. 


SILICATES IN TECHNOLOGY 


Many silicates are used as a direct result of their physical properties. For 
example, clay minerals are used for absorbing chemicals, micas are used 
for electrical insulation, asbestos is used for thermal insulation, agate and 
flint are used as hard or sharp surfaces, and a variety of gemstones are used 
for ornaments and jewellery. 

Silicates are extremely important because the cement. ceramic and glass 
industries are based on their chemistry. Metallurgical extraction processes 
often produce silicates as waste products or slag. either because the 
minerals are silicates, or because the minerals contain silicate impurities. 
Some of the main technological applications are as follows. 


Alkali silicates 


These are used mainly as glue. as described earlier. 


Cement 


Both Portland and high alumina cement are described in Chapter 12. 


Ceramics 


Ceramics are inorganic materials that can be made into a paste and shaped 
at normal temperatures: the shape is then ‘fired’ at a high temperature. 
Firing gives the product strength, either. by sintering the crystallites 
together, or partly melting the paste. A number of carbides, oxides, and, in 
particular, clays, are treated in this way. The process is important for 
making bricks, tiles and pottery. 

On heating, kaolinite Al,(OH),[SizOs] loses water at 500-600°C, giving 
ALbO;:28iO;, and at about 950°C forms a solid solution of mullite 
(approximate formula 3A1,0, : 2SiO,) and SiO;. This remains solid till at 
least 1595°C, and then softens only slowly. Since this is an iron-free clay, 
the product is white. 

The porosity of the product depends on the temperature reached. If the 
firing temperature is high, the product does not absorb liquids. The 
presence of Fe?* in the clay imparts a red or purple colour, and clays with a 
high proportion of CaO give a yellow or buff coloured product. Most 
ceramics except bricks and floor tiles are covered with a glassy coating 
called a glaze. This is done by dipping the article in an aqueous suspension 
of a heavy metal oxide such as SnO% or PbO, before firing. Pigments may 
be applied either before glazing (underglaze colour), or after firing and on 
top of the glaze, when a second firing is required. — 
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Glass 


A small amount of glass is made of silica. This has excellent properties, but 
very high temperatures are needed to produce it. Silica glass is too 
expensive for general use, but is used in scientific instruments. 

The temperature required for melting can be reduced by adding various 
oxides to the melt, thus obtaining silicate glass. A number of oxides may be 
used including Na;O, K;,O, MgO, CaO, BaO, B;O;, Al,O;, PbO and 
ZnO. Glass is a solid solution, and so its composition may vary. The 
amount of oxide added is not very large, and so the SiO; tetrahedra have a 
significant role in the structure. If only NaxO or KO were used, the glass 
would be water soluble. Normal domestic glass for windows is a calcium- 
alkali silicate glass made by fusing the alkali metal carbonate, CaCO; and 
SiO;. (The carbonates decompose to oxides on heating.) If Na;CO, is used 
we obtain soda glass, which is also used for cheap laboratory glassware. 
Using K;CO; gives potash glass. Most of the CaO may be replaced by 
PbO, giving lead glass, which has a higher refractive index, and is used for 
making optical parts and glass ornaments. If AlO} is used, Al?>* may be 
Present in the structure as a free metal ion, or it may replace Si** in SiO, 
tetrahedra. If BO; is used, B** replaces some Si** in the tetrahedral 
skeleton. Borosilicate glasses containing B, and sometimes Al as well, are 
important. They have a low coefficient of expansion, and can withstand 
heat changes without cracking. They contain less alkali and so are less 
prone to chemical attack. Such glasses are widely used for laboratory 
equipment as in Pyrex glassware. 

Glass is produced in very large amounts. In 1991, 26.4 million tonnes of 
glass for bottles was produced, and in addition 7 million tonnes of sheet 
glass was produced. This was used mainly as windows. 

Additives for fining, for decolorizing and for colouring may be used 
when making glass. Fining agents such as NaNO; or As2O; are added to 
remove bubbles. The fining agent decomposes and gives off large bubbles 
of gases in the melt, which sweep out the small bubbles that are always 
formed. Decolorizing agents may be added to eliminate impurities and to 
obtain colourless glass. Fe** gives a yellow-brown colour, a mixture of 
Fe** and Fe?* gives a green colour and Fe?* gives a light blue colour. 
Other colouring agents may be added — Co?* gives a deep blue, and 
colloidal particles of Cu give ruby-red colours. CaF; is sometimes added as 
a clouding agent to make opal glass. 


ORGANOSILICON COMPOUNDS AND THE SILICONES 
Organosilicon compounds 


Si—C bonds are almost as strong as C—C bonds. Thus silicon carbide SiC 
is extremely hard and stable. Many thousands of organosilicon compounds 
containing Si—C bonds have been made, most since 1950. Many of these 
are inert, and stable to heat (e.g. SiPh, can be distilled in air at 428°C). 
However, the vast range of organic compounds is not replicated by silicon 
for three main reasons: 
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Silicon has little tendency to bond to itself (catenate) whilst carbon has a 
strong tendency to do so. The largest chains formed by Si are contained 
in SijsF34 and SigH,g, but these compounds are exceptional. This is 
related to the weakness of Si—Si bonds in contrast to the strength of 
C—C bonds (see Table 13.4). 


. Silicon does not form pr-pr double bonds, whilst carbon does so 


readily. (Note that a disilene Me;Si—SiMeH has been isolated, but 
only by using matrix isolation methods with solid argon. Various 
transient reaction species with Si—C and Si=N bonds are known, and 
(MesSi);Si—C(OSiMe;)(C;oH,;s) exists as crystals at room tempera- 
ture, and is stable in the absence of air. These are rare exceptions.) 


. Silicon forms a number of compounds containing pz—dz double bonds 


in which the silicon atom uses d orbitals (see later). 


Preparation of organosilicon compounds 


There are several ways of forming Si—C bonds: 


1 


N 


By a Grignard reaction 
SiCl, + CH3MgCI — CH,SiCl, + MgCl; 
CH3SiCl; + CH3MgCI — (CH3);SiCl; + MgCl; 
(CH3);SiCl; + CH3MgCI — (CH3)5SiCI + MgCl» 
(CH3)5SiCI + CH3MgCI — (CH3)4Si + MgCl; 


This is useful in the laboratory, or on a small scale. 


. Using an organolithium compound 


4LiR + SiCl, — SiR, + 4LiCl 


This also is useful in the laboratory, and R may be alkyl or aryl. 


. By the Rochow ‘Direct Process’. Alkyl or aryl halides react directly with 


a fluidized bed of silicon in the presence of large amounts (10%) of a 
copper catalyst. 


Cu catalyst 280—300*C 
pes alioi rA s 


Si + 2CH«CI (CH3);SiCl; 

This is the main industrial method for making methyl and phenyl 
chlorosilanes which are of considerable commercial importance in the 
production of silicones. The yield is about 70%, with varying amounts 
of other products: MeSiCl; (10%) and Me3SiCl (5%), and smaller 
amounts of Me,Si and SiCl, and others such as MeSiHCl,. Both 
Grignard and direct methods yield a mixture of products, and very 
careful fractionation is important as the boiling points are close: 
MesSiCl (57.7 *C). MeSiCl, (66.4°C) and Me;SiCl; (69.6°C). 


. Catalytic addition of Si—H to an alkene. This is a useful general 


method, but is not applicable to making the methyl and phenyl silanes 
required by the silicone industry. 


448 


THE GROUP 14 ELEMENTS 


Except for PhsSiCl, which is solid, the products are volatile liquids. They 
are highly reactive and flammable and the reaction with water is strongly 
exothermic. 


Silicones 


The silicones are a group of organosilicon polymers. They have a wide 
variety of commercial uses as fluids, oils, elastomers (rubbers) and resins. 
Annual production is estimated as about 300000 tonnes/year. They are 
now produced on a larger scale than any other group of organometallic 
compounds. : 

The complete hydrolysis of SiCl4 yields SiO», which has a very stable 
three-dimensional structure. The fundamental research of F. S. Kipping on 
the hydrolysis of alkyl substituted chlorosilanes led, not to the expected 
silicon compound analogous to a ketone but to long-chain polymers called 
silicones. 


R Cl ROH R 
Manin: N/a \ 
Sees Miu. ned 
Pá N -2HCI Z N UA 
Ri Cl ROH R 


R R R R 


| | 7 | | 
HO—Si—OH + HO—Si—OH —$, HO—si—O—Si—OH 


| "| | | 
R R R R 


| l | 
HO—Si—OH + HO—Si—O—si—OH > 


The starting materials for the manufacture of silicones are alkyl or aryl 
substituted chlorosilanes. Methyl compounds are mainly used, though 
some phenyl derivatives are used as well. Hydrolysis of dimethyldichloro- 
silane (CH3)2SiCI, gives rise to straight chain polymers and, as an active 
OH group is left at each end of the chain, polymerization continues and the 
chain increases in length. (CH3);SiCl, is therefore a chain building unit. 
Normally, high polymers are obtained. 


ORGANOSILICON COMPOUNDS AND THE SILICONES 
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GHy GH 48 CHa. CHa asi CHa) CH 20 GH 
| | | | | | | 
HO—Si—O—sSi—O—Si—O—Si—O—si—O—si—O—si—OH 
| | | | | | | 
CH," -CH; "CHIP CA CHI ECHI- CH; 


Hydrolysis under carefully controlled conditions can produce cyclic 
structures, with rings containing three, four, five or six Si atoms: 


Me oO Me Me Me 
NDAN | | 
Si Si Me—Si—O—Si—Me 
IN | 
Me O O Me oO [9] 
NA | | 
Si Me—Si—O—Si—Me 
VEN | 
Me Me Me Me 
tris evclo-dimethvlsiloxane tetrakis cyclo-dimethylsiloxane 


Hydrolysis of trimethylmonochlorosilane (CH3),SiCI yields (CH;);SiOH 
trimethylsilanol as a volatile liquid, which can condense, giving hexa- 
methyldisiloxane. Since this compound has no OH groups. it cannot poly- 
merize any further. 


CH; CH; CH; CH, 


| l | 
CH,—Si—OH + HO—Si—CH, > CH,—Si—O—Si—CH; 
| | 


| 
CH; CH; CH; CH, 


hevamethyldisiloxane 


If some (CH3)5SiCI is mixed with (CH3);SiCl; and hydrolysed, the 
(CH3)SSiCI will block the end of the straight chain produced by (CH3)2SiCl. 
Since there is no longer a functional OH group at this end of the chain, it 
cannot grow any more at this end. Eventually the other end will be blocked 
in a similar way. Thus (CH;)sSiCl is a chain stopping unit, and the ratio of 
(CH3),SiCI and (CH3),SiCl in the starting mixture will determine the 
average chain size. 


GH GH: ah CE EGIT. CH; 


| | | | | 
HO—Si—O—Si—O—Si—O—Si—OH + HO—Si—CH; > 
| 


CH, CH; . CH; CH; CH; 
CH; CH; CH, CH, CH; 


| l 
HO—Si—O—Si—O—Si—O—si—O—Si—CH, 


CH; CH; CH, CH; CH, 
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The hydrolysis of methyl trichlorosilane RSiCl, gives a very complex 
cross-linked polymer. 


| 

o R 

| | 
R—Si—O—Si—O— 

| | 

o o R 

| | l 
O—Si—O—Si—O—si—o— 

| | | 

R R o 

| 


In a similar way addition of a small amount of CH,SiCl; to the hydrolysis 
mixture produces a few cross-links, or provides a site for attaching other 
molecules. By controlled mixing of the reactants, any given type of 
polymer can be produced. 

Silicones are fairly expensive but have many desirable properties. They 
were originally developed as electrical insulators, because they are more 
stable to heat than are organic polymers, and if they do break down they 
do not produce conducting materials as carbon does. They are resistant to 
heat. oxidation and most chemicals. They are strongly water repellent, are 
good electrical insulators, and have non-stick properties and anti-foaming 
properties. Their strength and inertness are related to two factors: 


l. Their stable silica-like skeleton of Si—O—Si—O—Si. The Si—O 
bond energy is very high (502 kJ mol !). 
2. The high strength of the Si—C bond. 


Their water repellency arises because a silicone chain is surrounded by 
organic side groups. and looks like an alkane from the outside. Silicones 
may be liquids, oils. greases, elastomers (rubbers) or resins. 

Straight chain polymers of 20 to 500 units are used as silicone fluids, 
They make up 63% of the silicones used. If they are made by hydrolysing a 
mixture of (CH3)5SiCl; and (CH;),SiCI. then the chain lengths vary consid- 
erably. Commercially they are made by treating a mixture of tetrakis cyclo- 
dimethylsiloxane (Me;SiO); and hexamethyl disiloxane (Me),SiOSi(Me), 
with 100% H5SO,. The cyclo compound provides chain building units. and 
the hexamethylsiloxane provides chain stopping groups. The average chain 
length is determined by the ratio of these reactants. The HSO, splits 
Si—O—Si bonds, forming Si—O-—SO,H esters and Si— OH. The esters 
hydrolyse back to give Si—O— Si bonds. This process goes on repeatedly. 
and results in the size of chains all becoming similar. The boiling point and 
viscosity increase with chain length, giving compounds ranging from 
watery liquids to viscous oils and greases. The fluids are used as water 
repellents for treating masonry and buildings. glassware and fabrics. They 
are also included in car polish and shoe polish. Silicone fluids are non-toxic 
and have a low surface tension. Addition of a few parts per million of a 
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silicone greatly reduces foaming in sewage disposal, textile dyeing, beer 
making (fermentation) and frothing of cooking oil in making potato crisps 
or chips. Silicone oils are used as dielectric insulating material in high 
voltage transformers. They are also used as hydraulic fluids. Methyl 
silicones can be used as light duty lubricating oil. but are not suitable for 
heavy duty applications like gearboxes, because the oil film breaks down 
under high pressure. Silicones with some phenyl groups are better lubri- 
cants. These oils can be mixed with lithium stearate soaps to give greases. 
Silicone rubbers are made of long. straight chain polymers. (dimethyl- 
polysiloxanes) between 6000 and 600 000 Si units long. mixed with a filler — 
usually finely divided SiO; or occasionally graphite. They are usually 
produced by hydrolysis of dimethyldichlorosilane with KOH. Great care 
must be taken to exclude chain blocking and cross-linking groups. Rubbers 
make up about 25% of the silicones produced. Silicone rubbers are useful 
because they retain their elasticity from —90°C to +250°C. which is a 
much wider range than for natural rubber. They are also good electrical 
insulators. They may be vulcanized to give hard rubber as follows: 


1. By oxidizing with a small amount of benzoyl peroxide which produces 
occasional cross-links (up to 1% of the Si atoms may be cross-linked). 
2. By building a cross-linking unit into the chain. 


The most heat-stable side groups are phenyl groups. followed by the 
methyl, ethyl and propyl groups in descending order of stability. On heat- 
ing in air to 350—400°C, silicones are rapidly oxidized and cross-links 
are formed. The polymer becomes brittle and cracks, and low molecular 
weight polymers and cyclic structures are evolved. Strong heating in the 
absence of air causes silicones to soften and form volatile products, but 
oxidation and cross-linking do not occur. 

Silicone resins are rigid polymers rather like bakelite. They are made by 
dissolving a mixture of PhSiCl; and (Ph)>SiCl, in toluene and hydrolysing 
with water. The partly polymerized product is washed to remove HCl, and 
can then be shaped or moulded. Finally the product is heated with a 
quaternary ammonium salt as catalyst to condense any remaining OH 
groups in the structure. The final product is extensively cross-linked. 
About 12% of silicones produced are resins. These resins are used as 
electrical insulators, often mixed with glass fibre for additional strength. 
They are used to make printed circuit boards and to encapsulate integrated 
circuit chips and resistors. They are also used as non-stick coatings for 
pans. and for moulds for car tyres and bread. 


HYDRIDES 


All the elements form covalent hydrides. but the number of compounds 
formed and the ease with which they form differs greatly. Carbon forms a 
vast number of chain and ring compounds including: 


1. The alkanes (paraffins) C, H5,» 
2. The alkenes (olefines) C, H», 
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3. The alkynes (acetylenes) C, H5, » 
4. Aromatic compounds 


These are the basis of organic chemistry. There is a strong tendency to 
catenation (forming chains) because the C—C bond is very strong. 

Silicon forms a limited number of saturated hydrides, Si, H5,» called 
the silanes. These may exist as straight chains or branched chains, con- 
taining up to eight Si atoms. Ring compounds are very rare. No analogues 
of alkenes or alkynes are known. Monosilane SiH, is the only silicon 
hydride of importance. SiH, and SiHCl, were first made by treating an 
AI/Si alloy with dilute HCl. A mixture of silanes was prepared by hydro- 
lysing magnesium silicide, Mg5Si, with sulphuric or phosphoric acid. These 
compounds are colourless gases or volatile liquids. They are highly re- 
active, and catch fire or explode in air. Apart from SiH, they are thermally 
unstable. It only became possible to study them when A. Stock invented a 
method of handling reactive gases in a vacuum frame. 


heat in absence of air 


2Mg + Si MgsSi 
Mg,Si + HsSO,— SiH, (40%) 
SijH, (30%) 
SiHs (15%) 
SigHjo (10%) 
ee ] 
sui) 69 


More recently monosilane has been prepared by reducing SiCl, with 
Li[AIH;], LiH or NaH in ether solution at low temperatures. This is a 
much better method, as it gives one product rather than a mixture and it 
gives a quantitative yield. 


SiCl, + Li[AIH;] > SiH, + AICI, + LiCl 
Si,Cl, + 6LiH — Si; H, + 6LiCl 
Si;Cly + 8NaH — Si,Hy + 8NaCI 
Silanes may also be prepared by direct reaction by heating Si or ferrosilicon 
with anhydrous HX or RX in the presence of a copper catalyst. 
Si + 2HCI > SiH;Cl, 
Si + 3HCI > SiHCl, + H, 
Si + 2CH;CI ^ CH,SiHCl; + C + H, 

The silanes are much more reactive than the alkanes. The alkanes are 
chemically unreactive apart from reaction with the halogens, and burning 
in air. In contrast the silanes are strong reducing agents, ignite in air and 
explode in Cl. Pure silanes do not react with dilute acids or pure water in 


silica apparatus, but they hydrolyse readily in alkaline solutions, or even 
with the trace of alkali which leaches out from glass apparatus. 
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SibH, + (4 + n)H;O 25 HB o5. -nH3O + TH: 
Compounds with Si—H bonds undergo an important hydrosilation 
reaction with alkenes, in the presence of a platinum catalyst. The re- 
action is similar to hydroboration, and the products may be used to make 
silicones. 


RCH=CH) + SiHCl; > RCH;CH;SiCl; 


The difference in behaviour between alkanes and silanes is attributed to 
several factors: 


1. Pauling's electronegativity values are: C = 2.5, Si = 1.8. and H = 2.1. 
Thus the bonding electrons between C and H or Si and H are not 
equally shared, leaving a ò` charge on C and a 0° charge on Si. Thus Si 
is vulnerable to attack by nucleophilic reagents. 

o 8 59.4 
C—H Si—H 

. The larger size of Si makes it easier to attack. 

3. Si has low energy d orbitals which may be used to form an intermediate 

compound, and thus lower the activation energy of the process. 


t2 


Several germanium hydrides or germanes Ge, H»,,» are known up to 
n = 5. They are straight chain compounds and are colourless gases or 
volatile liquids. They are similar to the silanes, but are less volatile, less 
flammable and are unaffected by water or aqueous acids or alkalis. GeH, 
can be made: 
f dry ether n 
GeCl, + Li[AIH,] ———> GeH, + LiCl + AICI; 


GeO, + Na[BH,] 5*5 9", GeH, + NaBO, 
Stannane SnH, is much less stable, It can be made by reducing SnCl, with 
Li[AIH;] or Na[BHg]. It is a strong reducing agent. It is unaffected by 
water and dilute acids and alkali, but it reacts slowly with concentrated 
solutions. Distannane Sn;H, is known and is even less stable. No higher 
stannanes are known. Plumbane PbH, is even less stable and even more 
difficult to prepare. The preparative methods used for the other hydrides 
fail. It has been made in trace amounts and at low concentrations by 
cathodic reduction and detected using a mass spectrometer. 


CYANIDES 


The alkali metal cyanides, particularly NaCN, are made in quantity, about 
120000 tonnes/year. Until about 1965 it was made by the Castner process 
by high temperature reactions from sodamide. 


Na + NH; — NaNH; + 1H; 


NaNH; + CS, NaCN + H, 
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Since 1965 hydrogen cyanide HCN has become commercially avail- 
able (currently 300000 tonnes/year): NaCN is made from this. HCN was 
formerly prepared by acidification of NaCN or Ca(CN)>. 

2NaCN + H2SO,— 2HCN + Na2SO, 
Ca(CN). + HSO, — 2HCN + CaSO, 


In the modern industrial processes, a gas phase reaction occurs between 
CH, and NH; at about 1200°C in the presence of a catalyst. 


Degussa process CH, + NH; —> HCN + 3H; (Pt catalyst) 
Andrussow process 2CH, + 2NH; + 30, > 
2HCN + 6H;O (Pt/Rh catalyst) 


HCN is extremely poisonous. It has an abnormally high boiling point of 
26°C, because of hydrogen bonding. It is one of the weakest acids known, 
weaker than HF. Over half the HCN produced is used to make the 
polymer methyl methacrylate, and the remainder is used to make NaCN, 
(CICN),. and various cyanide complexes such as K,[Fe(CN),] and 
K,[Fe(CN),]. and in the extraction of Ag and Au. 


(CICN); + 3NH; > 3HCI + C,N,(NH>); (melamine) 
4Au + 8NaCN + 2H,O + O, — 4Na[Au(CN);] + 4NaOH 


HCN has been used as a non-aqueous ionizing solvent. 

The cyanide ion is important in forming stable complexes, particularly 
with the metals of:the Cr. Mn. Fe. Co. Ni, Cu and Zn groups. Two 
common complexes are ferrocyanides [Fe(CN),|*~ and ferricyanides 
[Fe(CN)4]^-. The later transition elements form stable cyanide complexes 
because they can use filled d orbitals for dn—pr backbonding in addition to 
the original o coordinate bond M + (CN)-. The bonding is similar to that 
in the carbonyls, and the CN” ion acts as a n acceptor. The negative charge 
on CN- makes it a stronger c donor than CO, but the charge also weakens 
the effectiveness of CN- as a n acceptor. 

The extreme toxicity of cyanides is due to CN~ complexing with metals 
in enzymes and haemoglobin in the body, thus preventing normal metab- 
olism. Besides forming many complexes analogous to halide complexes, 
the cyanide ion often brings out the maximum coordination number of a 
metal. Thus Fe?* forms [FeCl,]~ with chloride ions, but [Fe(CN),]>~ with 
cyanide ions. Many metal ions such as Cu*, Ni*, Mn*, Aut and Mn?*, 
which are too unstable to exist in’ solution, are quite stable when com- 
plexed with cyanide ions. The formation of complexes is important in 
the extraction of silver and gold, as the metals dissolve in a solution of 
NaCN in the presence of air, and form sodium argentocyanide or sodium 
aurocyanide, from which the metal is recovered by reduction with zinc. 


4Ag + 8NaCN + 2H;O + O, > 4Na[Ag(CN);] + 4NaOH 
4Au + 8NaCN + 2H;O + O; — 4Na[Au(CN);] + 4NaOH 


Cyanide ions may act as both complexing and reducing agents: 


COMPLEXES 
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2Cu^* + 4CN- — (CN);  2CuCN 2E [Cu(CN)- 


In this reaction the cyanide ion is itself oxidized to cyanogen (CN); in much 
the same way as I” is oxidized to I, by Cu?*. In alkaline solution, cyanogen 
disproportionates into cyanide and cyanate ions. 


(CN); + 20H- — H2O + CN- + NCO^ 


The cyanate ion is isoelectronic with carbon dioxide; hence they have 
similar structures and are both linear. 


0—€—0.,:N-—0—0 


COMPLEXES 


The ability to form complexes is favoured by a high charge, small size and 
availability of empty orbitals of the right energy. Carbon is in the second 
period and has a maximum of eight electrons in its outer shell. In four- 
covalent compounds of carbon, the second shell contains the maximum of 
eight electrons. Because this structure resembles that of a noble gas, these 
compounds are stable, and carbon does not form complexes. Four- 
covalent compounds of the subsequent elements can form complexes 
due to the availability of d orbitals, and they generally increase their 
coordination number from 4 to 6. 


SiF, + 2F- — [SiF,]?~ 
GeF, + 2NMe; — [GeF,:(NMe3)9] 
SnCl, + 2CI^ — [SnCl?- 
The VSEPR theory suggests that because there are six outer electron pairs 
these complexes will be octahedral. The valence bond theory requires that 


four covalent and two coordinate bonds are formed and give an octahedral 
structure. For example, [SiF;]^-: 


3s 3d 
Electronic structure full 
of silicon-atom in inner mee ae, 
ground state shells 
Silicon atom in k] HERRA 
excited state t 


pursue qid DU sj [sf] CET TT) 


electrons from four fluorine 
atoms in the SiF4 molecule 


[SiFg? where two 

F each donate share 
in electron pair, 
forming two coordinate 
bonds 


six electron pairs give 
an octahedral structure 
(sp°d? hybridization) 
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The arguments over hybridizing d orbitals have been discussed in Chapter 
4. The [SiF,]?~ ion is usually formed from SiO; and aqueous HF 


SiO, + 6HF > 2H* + [SiF,|- + 2H;O 


The [SiF,]*~ complex is stable in water and alkali, but the others in the 
group are less stable. [GeF;]^- and [SnF;]^- are hydrolysed by alkali, and 
[PbF,]?~ is hydrolysed by both alkali and water. Ge, Sn and Pb also form 
chloride complexes such as [PbCl,]?~, and oxalate complexes such as 
[Pb(ox)s]- 

Lead tetraacetate Pb(CH;COO), can be obtained as a colourless, solid 
by treating Pb3O, with glacial acetic acid. It is water sensitive, and is widely 
used as a selective oxidizing agent in organic chemistry. Its best known 
application is in the cleavage of 1,2-diols (glycols), as present, for example, 
in carbohydrates. 


| | 
—C—OH —C—0 Beige 

PHEHCOD). T y» (CHCOO), > + Pb(CH4COO); 
=C OH =C—0 meno 

| | | 


INTERNAL x, BONDING USING d ORBITALS 


The compounds trimethylamine (CH;)sN and trisilylamine (SiH3);N have 
similar formulae, but have totally different structures (Figure 13.17). In 


3C CH3 trimethylamine, the arrangement of electrons is as follows: 
1s 2s 2p 
Hs Electronic structure of [n] [rs] 
nitrogen atom — ground state 
Saree 


SiH3 three unpaired electrons form 


bonds with CH, groups — 
tetrahedral arrangement of 


three bond pairs and one lone pair 


(sp? hybridization) 
In trisilylamine, three sp? orbitals are used for c bonding, giving a plane 
SiH, triangular structure. The lone pair of electrons occupy a p orbital at right 
3.17 Trimethylamine angles to the plane triangle. This overlaps with empty d orbitals on each of 
, and trisilylamine the three silicon atoms, and results in x bonding, more accurately 
Js described as pn—dr bonding, because it is from a full p orbital to an empty 


d orbital. This shortens the bond lengths N—Si. Since the nitrogen no 
longer has a lone pair of electrons, the molecule has no donor properties. 
Similar px—dn bonding is impossible in (CH3)N because C does not 
possess d orbitals and hence this molecule is pyramidal. About 200 
compounds are now thought to contain pr-dr bonds (Figure 13.18) (see 
Further Reading, Raabe and Michl). 
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Figure 13.18 pr—dz bonding in trisilylamine. (From Mackay and Mackay, Intro- 
duction to Modern Inorganic Chemistry, 4th ed., Blackie, 1989.) 


TETRAHALIDES 


All the tetrahalides are known except Pbl,. They are typically covalent, 
tetrahedral, and very volatile. The exceptions are SnF4 and PbF,, which 
have three-dimensional structures and are high melting (SnF, sublimes at 
705*C, PbF, melts at 600°C). The elements after C have d orbitals 
available, and the Si-F, Si-Cl and Si-O bonds are stronger than the 
corresponding bonds with C. This is thought to be due to the donation of 
electrons from F, Cl or O to Si, giving rise to px—dn bonding. 


Carbon 


Tetrafluoromethane (carbon tetrafluoride) CF, is an exceptionally unre- 
active gas. It can be made as follows: 


CO; + SE, CF, + SO; 
SiC + 2F; > SiF, + CF, 
CF;Ch + F;— CF, + Ch (industrial method) 


Other fluorine compounds such as hexafluoroethane C.F, and tetrafluoro- 
ethylene CF, are known. Under pressure C;F; polymerizes to (C;F;),, 
giving polytetrafluoroethylene or PTFE. This is a hard, white solid plastic 
with a greasy feel to the touch, and is much heavier (more dense) than one 
would expect. It is a good electrical insulator, and is chemically inert. It is 
expensive, and is used in the laboratory because of its inertness. It has a 
very low coefficient of friction and is used for coating non-stick pans and 
razor blades. Fluorocarbons are useful lubricants, solvents and insulators. 
SbFCI, catalyst heat 

— 


CHCI; + HF CF;CIH —> CF, 


pressure 


CF; ——> (C;F4), 


F, Si 


Figure 13.19 prn-dnr overla 
in SiF;. 
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Tetrachloromethane (carbon tetrachloride) CCl, is manufactured mainly 
from carbon disulphide. 


CS; + 3Cl FeCl, catalyst 30°C cc n on 


CSI ae Se, CCI, 4565 
CCl, is extensively used as a solvent, and for the preparation of Freons. 
It is also used in fire extinguishers, where the heavy vapour excludes 
dioxygen and thus puts the fire out. 


anhydrous conditions 
ILUEMTTIS Ey 


CCl, + 2HF CCLF; + 2HCI 


SbCl; catalyst 


The carbon halides are not hydrolysed under normal conditions because 
they have no d orbitals, and cannot form a five-coordinate hydrolysis 
intermediate. In contrast the silicon halides hydrolyse readily. Silicon has ` 
3d orbitals available, and these may be used to coordinate OH™ ions or 
water as a first step in hydrolysis. In any atom there are always empty 
orbitals, but these are usually too high in energy to be used. If sufficient 
energy is provided by using superheated steam then CCl, will hydrolyse: 


superheated 
— 


CCl, + H;O COCI, + 2HCI 


steam carbonyl chloride (phosgene) 


Phosgene is highty toxic, and was used as a poisonous gas in World War I. 
It is now made by combining CO and Cl; with a C catalyst in sunlight, and 
is used to make isocyanates for the manufacture of polyurethanes. 


Freons 


Mixed chlorofluorocarbons (sometimes called CFCs) such as CFCl,, 
CF,Cl, and CF;Cl are known as Freons. They are unreactive and non- 
toxic and are widely used as refrigeration fluids, as the propellant in 
aerosols, and for washing computer boards. At one time, nearly 700 000 
tonnes of Freons were produced annually, though production had fallen 
to 100000 tonnes in 1992. Despite being inert they cause environmental 
damage. Their use in aerosols was banned in the USA in 1980, and in 
Europe from 1990. They are still used in refrigerators, and a total ban on 
Freons in Europe is planned by the year 2000. 

Freons are very much more effective 'greenhouse gases' in the atmos- 
phere than is CO2, though the amount of Freons present is extremely 
small. Much more seriously, the Freons have penetrated the upper atmos- 
phere (5-20 miles high), and are causing damage to the ozone layer. There 
has been a loss of about 6% of the ozone between 1980 and 1990. A hole in 
the ozone layer has appeared over the South Pole, and a similar hole seems 
to be developing over the North Pole. The ozone layer is important as it 
filters the radiation from the sun and prevents most of the harmful UV 
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radiation from reaching the earth. Excessive exposure to UV radiation 
should be avoided as it causes skin cancer (melanoma) in humans. 

In the upper atmosphere Freons undergo a photolytic reaction and 
produce free chlorine atoms (which are radicals). These react readily with 
ozone. The CIO radicals formed decompose slowly, re-forming chlorine 
radicals, which react with more ozone. . .and so on. The chlorine radicals 
do not recombine to form Cl;, because they need a three-body collision to 
dissipate the energy, and such collisions are extremely rare in the upper 
atmosphere. There is no effective sink for chlorine radicals. Once formed 
they are used again and again, so a small number of radicals make a very 
effective scavenger for ozone. 


CFCl, 
CF; e| photolysis ca 
CF;Cl 
61350; 225055. ClO 


l 
CIO —— Cl * O 


CIO + O — CI + O: 


Overall reaction: 203 — 302 

Several less harmful aerosol propellants are now in use. Hydrofluoro- 
carbons (HFCs) such as CH;FCF; and hydrochlorofluorocarbons (HCFCs) 
such as CHCLCF; are being used as substitutes. They are also greenhouse 


gases, and may damage the ozone layer, but they do less damage than _ 


CFCs because they do not remain in the atmosphere for so long. The H 
atoms are attacked by hydroxyl radicals in the upper atmosphere, forming 
trifluoroacetic acid. The latter is not very toxic, and is eventually decom- 
posed by bacteria in the soil. CO; is an alternative propellant, but when 
cold it has a low vapour pressure and is therefore no use for windscreen 
de-icers. Butane also gives difficulties, since it is flammable, and cannot 
be used with food. 


Silicon 


The silicon halides can be prepared by heating either Si or SiC with the 
appropriate halogen. In marked contrast to the inertness of CF4, CCl, 
and the Freons, SiF, is readily hydrolysed by alkali. 


SiF, + 80H- — SiO?" + 4F^ + 4H;O 
The silicon halides are rapidly hydrolysed by water to give silicic acid. 
SiCl, + 4H;O > Si(OH), + 4HCI 


In the case of the tetrafluoride, a secondary reaction occurs between the 
resultant HF and the unchanged SiF4, forming the hexafluorosilicate ion 


[SiF ^ - 
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SiF; + 2HF > 2H* + [SiF,- 


SiCl, is commercially important. Small amounts are used to make ultra- 
pure Si for transistors. Large quantities of SiCl, are hydrolysed at a high 
temperature (in an oxy-hydrogen flame) giving very finely powdered SiO; 
rather than Si(OH),. This ultrafine SiO, is used as a thixotropic agent in 
polyester and epoxy paints and resins, and as an inert filler in silicone 
rubber. 

Other members of the series Si,X;,.; can be produced by pyrolysis 
(strong heating). These are either volatile liquids or solids. The longest 
chains known are Si;4F34, SigCl,4 and Si4Br;o. The chains are longer than 
those formed in the hydrides. This is due to pr-dn bonding from full 
halogen p orbitals with d orbitals on Si. 


SiCl, + Si — Si,Cl, + higher members of the series (SigCl,4) 


Germanium, tin and lead 


Ge, Sn and Pb form two series of halides, MX, and MX>. With Ge the 
(+IV) oxidation state is the most stable, but with Pb the (--II) state is the 
most stable. 

The tetrahalides are all colourless volatile liquids except for Gel, and 
Snl, which are bright orange solids. Compounds formed by the main group 
elements are normally white. Colour is associated with electrons being 
promoted from one energy level to another, and absorbing or emitting the 
energy difference between the two levels. This is common in the transition 
elements, where there are often unfilled energy levels in the d shell, 
allowing promotion from one d level to another. In the main groups, the s 
and p electron shells are normally filled when a compound is formed, so 
promotion within the same shell is not possible. Promotion from one shell 
to another, for example from the 2p to the 3p level, involves so much 
energy that absorption lines would appear in the ultraviolet rather than in 
the visible region. Thus the tetrahalides would be expected to be white in 
colour. The orange colour of Sn, is caused by the absorption of blue light, 
the reflected light thus containing a higher proportion of red and orange. 
The energy absorbed in this way causes the transfer of an electron from I to 
Sn. (This corresponds to the temporary reduction of Sn(IV) to Sn(III).) 
Since transferring an electron to another atom is transferring a charge, 
such spectra are called charge transfer spectra. This occurs in Snl, and Gel, 
because the atoms have similar energy levels. This would be expected 
because they are close in the periodic table, and have similar sizes. Charge 
transfer spectra do not occur with the other halides. 

GeCl, and GeBr, are hydrolysed less readily. SnCl, and PbCI, hydrolyse 
in dilute solutions, but hydrolysis is often incomplete and can be repressed 
by the addition of the appropriate halogen acid. 

SOH); === SnCl, = [Snch 
H,O H,0 


- DIHALIDES 


In the presence of excess acid, halides of Si, Ge, Sn and Pb increase their 
coordination number from 4 to 6, and form complex ions, such as [SiF,]*~, 
[GeF;]"-, [SnCl,]*~ and [SnCl;]". Pbl, is not known, probably because of 
the oxidizing power of Pb(+IV) and the reducing power of I~, which 
results in Pbl, always being formed. 


Catenated halides 


Carbon forms a number of catenated halides, perhaps the best known 
being Teflon or polytetrafluoroethylene, which is described above. The 
polymers formed have chain lengths of several hundred carbon atoms 

Silicon forms polymers (SiF;), and (SiCl;), by passing the tetrahalide 
over heated silicon. These polymers decompose on heating into low mol- 
ecular weight polymers (or oligomers) of formula Si,X5,,;. The longest 
chains known are Si;;F34, SigCl), and Si4Br;o. 

Germanium forms the dimer Ge;Cl,, but Sn and Pb do not form any 
catenated halides. 


DIHALIDES 
There is a steady increase in the stability of dihalides: 
CX; < SiX; < GeX; < SnX; < PbX; 


SiF, can be made by high temperature reactions, and can be trapped by 
cooling in liquid Nj. When the product warms up. polymerization occurs 
giving a range of compounds up to Si;4F;;. 


SiF, + Si = 2SiF; 


GeF, is a white solid made either by heating Ge with anhydrous HF, or 
from GeF; and Ge. It has an unusual fluorine.bridged polymeric structure, 
based on a trigonal bipyramid. GeF; units share two F atoms (giving the 
formula GeF), and the Ge also forms a weaker interaction to another F., 
with a lone pair in the fifth position. These units are linked into infinite 
spiral chains. SnF; and SnCl, are white solids, and are obtained by heat- 
ing Sn or SnO with gaseous HF or HCl. Stannous fluoride SnF; was used 
together with tin pyrophosphate Sn;P5O; in the original ‘Crest’ fluoride 
toothpaste. This is surprising as Sn is toxic, and NaF is now used instead. 
The crystal structure of SnF; is made of Sn4Fg tetramers. These form an 
eight-membered puckered ring —Sn—F—Sn—F—, with weaker inter- 
actions linking the rings together. SnCl, partly hydrolyses in water, 
forming the basic chloride Sn(OH)CI. SnF; and SnCl, both dissolve im 
solutions containing halide ions. 


SnF, + F^ > [SnF3]~ pK —1 
SnCh + CI-— [SnCh] — pK-2 


Sn** ions do occur in perchlorate solutions, but the stannous ion is readily 
oxidized by air to Sn'Y unless precautions are taken. Sn?* ions are 


[461 | 


462 


THE GROUP 14 ELEMENTS 


hydrolysed by water mainly to [Sn3(OH),4]?*, with small amounts of 
[SnOH]* and [Sn;(OH);^*. The [Sns(OH);]^* ion is probably cyclic and 
the compounds [Sni(OH);]SO; and [Sn,(OH),](NO3)2 are known. The 
compounds PbX; are much more stable than PbX,. Pb is the only element 
in the group with well defined cations. The salts PbX; can all be made from 
a water soluble Pb?* salt and the corresponding halide ion or halogen acid. 
The plumbous ion is partially hydrolysed by water. 


Pb?* + 2H;0 — [PbOH]* + H;O* 


CLUSTER COMPOUNDS 


There is a well established tendency for the heavier members of Groups 
14, 15 and 16 to form polyatomic ions. These may be chains, rings or 
clusters. 

Reduction of Ge, Sn and Pb by Na in liquid ammonia gives metal ions 
containing several atoms. These have been shown to be metal clusters. 
Crystalline compounds containing such ions can be isolated by forming 
complexes with ethylenediamine, or with cryptand-222 ligands. Examples 
include [Na(cryptand-222): [Sns], [Na(cryptand-222)] [Pb], 
[Nas(en)sGey] and [Na;(en)sSn,]. The shape of Ms clusters is a trigonal 
bipyramid, and My clusters are unicapped square anti-prisms. (The latter 
consists of a square anti-prism, i.e. a cube with the top face with four 
corners rotated 45° relative to the bottom face. Unicapped means an extra 
atom projects from,one of the faces.) 


REACTION MECHANISMS 


Many inorganic reactions, such as double decomposition, involve only 
ions. and these occur virtually instantaneously. Typically, organic reactions 
are slower because they involve breaking covalent bonds, and they occur 
either by substituting one group for another, or by adding on an extra 
group to give an intermediate which then eliminates another group to give 
the product. : 

The hydrolysis of SiCl, is rapid because Si can use a d orbital to form a 
five-coordinate intermediate, and the reaction occurs by an Su2 mechan- 
ism (Figure 13.20). A lone pair of electrons from the oxygen is donated to 
an empty d orbital on Si, forming a five-coordinate intermediate which has 
a trigonal bipyramidal structure. 


* È x 
^ of cl 
CI i l eliminate 
CI 
g E HO cl 
CI 
cl 


Figure 13.20 Hydrolysis of SiCl4. 
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Electronic structure full 
of silicon inner - 
excited state shell 
Silicon having gained 2 , 5 
four electrons in B EEES 
SiCl, t 
four orbitals — tetrahedral molecule 
(sp? hybridization) 


SiCl, having gained 

a lone pair from 

OH" in the 

intermediate five orbitals — trigonal bipyramid 
(sp?d hybridization) 


If the hydrolysis is performed on an asymmetrically substituted, and con- 
sequently optically active, silicon compound such as MeEtPhSi*Cl, then 
Walden inversion will occur, resulting in inversion of the structure from 
d to l or vice versa (Figure 13.21). In a similar way, the reduction of 
RRR; Si*Cl with Li[AIH;] to give R,R3R, Si*H also involves inversion 
of structure. 

Other mechanisms are possible because the conversion of RjR;R&Si*H 


Et H 4- 
0% Et 


Me Et 


Me ci OH- eliminate CI^ 
HO: Me 


Ph 
Ph 


Figure 13.21 Walden inversion of structure. 


to R,R;R3Si*CI occurs with the retention of structure. If RjR2R3Si*Cl is 
dissolved in ether or CCl, it is recovered unchanged, but dissolving in 
CH3CN results in racemization. 


ORGANIC DERIVATIVES 


The elements of this group have an extensive organometallic chemistry. 
The divalent state becomes increasingly stable and important on descend- 
ing the group (the inert pair effect), yet rather surprisingly the organo- 
metallic derivatives of Sn and Pb all contain M'Y and not M". 

The alkyl silicon chlorides are important as the starting materials for 
the manufacture of silicones. The silicone polymers have already been 
described. Tetra organic derivatives of Si, Ge, Sn and Pb may be prepared 
from the halides using Grignard or organolithium reagents. 


SiCl, + MeMgCI — MeSiCl;, Me2SiCl,, Me;SiCl, Me,Si 
PbCl, + LiEt > PbEt; — Pb + PbEt, 
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Tetraethyl lead is produced in large amounts and used an an 'anti-knock" 
additive to increase the octane number of petrol. The commercial prepara- 
tion uses a sodium/lead alloy. 


Na/Pb-4 4EtCl > PbEty + 4NaCI 


Lead is poisonous to man, and burning petrol containing PbEt, releases 
lead into the atmosphere. In 1974 about 230000 tonnes of PbEt, was 
produced in the USA, 55000 tonnes in the UK, and an estimated total of 
500000 tonnes worldwide. At that time, PbEt, was produced in larger 
tonnage than any other organometallic compound. Production in 1992 
was 150000 tonnes and is still declining as a result of legislation requiring 
that new cars must run on lead-free petrol. 

About 40000 tonnes/year of organotin compounds R;SnX; and R;SnX 
are used. About two thirds are used to stabilize PVC plastics and the 
remainder are used in agriculture to control fungi, and pests such as insects 
and larvae. 
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PROBLEMS 


1. 


What are the most common oxidation states of carbon and tin? Why is 
there any difference? 


. (a) Draw the structures of diamond and graphite. 


(b) Explain the difference in density between diamond and graphite. 

(c) Explain the difference in electrical conductivity between diamond 
and graphite. 

(d) Which allotropic form of C has the lowest energy? 

(e) Why does the less stable form exist when the other form is 
thermodynamically favoured? 


. List as many ways as possible of making CO and CO». What are they 


used for, and how are they detected? 


4. Explain the bonding in CO and CO). 


137 
14. 


. List the advantages and limitations of CO as a reducing agent in the 


extraction of metals from their oxides. 


. Give equations to explain what reaction occurs when the following are 


heated: (a) CaCO3, (b) CaCO; and SiO;. (c) CaCO; and C, (d) CaC; 
and N3. 


. Explain what happens when CO; is passed into a solution of Ca(OH);. 


What happens with excess CO;? 

Give equations to show what reactions occur between CO and: (a) O;, 
(b) S. (c) Cl», (d) Ni, (f) Fe. (g) Fe3O;. 

Write the formulae for the mononuclear carbonyls formed by V, Cr, 
Fe and Ni. What is the effective atomic number rule? Which of these 
complexes obey the rule? 


. Explain with the aid of suitable diagrams how CO forms o and x bonds 


in Ni(CO),. 


. Draw the structures of the polynuclear carbonyls Mns(CO),,, 


Fex(CO),2, Rux(CO),2 and Rh,(CO))>. 


. Why does CaCO; dissolve slightly when excess CO, is passed into an 


aqueous slurry? Write equations to explain the effect of a small 
amount of CO; on lime water, and of an excess of CO;. 


Give reasons why CO; is a gas and SiO» is a solid. 
Explain the 1 bonding in CO», CO; , SO; and SO3. 
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15. 


16. 


17. 


18. 
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20. 
21. 


22. 


93s 


24. 


25. 
26. 
27. 
28. 


29. 
30. 


3l 


3. 
33: 
34. 


35. 


36. 


Why is CCl, unaffected by water whilst SiCl, is rapidly hydrolysed? Is 
CCl, unreactive towards superheated steam? 

Compare the shapes of the following pairs of molecules or ions, and 
suggest reasons for the differences in each pair: 

(a) CCl, and TeCl, 

(b) CO; and NO, 

(c) SiF, and ICI; 

Why is SnI, an orange coloured solid when CCl, and SiBr, are 
colourless liquids? 

Starting with labelled BaCO; (containing '*C), how would you prepare 
labelled NaCO;, CaCO;, CaC,, CaNCN, C;H;, CH40H, CS; and 
Ni(CO),. 

How is CS? made, and what is it used for? 

How are NaCN and (CN); made? What is NaCN used for? 

Give two preparations for monosilane and compare its chemical 
properties with those of CH4. Explain any differences. 

Give three examples of Freons. How are they made, what are they 
used for, and how do they damage the environment? 

Compare and contrast the structures of trimethylamine and tri- 
silylamine. 

Draw the structures of six different types of silicate and give the name 
and formula of one example of each type. 

Describe the uses of soluble sodium silicates. 

Describe the use of zeolites as water softeners. 

How are silicate impurities removed in the extraction of Al and Fe? 
Describe two commercial methods for manufacturing alkyl substi- 
tuted chlorosilanes. How are the reaction products separated and how 
may polymers with almost any specified properties be prepared from 
them? 

How can silicates be detected in qualitative analysis? 

What are the main ores of Sn and Pb, and how are the metals 
extracted? 

Give equations to show the reactions between Sn and: (a) Ha» 
(b) NaOH, (c) HNO3, (d) O3, (e) Ch. 

What are the main uses of lead? 

What is red lead, and what is it used for? 

What are the main sources of lead pollution, what can be done about 
them, and what are the effects of lead on humans? 

How would you make lead tetra-acetate? What is its structure, and 
what is it used for? 


Describe the changes in physical and chemical properties which may 
be observed in the elements C, Si, Ge, Sn and Pb. Give reasons for 
these changes. 
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The group 15 elements 


Table 14.1 Electronic structures and oxidation states 
—————— Prem 


Element Electronic structure Oxidation states* 

Nitrogen N [He] 2s? 2p? -M -I —10 EILHLIV V 
Phosphorus P [Ne] 3s? 3p) ln v 
Arsenic As [Ar] 34" 4s? 4p? IB y 
Antimony Sb [Kr] 4d'" Ss? 5p* H v 
Bismuth Bi [Xe] 4/'* Sd!” 65? 6p? HI v 


——————————————————— 
* The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normal type. Oxidation states that are unstable, or in doubt, are given in 
parentheses, 


ELECTRONIC STRUCTURE AND OXIDATION STATES 


The elements of this group all have five electrons in their outer shell. They 
exhibit a maximum oxidation state of five towards oxygen by using all five 
outer electrons in forming bonds. The tendency for the pair of s electrons 
to remain inert (the inert pair effect) increases with increasing atomic 
weight. Thus, only the p electrons are used in bonding and trivalency 
results. Valencies of three and five are shown with the halogens and with 
sulphur. The hydrides are trivalent. Nitrogen exhibits a very wide range of 
oxidation states: (—IIT) in ammonia NH;, (—II) in hydrazine N5H,, (—I) in 
hydroxylamine NH2OH, (0) in dinitrogen N;, (+I) in nitrous oxide N5O, 
(HI) in nitric oxide NO, (+III) in nitrous acid HNO), (+IV) in nitrogen 
dioxide NO; and (+V) in nitric acid HNO}. The negative oxidation states 
arise because the electronegativity of H = 2.1 and that for N = 3.0. 


OCCURRENCE, EXTRACTION AND USES 


Nitrogen 


Though dinitrogen comprises 7896 of the earth's atmosphere, it is not a 
very abundant element in the earth's crust (only the thirty-third equal). 
Nitrates are all very soluble in water so they are not widespread in the 
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earth's crust, though deposits are found in a few desert regions. The 
largest is a 450-mile-long belt along the coast of northern Chile, where 
NaNO; (Chile saltpetre) is found together with small amounts of KNO;, 
CaSO, and NaIO; under a thin layer of sand or soil. This provided the 
main source of nitrates prior to World War I, when synthetic processes 
were developed for the manufacture of nitrates from atmospheric dini- 
trogen. A major deposit of saltpetre KNO; occurs in India. 

Nitrogen is an essential constituent of proteins and amino acids. (An 
average composition of a protein is C = 50%, O = 25%, N = 17%, 
H = 7%, S = 0.5%, P = 0.5% by weight.) Nitrates and other nitrogen 
compounds are extensively used in fertilizers and explosives. Earlier this 
century NaNO; was very important as a fertilizer. Bat guano was also 


Table 14.2 Abundance of the elements in the 
earth’s crust, by weight 


ppm Relative abundance 
N 19 33 = 
P 1120 11 
As 1.8 52 
Sb 0.20 64 
Bi 0.008 71 


os 


important. (This is bat droppings, which were found in large amounts in 
limestone caverns in Kentucky, Tennessee and Carlsbad, New Mexico.) In 
the last 50 years these sources have largely been replaced by NH; and 
NH,NO; from the huge synthetic ammonia and nitric acid industries. 

Dinitrogen gas is used in large amounts as an inert atmosphere. This is 
mainly in the iron and steel and other metallurgical industries, and in oil 
refineries for purging catalytic cracking vessels, re-forming vessels and 
pipes. Liquid nitrogen is used as a refrigerant. Large amounts of N are 
used in the manufacture of ammonia and calcium cyanamide. N, is 
obtained commercially by condensing air to the liquid state, and then 
fractionally distilling the liquid air. N, has a lower boiling point than O5 
and distils off first. Six industrial gases are obtained in this way: N5, O2, 
Ne, Ar, Kr and Xe. A typical analysis of air is shown in Table 14.3. 

World production of N, is growing rapidly and exceeds 60 million 
tonnes/year. (This is largely because liquid O; is essential for modern steel 
making processes, and N; is produced at the same time.) About two thirds 
of the N; is sold as gas. This may either be compressed in steel cylinders, or 
piped to where it is used. One third is sold as liquid N2. Dinitrogen 
obtained in this way always contains traces of dioxygen and the noble 
gases. Commercial N> normally contains up to 20 ppm of O;, ‘oxy-free’ Na 
contains up to 2ppm Oz, and ultrapure N; has no O; but may have up to 
10 ppm Ar. 

A cylinder of N, is the usual source of N; in the laboratory, but samples 
of the gas may be obtained by making ammonium nitrite and then warming 
it. N, is also obtained by oxidizing ammonia, for example with calcium 
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Table 14.3 Abundance of different gases in dry air 


% by.volume b.p. of gas (°C) 
N; 78.08 —195.8 
O: 20.95 —183.1 
Ar 0.934 —186.0 
CO; 0.025—0.050 —78.4 (sublimes) 
Ne 0.0015 —246.0 
H, 0.0010 —253.0 
He 0.00052 —269.0 
Kr 0.000 11 —153.6 
Xe 0.000 008 7 —108.1 


hypochlorite, bromine water or CuO. Small quantities of very pure N; may 
be obtained by carefully warming sodium azide NaN; to about 300°C. 
Thermal decomposition of NaN; is used to inflate the air bags used as 
safety devices in some cars. 


NH,Cl + NaNO, — NaCl + NH4NO; > N, + 2H,O 
4NH; + 3Ca(OCI); > 2N; + 3CaCl; + 6H5O 
8NH; + 3Br; > N; + 6NH,jBr 


2NaN, 29, 3N, + 2Na 


Phosphorus 


Phosphorus is the eleventh most abundant element in the earth's crust. 
Phosphorus is essential for life, both as a structural material in higher 
animals, and in the essential metabolism of both plants and animals. About 
60% of bones and teeth are Ca3(PO,)> or [3(Cas(PO4);) < CaF;]. and an 
average person has 8 lbs (3.5 kg) of calcium phosphate in his body. Nucleic 
acids such as DNA and RNA contain the genetic material for each cell. 
These nucleic acids are made up of polyester chains of phosphates and 
sugars with organic bases (adenine, cytosine, thymine and guanine). Phos- 
phorus, in the form of adenosine triphosphate ATP and adenosine di- 
phosphate ADP, is of vital importance for the production of energy in 
cells. When water splits a phosphate group off ATP, forming ADP, 
33kJ mole of energy is released. 

Vast amounts of phosphates are used in fertilizers. World production of 
phosphate rock was 145 million tonnes in 1992 (USA 32%, China 18%, 
Soviet Union 15%, and Morocco 13%). Most is mined as fluoroapatite 
[3Ca3(PO,)2]- CaF], but some is found as hydroxyapatite [3Ca3(PO4)2- 
Ca(OH),] and chloroapatite [3Ca3(PO;);- CaCl] where OH” and Cl” 
are substituted for F^ in the crystal structure. About 90% of phosphate 
rock is used directly to make fertilizers, and the remainder is used to 
make phosphorus and phosphoric acid. 
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Figure 14.1 Structure of adenosine triphosphate ATP. 


World production of elemental P is about one million tonnes/year, but is 
declining. It is obtained by the reduction of calcium phosphate with C in an 
electric furnace at 1400—1500?C. Sand (silica SiO2) is added to remove the 
calcium as a fluid slag (calcium silicate) and to drive off the phosphorus as 
P,O;y. The P,O,, is reduced to phosphorus by C. At this temperature 
gaseous phosphorus distils off, mainly as P4 but with some P5. This is 
condensed to white phosphorus P, by passing the gas through water. 


2Ca3(PO4)2 + 6SiO; — 6CaSiOx + P4O, 
P,O,) + 10C > P, + 10CO 


About 85% of the elemental P produced is used to make very pure 
phosphoric acid H3PO,. About 10% is used to make P,S,, (used making 
organo P—S compounds) and PS; (which is used to make matches). 


P4 + 502 — PsO,) + 6H;0 — 4H3PO, 
P, + 10S — PSyo 


Other uses are for making POCI, and phosphor bronze. 


| Arsenic, antimony and bismuth 


The elements As, Sb and Bi are not very abundant. Their most important 
source is as sulphides occurring as traces in other ores. They are well 
known because they are obtained as metallurgical by-products from roast- 
ing sulphide ores in a smelter. Care should be taken since As and Sb 
compounds are poisonous. The colours of the sulphide ores are distinctive. 

Arsenic is obtained as As;O; in the flue dust from roasting CuS, PbS, 
FeS, CoS and NiS in air. World production of As;O; was 47000 tonnes 
in 1992. The oxide may be converted to As by reduction with C. The 
only common ores are arsenopyrites FeAsS (white-grey colour with 
metallic lustre), realgar As4S4 (red-orange colour) and orpiment As2S3 
(yellow colour). The last two are found in volcanic areas. The element As 
is obtained commercially by heating arsenides such as NiAs, NiAs; or 
FeAs;, or arsenopyrites FeAsS, to about 700°C in the absence of air, when 
the As sublimes out. 


continued overleaf 
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4FeAsS — Asa) + 4FeS 


There are few uses for As metal, but it is used to alloy with lead to make 
the lead harder. Small amounts are used to dope semiconductors and make 


"light emitting diodes. Arsenic compounds are generally made from As;O;. 


Their main uses, e.g. rat poison, in medicine to kill parasites, and for 
preventing wood rot, arise from their poisonous nature. 

Antimony is obtained as Sb;O; in the flue dust from roasting ZnS ores. 
This is easily reduced to the metal with carbon. The most important ore is 
stibnite Sb2S; (iridescent metal-like needles). The metal is obtained by 
fusing with iron: 


Sb2S; + 3Fe — 2Sb + 3FeS 


Antimony metal is used in alloys with Sn and Pb. It is also used to electro- 
plate steel to prevent rusting. World production of Sb was 84000 tonnes in 
1992, Antimony compounds are used as fire retardants in foam fillings for 
furniture and mattresses, 

Bi,O; is obtained from the flue dust from roasting PbS, ZnS and CuS, 
and can be reduced to the metal with carbon. It also occurs as the minerals 
bismuthinite Bi,S; and bismite Bi;Os. Because of its low melting point 
bismuth metal can be cast in much the same way as lead. As, Sb and Bi 
metals are all too brittle to work. Bi is used in low melting alloys. (One use 
of these alloys is as a low melting plug for automatic fire sprinkler systems.) 
Other uses are in batteries, bearings, solder and ammunition. World pro- 
duction was 3600 tonnes in 1992. 


GENERAL PROPERTIES AND STRUCTURES OF THE ELEMENTS 


Nitrogen 


. 
The first element differs from the rest as was the case in the previous 
groups. Thus dinitrogen is a colourless, odourless, tasteless gas which is 
diamagnetic and exists as diatomic molecules N;. The other elements 
are solids and exist as several allotropic forms. The N, molecule contains 


Table 14.4 Melting and boiling points 


Melting point Boiling point 
(C) CC) 
N; -210 -195.8 
P, 44 281 
a-As 816” 615 (sublimes) 
a-Sb 631 1587 
a-Bi 271 1564 


a SE ee RUINIS 
* At 38.6 atmospheres pressure. 
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a triple bond N=N with a short bond length of 1.09 À. This bond 
is very stable, and the dissociation energy is consequently very high 
(945.4kJ mol^!). Thus N; is inert at room temperature, though it does 
react with Li, forming the nitride Li,N. Other isoelectronic species such as 
CO, CN- and NO* are much more reactive than N3, and this is because 
the bonds are partly polar, whilst in N; they are not. At elevated tempera- 
tures N2 becomes increasingly reactive, and reacts directly with elements 
from Groups 2, 13 and 14, with H, and with some of the transition metals. 

Active nitrogen can be made by passing an electric spark through N, gas 
at a low pressure. This forms atomic nitrogen, and the process is associated 
with a yellow—pink afterglow. Active nitrogen will react with a number of 
elements, and breaks many normally stable molecules. 


The nitrogen cycle 


There is a continual turnover of nitrogen between the atmosphere, the soil, 
the sea and living organisms, which is estimated to be between 10° and 10? 
tonnes/year. This is called the nitrogen cycle. Consider the combined 
nitrogen in the soil: this is present as nitrates, nitrites and ammonium 
compounds. Losses of combined nitrogen from the soil occur for several 
reasons: 


1. Plants absorb these compounds, and use them to make protoplasm, in 
order to grow. Plants may be eaten by animals, and animals may eat 
animals. Animals excrete nitrogenous wastes usually as urea or uric 
acid, which is returned to the soil. Death and decay eventually return all 
the nitrogen to the soil. 

2. A group of denitrifying bacteria called Denitrificans convert nitrates 
into N3 or NH; gases, which escape into the atmosphere. (Horse stables 
often smell of ammonia for this reason.) NH; is returned to the soil by 
the first rainstorm, but N is not. Examples of denitrifying bacteria 
include Pseudomonas and Achromobacter. 


nitrates — nitrites NO; — N, > NH, 


3. A net loss of nitrogen compounds in the soil occurs through the 
drainage of surface water into the sea. There it supports marine plant 
life. 

4. There is a small loss of NO and NO; into the atmosphere from the 
burning of plants and coal, and from car exhausts. Though this may be 
unpleasant and produce smog locally, the amounts are small, and the 
nitrogen is returned to the soil when it rains. 


There are net gains to the supply of combined nitrogen in the soil: 


|. The largest gain is from nitrifying bacteria which fix N; gas and turn it 
into nitrates or ammonium salts. This produces over 60% of the 
nitrogen gain. It is estimated that approximately 175 million tonnes of 
N» are fixed annually by bacteria. This may be compared with 110 
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million tonnes of NH; produced in 1992 by man (mainly by the Haber— 
Bosch process, but some from the distillation of coal). The most 
important genus of bacteria is Rhizobium. These live symbiotically in 
the nodules of roots of plants in the family Leguminosae, i.e. peas, 
beans, clover and alder trees. Other nitrifying bacteria live free in the 
soil, for example the blue-green bacteria Anabena and Nostoc, aerobic 
bacteria such as Azotobacter and Beijerinckia, and anaerobic bacteria 
such as Clostridium pastorianum. These bacteria require traces of 
certain transition metals such as Mo, Fe, Co and Cu from the soil, and 
also B. The nitrogen fixing enzyme 'nitrogenase' was isolated from 
Clostridium pastorianum in 1960: the same enzyme system is respon- 
sible for nitrogen fixation in the other bacteria too. 

Nitrogenase contains two components. One is a Mo-Fe protein of 
molecular weight 220000, containing 24-32 Fe, two Mo and a labile 
sulphide group, and the other is an Fe protein of molecular weight 
60000, containing four Fe and four S. Nitrogenase reduces N3 to NH; 
and the N, is thought to forth a complex with the Mo-Fe protein. 
Bonding in N complexes favours end-on coordination to the metal. o 
donation from N to the metal is more important than x back bonding 
from the metal to N. Nitrogenase also reduces N20, RCN and N5 to 
NH; and it also reduces ethyne C,H) to ethene C2H4. 

Blue-green bacteria can also fix N>, and this is important in growing 
rice. 

The number of kilograms of nitrogen fixed in one acre of fertile soil in 
one year by different organisms is: Rhizobium 120, blue-green bacteria 
10, Azotobacter 0.1, Clostridium 0.1. 

2. About 20% comes from NH4NO;, which is used in vast quantities as an 
artificial fertilizer. The Haber—Bosch process is used to fix atmospheric 
N; and to make NH, and the Ostwald process is used to convert NH; to 
HNO). Reacting NH; and HNO; gives NH4NO;. 

3. Relatively small amounts come from deposits such as Chile saltpetre 
NaNO; which is mined and used as fertilizer. 

4, Minor gains come from the effects of lightning, and from photochemical 
changes. Lightning may cause N, and O; in the air to form NO and 
NO». This is essentially similar to the obsolete Birkeland- Eyde 
process. The strong UV radiation in the upper atmosphere may cause 
similar photochemical changes, giving oxides of nitrogen. The NO; 
formed forms a very dilute solution of HNO; in rain water. 


Phosphorus 


Phosphorus is solid at room temperature. White phosphorus is soft, waxy 
and reactive. It reacts with moist air and gives out light (chemilumine- 
scence). It ignites spontaneously in air at about 35°C, and is stored under 
water to prevent this. It is highly toxic. It exists as tetrahedral P4 
molecules, and the tetrahedral structure remains in the liquid and gaseous 
states. Above 800°C P, molecules in the gas begin to dissociate into P; 
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Figure 14.2 The structure of black phosphorus. The atoms are arranged in 
corrugated planes in crystalline black phosphorus (Van Wazer, J.R., Phosphorus 
and Its Compounds, Vol.I, Interscience, New York - London, 1958, p.121). 


molecules, which have a bond energy of 489.6 kJ mol" '. (This is only half 
the value for N; because the orbitals in the third shell are much larger and 
give relatively poor pz-pz overlap.) If white phosphorus is heated to 
about 250°C, or a lower temperature in the presence of sunlight, then red 
phosphorus is formed. This is a polymeric solid, which is much less reactive 
than white phosphorus. It is stable in air and does not ignite unless it is 
heated to 400°C. It need not be stored under water. It is insoluble in 
organic solvents. Heating white phosphorus under high pressure results in 
a highly polymerized form of P called black phosphorus. This is thermo- 
dynamically the most stable allotrope. It is inert and has a layer structure 
(Figure 14.2). Other more doubtful allotropes have been reported. 


Arsenic, antimony and bismuth 


Solid As, Sb and Bi each exist in several allotropic forms. Arsenic vapour 
contains tetrahedral As, molecules. A reactive yellow form of the solid 
resembles white phosphorus and is thought to contain tetrahedral As; 
units. Sb also has a yellow form. All three elements have much less reactive 
metallic or a-forms. These. have layer structures, but the layers are 


Table 14.5 Radii, ionization energies and electronegativity 


Covalent Tonization energies Pauling's 
radius (kJ mol!) electronegativity 
(À) Ist 2nd 3rd 
N 0.74 1403 2857 4578 3.0 
P 1.10 1012 1897 2910. Z:] 
As 1.21 947 1950 2732 2.0 
Sb 1.41 834. 1590 2440 1:9 
Bi 1.52 703 1610 2467 1.9 


[476] | 


THE GROUP 15 ELEMENTS | 


puckered. Another allotrope of Sb that is formed at high pressure has a 
hexagonal close-packed structure. A high pressure form of Bi has a body- 
centred cubic structure. Bismuth is unusual because the liquid expands 
when it forms the solid. This unusual behaviour is also found with Ga 


and Ge. 


Figure 14.3 Layer structure of bismuth. 


BOND TYPE 


The majority of compounds formed by this group are covalent. 


Outer electronic structure 
of Group 15 element 


three unpaired electrons form o bonds with three other atoms 
four electron pairs give a tetrahedral shape with one position 
occupied by a lone pair 


A coordination number of 4 is obtained if the lone pair is donated (that is 
used to form a coordinate bond) to another atom or ion. An example is the 
ammonium ion [H3N — H]* (Figure 14.4). 


Figure 14.4 Structure of ammonia. 


It requires too much energy to remove all five outer electrons so Mt 
ions are not formed. However, Sb and Bi can lose just three electrons, 
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forming M** ions, but the ionization energy is too high for the other 
elements to do so. Both SbF; and BiF; exist as ionic solids. The M** ions 
are not very stable in solution. They can exist in fairly strong acid solutions, 
but are rapidly hydrolysed in water to give the antimony oxide ion or 
bismuth oxide ion SbO* and BiO*. This change is reversed by adding 
5M HCI. 


emos 
Bi** —— [BiO]* 
HCI 


BiCl; + H;O = BiOCI + 2HCI 


Nitrogen atoms may gain three electrons and so attain a noble gas 
configuration, forming ionic nitrides containing the N?- ion. It takes 
2125 kJ mol"! of energy to form N*~. Thus ionic nitrides are formed only 
by metals which have low ionization energies and can form nitrides with 
high lattice energies (Li3N, Be3N», Mg3N», Ca;N;). Though compounds 
such as NaP and: NasBi are known, these are not ionic. 

Nitrogen cannot extend its coordination number beyond 4 because there 
are only four orbitals available in the second shell of electrons. Thus 
nitrogen cannot form complexes by accepting electron pairs from other 
ligands, but the subsequent elements can form such complexes. Thus the 
other elements may have coordination numbers of 5 or 6 as, for example, 
in PCl; gas and [PCI;]". The formation of complexes may be explained 
by involving one or two d orbitals in bonding. Thus sp?d or sp?d? 
hybridization may occur. The 3d orbitals of an isolated phosphorus atom 
are much larger than the 3s and 3p orbitals. This might at first sight suggest 
that the use of the 3d orbitals for bonding is improbable. However, when 
electronegative ligands are placed round the phosphorus atom, the 3d 
orbitals contract to nearly the same size as the 3s and 3p orbitals. (The 
extent of d orbital participation in c bonding is controversial and is 
discussed in Chapter 4.) 

Nitrogen also differs from the other elements in that it can form strong 
pr-pn multiple bonds. Because of this it forms several compounds which 
have no counterparts in the other elements. These include nitrates NO3, 
nitrites NOz, azides Nj, dinitrogen Nz, oxides of nitrogen NO, NO, 
NO», N2O4, cyanides CN^, and azo and diazo compounds. Because nitro- 
gen can form multiple bonds, the oxides N20, and NO; are monomeric, 
whilst the trioxides and pentoxides of the other elements are dimeric. 


METALLIC AND NON-METALLIC CHARACTER 


Group 15 shows the usual trend, that metallic character increases on de- 
scending the group. Thus N and P are non-metals, As and Sb are metal- 
loids, which show many metallic properties, and Bi is a true metal. The 
increasing metallic character is shown by the following: 
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In the appearance and structures of the elements. 

2. By their tendency to form positive ions. 

3. By the nature of their oxides. Metallic oxides are typically basic, and 
non-metallic oxides are acidic. Thus the normal oxides of N and P are 
strongly acidic, whereas those of As and Sb are amphoteric and that of 
Bi.is largely basic. 

4. The electrical resistivity of the metallic forms (a-As 33, a-Sb 39 and 

a-Bi 106 uohm cm) are much lower than for white phosphorus (1 x 

10 uohm cm), indicating an increase in metallic properties. However, 

the resistivity values are higher than the values for a good conductor 

such as Cu, 1.67 yohm cm, and higher than Sn, 11, and Pb, 20 pohm cm, 

in the adjacent group. (See Appendix J.) 


REACTIVITY 


Dinitrogen is relatively unreactive, which is why it has accumulated in 
such large amounts in the atmosphere. 

White phosphorus catches fire when exposed to air, burning to form 
P4O o. It is stored under water to prevent this. Red phosphorus is stable in 
air at room temperature, though it reacts on heating. 

Arsenic is stable in dry air, but tarnishes in moist air, giving first a bronze 
then a black tarnish. When heated in air it sublimes at 615°C and forms 
As4Oe, not As4O;e. Strong heating in dioxygen can give either of these 
oxides, depending on the amount of dioxygen present. This reluctance to 
attain the maximum oxidation state for the group is found in the elements 
Ga, As, Se and Br, that is in the elements immediately following the filling 
of the first d shell. AsO;o and H3AsOy, are used as oxidizing agents in 


volumetric analysis. 
Sb is less reactive, and is stable towards water and to air at room 


temperature. On heating in air it forms Sb,O¢, Sb,Og or Sb,O;o. Bi forms 
Bi,O; on heating. 


HYDRIDES 


The elements all form volatile hydrides of formula MH3, which are all 
poisonous, foul smelling gases. On descending the group from NH; to 


BiHs: 


1. The hydrides become increasingly difficult to prepare. 

2. Their stability decreases. 

3. Their reducing power increases. 

4. The ease of replacing the hydrogen atoms by other groups such as Cl or 
Me decreases. 

5. Their ability to act as electron donors, using the lone pair of electrons 
for coordinate bond formation, decreases. 
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Ammonia NH; 


NH; is a colourless gas with a pungent odour. The gas is quite poisonous. It 
dissolves very readily in water with the evolution of heat. At 20°C and one 
atmosphere pressure 53.1 g NH; dissolves in 100g water. This corresponds 
to 702 volumes of NH; dissolving in 1 volume of H30. In solution ammonia 
forms ammonium hydroxide NH4OH, and behaves as a weak base. 


NH; + H2O = NH; +OH™ = K = 1.8 x 10° moll^! 


NH; and NH,OH both react with acids, forming ammonium salts. These 
salts resemble potassium salts in solubility and in their crystal structures. 
Like the Group 1 salts, ammonium salts are typically colourless. There are 
some differences. Ammonium salts are usually slightly acidic if they have 
been formed with strong acids such as HNO3, HCI and H;SO,, since 
NH,OH is only a weak base. Ammonium salts decompose quite readily on 
heating. If the anion is not particularly oxidizing (e.g, C1”, CO4- or SO) 
then ammonia is evolved: 


heat 


NH,Cl —> NH; + HCI 


(NH4),$0, 5 2NH, + H,SO, 
If the anion is more oxidizing (e.g. NO3 , NO3 , CIO; , Cr;07") then NH7 
is oxidized to N; or N20. 


= 0 
Ww heat 


NHNO: =, N, + 2H,0 


-n * 
heat 


1 
NH4NO;—— N20 + 2H;0 


(NH,);CrO; 5. N; + 4H,0 + Cr,03 
NH; burns in dioxygen with a pale yellow flame: 
4NH; + 302 — 2N; + 3H,0 
The same reaction occurs in air, but the heat of reaction is insufficient to 
maintain combustion unless heat is supplied, for example in a gas flame. 
Certain mixtures of NH3/O, and NH;/air are explosive. 


NH; is prepared in the laboratory by heating an ammonium salt with 
NaOH. This is a standard test in the laboratory for NH? compounds. 


NH,Cl + NaOH — NaCl + NH; + H,O 
The NH; evolved may be detected: 


1, By its characteristic smell. 

2. By turning moist litmus paper blue. 

3. By forming dense white clouds of NH;CI with the stopper from a bottle 
of HCl. 

4. By forming a yellow—orange—brown precipitate with Nessler’s solution. 
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World production of NH; was 110 million tonnes in 1992. Most was 
manufactured synthetically from Hz and N; by the Haber- Bosch process 
(see later) but some was obtained from coal gas purification and during 
coke production from coal. Ammonia can also be obtained from the 
hydrolysis of calcium cyanamide, CaNCN. Calcium cyanamide is usually 
used as a fertilizer, and this reaction occurs slowly in the soil. 


CaNCN + 3H,O — 2NH; + CaCO; 


(CaNCN is also used to make melamine, urea and thiourea — See Chapter 
11.) In the past when town gas was made as a fuel by dry distilling coal in 
the absence of air, any nitrogenous compounds in coal were converted into 
NH;. This NH; was obtained as a by-product. 


Ammonium salts 


Ammonium salts are all very soluble in water. They all react with NaOH, 
liberating NH3. The NH; ion is tetrahedral. Several ammonium salts are 
important. 

NH,Cl is well known. At one time it was obtained by heating camel 
dung: NH,CI is easily purified by sublimation! It can be recovered as a 
by-product from the Solvay process. It is used in ‘dry batteries’ of the 
Leclanché type. It is also used as a flux when tinning or soldering metals, 
since many metal oxides react with NH,Cl, forming volatile chlorides, thus 
leaving a clean metal surface. 

NH,NO; is used in enormous amounts as a nitrogenous fertilizer. It is 
deliquescent. Because it can cause explosions it is often mixed with CaCO; 
or (NH;);SO, to make it safe. It is also used as an explosive, since on 
strong heating (above 300°C), or with a detonator, very rapid decomposi- 
tion occurs. The solid has almost zero volume and it produces seven 
volumes of gas: this causes the explosion: 


2NH,NO; — 2N; + O, + 4H,0 


Smaller amounts of (NH4)2SO, are also used as a fertilizer. At one time 
(NH4)2SO, was obtained as a by-product from making coal gas (town gas). 
Since natural gas has become available in developed countries, town gas is 
no longer made. (NH,)2SO, is made by passing NH; and CO, gases into a 
slurry of CaSO, in water: 


2NH; + CO; + H;O > (NH,)sCO, 
(NH4),CO; + CaSO, — CaCO; + (NH;),SO, 


Small amounts of diammonium hydrogen phosphate (NH4);HPO, and 
ammonium dihydrogen phosphate NH,H>PO, are used as fertilizers. They 
are also used for fireproofing wood, paper and textiles. NH4CIO, is used as 
an oxidizing agent in solid fuel rocket propellants. 
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Phosphine PH; 


Phosphine PH; is a colourless and extremely toxic gas, which smells 
slightly of garlic or bad fish. It is highly reactive. It can be formed either by 
hydrolysing metal phosphides such as NasP or Ca;P; with water, or by 
hydrolysing white phosphorus with NaOH solution. 


CasP; + 6H;0 — 2PH; + 3Ca(OH); 
P, + 3NaOH + 3H,O — PH; + 3NaH;PO; 


PHs, unlike NHg, is not very soluble in water: aqueous solutions are 
neutral. It is more soluble in CS; and other organic solvents. Phosphonium 
salts such as [PH;]*CI^ can be formed, but require PH and anhydrous 
HCI (in contrast to the ready formation of NH4X in aqueous solution). 
Pure PH; is stable in air, but it catches fire when heated to about 150°C. 


PH; + 20; > H3PO, 


PH; frequently contains traces of diphosphine PH, which cause it to catch 
fire spontaneously. This is the origin of the flickering light called will-o’- 
the-wisp, which is sometimes seen in marshes. 


Arsine AsH;, stibine SbH; and bismuthine BiH; 


The bond energy (Table 14.6) and the stability of the hydrides both 
decrease on descending the group. Consequently, arsine AsH;, stibine 
SbH; and bismuthine BiH; are only obtained in small amounts. ASH, and 
SbH, are both very poisonous gases. AsH;, SbH; and BiH; can be 
prepared by hydrolysing binary metal compounds such as Zn3As;, MgsSb; 
or Mg;Bi with water or dilute acid. AsH, and SbH; are formed in Marsh's 
test for As and Sb compounds. Before the use of instruments for analysis, 
this test was used as a forensic test. Practically all As or Sb compounds 
can be reduced with Zn and acid, forming AsH, or SbH;. The gaseous 
hydrides are passed through a glass tube heated with a Bunsen burner. 
SbH; is less stable than AsH;: hence it decomposes before passing through 
the flame, and gives a metallic mirror on the glass tube. AsH, is more 
stable, and requires stronger heating to make it decompose. Thus AsH; 
gives a mirror after the flame. 


Structure of the hydrides e 


The structure of ammonia may either be described as pyramidal, or 
tetrahedral with one position occupied by a lone pair (Figure 14.4). This 
shape is predicted using the VSEPR theory since there are four electron 
pairs in the outer shell. These comprise three bonding pairs and one lone 
pair. The repulsion between a lone pair and a bond pair of electrons always 
exceeds that between two bond pairs. Thus the bond angles are reduced 
from 109727' to 107*48', and the regular tetrahedral shape is slightly 
distorted. 
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Electronic structure of 1s 2s 2p 

nitrogen atom — ground 

Nitrogen having gained a 

cea 
(_________ 


atoms in NH, molecule 
four orbitals in the outer shell 
(three bond pairs and one lone pair) 
tetrahedral arrangement with one 
Position occupied by a lone pair 


The hydrides PH;, AsH, and SbBs would be expected to be similar. 
However, the bond pairs of electrons are much further away from the 
central atom than they are in NH3. Thus the lone pair causes even greater 
distortion in PHs, AsH, and SbH3. The bond angle decreases to 91°18’ 
(Table 14.6). These bond angles suggest that in PHs, AsH3, SbH; and 
BiH; the orbitals used for bonding are close to pure p orbitals. 

The melting and boiling points of the hydrides increase from PH; 
through AsH3 ‘to SbH;. The values for NH. seem out of line with this 
trend: one might have expected the boiling point of NH; to be —110°C or 
—120*C. The reason why NH; has a higher boiling point and is much less 
volatile than expected is that it is hydrogen bonded in the liquid state. The 
other hydrides do not form hydrogen bonds. 

These hydrides are strong reducing agents and react with solutions of 
metal ions to give phosphides, arsenides and stibnides. They are flammable 
and extremely poisonous. 


Table 14.6 Some properties of the hydrides 


——————————————————————————— 


m.p. b.p. Bond energy Bond angle Bond length 

CC) — (CO) (kJ mol") (A) 
NH; -7.8  -345 N-H - 389 H-N-H = 107°48’ 1.017 
PH; =133.5 -87.5 P-H = 318 H-P-H = 93°36' 1.419 
AsH; -116.3 —62.4  As-H =247 H-As-H= 91°48' 1.519 
SbH; —88 -184  Sb-H -255 H-Sb-H= 91°18’ 1.707 
eee 
Donor properties 


NH; can donate its lone pair of electrons quite strongly to form complexes. 
Thus ammonia forms ammonium NH$ salts, and also coordination 
complexes with metal ions from the Co, Ni, Cu and Zn groups, for 
example the [Co(NH3)s]?* ion, very readily. 

PH; acts as an electron donor and forms numerous complexes such as 
[F3B — PH3], [CIA] —— PH;] and [Cr(CO);(PHs)3]. A variety of other 


HYDRIDES 


trivalent phosphorus compounds such as PF3, PCl;, PEt;, P(OR); and 
PPh; also form complexes, which in some ways resemble complexes with 
CO. Thus the lone pair on P is used to form the coordinate bond to an 
empty orbital on the B or metal (a o bond). In the case of metals, this 
original coordinate bond may be reinforced by back bonding from n 
overlap of a filled d orbital on the metal with an empty d orbital on P. 

The donor properties of the other hydrides are very weak, and they have 
little or no tendency to form coordinate bonds. 

In NH; the lone pair occupies an sp? hybrid orbital. In AsH, and SbH; 
the bond angles become close to 90* which suggests that the orbitals used 
for M—H bonding are almost pure p orbitals. If the three p orbitals are 
used for M—H bonding, the lone pair must occupy a spherical s orbital. 
This is larger, and less directional, and hence less effective for forming 
a coordinate bond. This means that any o bond will be very weak. In 
addition the 4d and 5d orbitals are too large for effective x back bonding. 
These two factors account for the difference in complexing power between 
the hydrides. 

Nitrogen forms several hydrides (see Table 14.7). 


Table 14.7 Hydrides of nitrogen 


Formula Name Oxidation state 

NH; Ammonia zu 

N;H; Hydrazine =i 

NH;OH Hydroxylamine cy 
Hydrazine N2H, 


Hydrazine is a covalent liquid, which fumes in air, and smells similar to 
NH. Pure hydrazine burns readily in air with the evolution of a large 
amount of heat. 


N;Haq + Oxe > Nap + 2H0 — AH = —621kJ mol"! 


The methyl derivatives MeNHNH; and Me;NNH; are mixed with N5O, 
and used as a rocket fuel in the space shuttle, in guided missiles, and 
(earlier) in the Apollo lunar modules. 

N.H, is a weak base and reacts with acids, forming two series of salts. 
The salts are white ionic crystalline solids, and are soluble in water. 


N-H, HX — N-H + X- 
NH, + 2HX > N;H$' + 2X7 
When dissolved in water (in neutral or basic solutions) hydrazine or its 
salts are powerful reducing agents. They are used to produce silver and 


copper mirrors and to precipitate the platinum metals. Hydrazine also 
reduces I, and O2. 
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NH; + 21, > 4HI + No 
NH, + 20; > 2H;0; + N3 
N;H, + 2CuSO, — Cu + N54 2H;80, 


In acidic solutions, hydrazine usually behaves as a mild reducing agent, 
though powerful reducing agents can reduce N;H4 to NH3, thus causing 
N3H, to be oxidized. 


N;H, + Zn  2HCI > 2NH; + ZnCl, 
cm u) 


Hydrazine may act as an electron donor. The N atoms have a lone pair of 
electrons, which can form coordinate bonds to metal ions such as Ni?* and 
Co?* 

World production of hydrazine is nearly 20000 tonnes/year. Most is used 
as rocket fuel. Other uses are the manufacture of ‘blowing agents’ (for 
producing blown plastics), as agricultural chemicals, and to treat the boiler 
feed water in power stations to prevent oxidation of the boiler and pipes. 
In the laboratory phenylhydrazine is used to characterize carbonyl com- 
pounds and sugars by forming crystalline derivatives called osazones. 
Osazones can be identified by microscopic examination of the shape of the 
crystals, or by melting point determination. 


CH2- OH CH; OH 
| l 

(CH- OH); (CH- OH); 
| Ssl 
CH: OH CH- OH 


| | 
CHO + Ho;N—NHC4H; CH=N—NHC,H,; + H,O 
glucose phenylhydrazine glucose phenylhydrazone 
(an osazone) 


Hydrazine is still manufactured by the Raschig process, in which 
ammonia is oxidized by sodium hypochlorite in dilute aqueous solution: 


NH; + NaOCl NHCl + NaOH (fast) 
2NH; + NH CI ^ NHSNH; + NH,CI. (slow) 


A side reaction between chloramine and hydrazine may destroy some or all 
of the product. 


N;H, + 2NH;CI > N, + 2NH,Cl 


This reaction is catalysed by heavy metal ions present in solution.-For this 
reason distilled water is used (rather than tap water), and glue or gelatin 
is added to mask (i.e. complex with) the remaining metal ions. The use 
of excess of ammonia reduces the incidence of chloramine reacting with 
hydrazine. The use of a dilute solution of the reactants is necessary to 
minimize another side reaction: 


3NH2Cl + 2NH; > N; + 3NH,ClI 
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The modern industrial process runs continuously rather than as a batch 
process. A dilute aqueous solution containing a 30-1 ratio of NH4OH and 
NaOCI and gelatin is passed rapidly at high pressure through a reactor at 
150°C. Conversion is about 60%, and a 0.5% solution of hydrazine is 
obtained. The excess NH; is stripped off and recycled. The hydrazine is 
concentrated by distillation yielding N;H;- H5O, or by adding H;SO, to 
precipitate the salt NoH,- H9SO,. 

Electron diffraction and infrared data indicate that the structure of 
hydrazine is related to that of ethane. Each N atom is tetrahedrally 
surrounded by one N, two H and a lone pair. The two halves of the 
molecule are rotated 95° about the N—N bond and um a gauche (non- 
eclipsed) conformation. The N—N bond length is 1.45 A. 

Phosphorus forms an unstable hydride P5H4, which has very little 
chemical similarity to N5H,. 


Hydroxylamine NHOH 


Hydroxylamine forms colourless crystals that melt at 33°C. It is thermally 
unstable and decomposes into NH3, N2, HNO; and N;O easily. It explodes 
if heated strongly. It is usually handled in aqueous solution, or as one of its 
salts, since these are more stable than free NH;OH, 

Hydroxylamine is a weaker base than is ammonia or hydrazine. Salts 
contain the hydroxylammonium ion [NH3OH]*. 


NH2OH + HCI > [NH3OH] * C1", 
NH2OH + HS0, — [NH3OH]*HSO; 
The appropriate reduction potentials (see page 490) suggest that hy- 


droxylamine should disproportionate. It disproportionates slowly in acidic 
solutions: 


-1 + -1 
4[NH;OH - H]* > NO + 2NHł + 2H* + 3H;O 
and rapidly in alkaline solutions: 
zl o -m 


3NH;OH — N, + NH; + 3H;O 


Both NH;OH and its salts are very poisonous, and they are also strong 
reducing agents. 

Hydroxylamine is manufactured by reducing nitrites, or from nitro- 
methane: 


NH,NO, + NH4HSO; + SO; + 2H;0 — [NH3OH]* HSO; + (NH4);SO, 
CHNO; + H;SO, — [NH3OH]*HSO; + CO 


Hydroxylamine has donor properties (like NH; and N>H,): the N atom can 
form coordinate bonds, and can complex with metals. In addition it adds 
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easily to double bonds in organic molecules, and thus provides an easy way 
of introducing N atoms into molecules. 

NH2OH is manufactured in large quantities to make cyclohexanone 
oxime, which is converted to caprolactam and then polymerized to give 
nylon-6. 


[o] 


o NOH ee 
NH;OH Oleum Ne 
Arp. ia Hi ee 
/ 
ch, 
Cyclohexanone Cyclohexanone Caprolactam 


oxime 
7C0-1 NH-(CHj).- CO] —NH--- 
Nylon 6 


Figure 14.5 Nylon-6. 


LIQUID AMMONIA AS A SOLVENT 


Ammonia gas is easily condensed (boiling point —33°C) to give liquid 
ammonia. Liquid ammonia is the most studied non-aqueous solvent and it 
resembles the aqueous system quite closely. Liquid ammonia, like water, 
will dissolve a wide variety of salts. Both water and ammonia undergo self- 
ionization: 

2H,0 = H3O* + OH™ 

2NH3 = NH; + NH; 
Thus, substances which produce H;O* ions in water are acids, and 
ammonium salts are acids in liquid ammonia. Similarly, substances pro- 
ducing OH™ in water or NH; in liquid ammonia are bases in that solvent. 

Thus acid-base neutralization reactions occur in both solvents, and 

phenolphthalein may be used to detect the end point in either: 


HCI + NaOH — NaCl + H;O (in water) 


acid base salt solvent 


NH,4CI + NaNH; > NaCl + 2NH; (in ammonia) 


In a similar way, precipitation reactions occur in both Solvents. 
However, the direction of the reaction is a function of the solvent: 


(NH,)2S + Cu?* 2 2NH{ + CuS} (in water) 
(NH,)2S + Cw*  2NHZ + CuS} (in ammonia) 


BaCl, + 2AgNO; — Ba(NOs); + 2AgCl | (in water) 
Ba(NO3), + 2AgCl  BaCl, | + 2AgNO; (in ammonia) 


Amphoteric behaviour is observed in both solvents; for example, 


HYDROGEN AZIDE AND THE AZIDES 


487 | 


Zn(OH); is amphoteric in water and Zn(NH5); is amphoteric in ammonia: 


excess 


Zn** + NaOH > Zn(OH); + NaOH > Na2[Zn(OH),] (in water) 
soluble 


insoluble 


excess 
Zn* + KNH; > Zn(NH;), + KNH; > K2[Zn(NH>)4] (in ammonia) 
insoluble soluble 

Liquid ammonia is an extremely good solvent for the alkali metals and 
the heavier Group 2 metals Ca, Sr and Ba. The metals are very soluble 
and solutions in liquid ammonia have a conductivity comparable to that of 
pure metals. The ammonia solvates the metal ions, but is resistant to 
reduction by the free electrons. These solutions of metals in liquid 
ammonia are very good reducing agents because of the presence of free 
electrons. 
liquid i 
Na liquid ammonia [Na(NH;),]* Js 

Solutions of ammonium salts in liquid ammonia are used to clean the 
cooling systems in some nuclear reactors. Liquid sodium is used to cool fast 
breeder nuclear reactors, such as that at Dounreay in Scotland. Liquid 
ammonia is a good solvent for metals, but the surfaces are left wet with 
NH3. When this evaporates it may leave a trace of finely divided sodium 
which is pyrophoric. Thus it is necessary to destroy the sodium by using an 
acid such as an ammonium salt in liquid ammonia. 

in NH, 
2NH,Br + 2Na——> 2NaBr + H, + 2NH; 

Because liquid ammonia accepts protons readily, it enhances the 

ionization of so-called weak acids such as acetic acid. 


CH; - COOH = CH;:COO~ + H+ 


The NH; removes H* and thus causes the reaction to proceed in the 
forward direction. Thus acetic acid has a pK, value of 5 in water but is 
almost completely ionized in liquid ammonia. Ammonia thus reduces the 
difference between the strengths of acids. In this respect ammonia is called 
a levelling solvent (see Chapter 8, under Acids and bases). 


HYDROGEN AZIDE AND THE AZIDES 


Hydrogen azide HN; (formerly called hydrazoic acid) is a colourless liquid 
b.p. 37°C, which is highly poisonous and has an irritating odour. Both the 
liquid and the gas explode on heating or with a violent shock. 


2HN; — H; + 3N; 


HN; is slightly more stable in aqueous solution, but should be treated with 
care. It dissociates slightly in aqueous solution (pK, = 5). It behaves as a 
weak acid, of similar strength to acetic acid. It reacts with electropositive 
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metals, forming salts called azides, but unlike other acid + metal reactions, 
no hydrogen is evolved. 
6HN; + 4Li > 4LiN; + 2NH; + 2N; 
lithium azide 
Covalent azides are used as detonators and explosives. Ionic azides are 
usually much more stable, and some are used as organic intermediates and 
dyestuffs. 

The most important method of making azides is by passing nitrous oxide 
gas into fused sodamide at 190°C under anhydrous conditions, The water 
vapour produced reacts with more sodamide. Alternatively nitrous oxide 
can be passed into a solution of sodamide in liquid ammonia as a solvent. 


N20 + NaNH2 > NaN, + H;O 
H20 + NaNH; — NH; + NaOH 


N;O + 2NaNH; — NaN, + NH; + NaOH 


The sodium azide so obtained may be converted to hydrogen azide by 
treatment with H5SO, followed by distillation. Lead azide Pb(N3)2 can be 
precipitated from a solution of sodium azide and a soluble lead salt such as 
Pb(NO3);. Pb(N:); is sensitive to shock and is used as a detonator to set off 
a high explosive charge. It is particularly reliable, and works even in damp 
conditions. Numerous other metal azides are known. 

Cyanuric triazide is a powerful explosive (Figure 14.6). 


Na 


Na 
S SET 


Ns 


Figure 14.6 Structure of cyanuric triazide. 


The (Ni) ion is considered as a pseudohalide ion (see Chapter 16). It 
forms the extremely unstable and explosive compounds fluorazide FN;, 
chlorazide CIN3, bromazide BrN, and iodazide IN5, but the dimer N4—N; 
is unknown. 

Analysis of Ny is by reduction with H-S. 


NaN, + H2S + H-O > NH, + N, + S + NaOH 


The N ion has 16 outer electrons and is isoelectronic with CO;. The N; 
ion is linear (N—N—N) as is CO). Four electrons are used for the two o 
bonds. Each of the end N atoms has one non-bonding pair of electrons. 
This leaves 16 — 4 — (2 x 2) = 8 electrons for x bonding. If the bonding 
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and non-bonding electrons are assumed to occupy the 2s and 2p, orbitals, 
this leaves six atomic orbitals for x bonding. These are three 2p, AOs and 
three 2p, AOs. The three 2p, orbitals form three three-centre z molecular 
orbitals. The lowest MO in energy is bonding, the highest is antibonding, 
and the remaining MO is non-bonding. In a similar way the three 2p. 
atomic orbitals give bonding, non-bonding and antibonding MOs. The 
eight x electrons fill both of the bonding MOs and both of the non-bonding 
MOs. Thus there is a total of two c and two z bonds, giving N=N=N 
and a bond order of 2. Both N—N bonds are the same length, 1.16 Å. 
The hydrogen azide molecule has a bent structure. The addition of the 
extra electron from H means that one electron must now Occupy an 
antibonding MO, and hence the two N-N bond lengths are different: 


H 


N 
N 


N— —N 
124À 1.13A 


The bond angle H—N—N is 112°, and the two N—N bonds are of 
significantly different lengths, and the bond orders are probably 1.5 and 2 
respectively. 


FERTILIZERS 
Plant fertilizers normally contain three main ingredients: 


1. Nitrogen in a combined form (commonly as ammonium nitrate, other 
ammonium salts or nitrates, or as urea). Nitrogen is essential for plant 
growth, particularly of leaves, since it is a constituent of amino acids 
and proteins, which must be made to make new cells. 

2. Phosphorus for root growth, usually as a slightly soluble form of 
phosphate such as ‘superphosphate’ or ‘triple superphosphate’. These 
are made from phosphate rocks such as fluoroapatite [3Cas( PO); - 
CaF;] which are mined. Basic slag, which is a by-product from the 
steel industry, is also used as a phosphate fertilizer. 

3. Potassium ions for flowering, often provided as K,SO,. 


NITROGEN FIXATION 


There is a large amount of N; gas in the atmosphere, but plants are unable 
to utilize this because N, gas is so stable and unreactive. Fertile soil 
contains combined nitrogen, mainly in the form of nitrates, nitrites, 
ammonium salts or urea CO(NH;);. These compounds are absorbed from 
the soil water by the roots of the plants. This reduces the fertility of the 
soil, though much of the nitrogen is eventually returned to the soil due to 
death and decay of the plants. It has long been known that using a plot of 
land to grow different crops in rotation gives a better yield than growing 
the same crop repeatedly. Furthermore, growing clover one year greatly 
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increases the yield of corn the following year. A few species of bacteria and 
cyanobacteria can ‘fix’ atmospheric dinitrogen, that is can convert Na gas 
into combined forms. These bacteria can have a great effect on the fertility 
of soil by producing ‘combined nitrogen’. The most important nitrogen 
fixing genus of bacteria is called Rhizobium. It lives symbiotically in the 
nodules on the roots of plants in the family Leguminosae, e.g. ‘peas, 
beans, clover and alder trees. Other bacteria exist in the soil near roots, 
and are also able to fix dinitrogen, but in smaller amounts (see ‘Nitrogen 
cycle’). 

Though plants require nitrates, bacteria in the soil will readily convert 
other nitrogenous compounds into nitrates. 


Nitrosomonas 
4 and Nitrobacter Nitrobacter 


NH{j—————-. NO; ————>. NO; 

Chemical processes involving the fixation of atmospheric dinitrogen 
include the Haber—Bosch process for ammonia, and the formation of 
calcium cyanamide, which both involve the use of high temperatures and 
pressure. Bacteria can fix dinitrogen easily at room temperature and atmos- 
pheric pressure, yet man requires expensive plant with high temperatures 
and pressures to do the same. 

There is considerable research interest into finding transition metal 
catalysed systems which will absorb dinitrogen and produce ammonia for 
fertilizers cheaply and without the necessity for high temperatures or pres- 
sure. The first dinitrogen complex, the pentaammine(dinitrogen)ruthenium 
cation, was made in 1965 by reducing ruthenium trichloride with 
hydrazine. Other methods have now been found, e.g. replacement of a 
labile ligand in a complex by N;. Dinitrogen complexes have now been 
made for almost all the transition elements. 


aqueous solution 
+ N 


[Ru(NH3)sH20]?* [Ru(NH3)sN;* 


The formation of this stable dinitrogen complex led to studies with other 
metals. Complexes with titanium(II) are the most promising, and reduction 
of titanium alkoxides yields either ammonia or hydrazine. A complete 
cycle of reactions for fixing atmospheric dinitrogen to ammonia has been 
reported: 


Na 


Ti'«(OR), Ti" (OR), + 2NaOR 


Ti(OR); [Ti(OR;)N;] 


reduce 


[Ti(OR);N;] ——— [Ti(OR3)N;]$- 


[T(OR;)N.]- A. 2NH, + ed 


or 
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reduce +4H" 


[Ti(OR);N;] —> [Ti(OR;)N;]'- —— N-H; + Ti(OR); 


Cyanamide process 


Production of calcium cyanamide exceeds 1.3 million tonnes/year, and is 
rising. It is used in large amounts as a nitrogenous fertilizer, and as a 
source of organic chemicals such as melamine. 


CaC; + Na 2S CaNCN + C 


CaNCN + 5H;0 — CaCO; + 2NH,OH 


Haber—Bosch process 


The most important commercial process is the Haber- Bosch process. Fritz 
Haber discovered how to make N, and H, combine directly in the labora- 
tory. He was awarded the Nobel Prize for Chemistry in 1918. Carl Bosch 
was a chemical engineer who developed the plant to make ammonia using 
this reaction on an industrial scale. He too was awarded the Nobel Prize for 
Chemistry in 1931 for his work on high pressure reactions. 


N; + 3H; = 2NH; + heat 
uc uy mE 
4 volumes 2 volumes 


The reaction is reversible, and Le Chatelier's principle suggests that a high 
pressure and low temperature are required to drive the reaction to the 
right, and thus form NH;. A low temperature gives a higher percentage 
conversion to NH3, but the reaction is slow in reaching equilibrium, and a 
catalyst is required. In practice the conditions used are 200 atmospheres 
pressure, a temperature of 380—450*C and a catalyst of promoted iron. It is 
more economic to use a higher temperature, so that equilibrium will be 
reached much faster, even though this gives a lower percentage conver- 
sion. At a temperature of about 400°C a 15% conversion is obtained with a 
single pass over the catalyst. The gas mixture is cooled to condense liquid 
NHs, and the unchanged mixture of N; and H, gases is recycled. The plant 
is made of steel alloyed with Ni and Cr. 

The catalyst is made by fusing Fe3O, with KOH and a refractory 
material such as MgO, SiO; or ALO;. This is broken into small lumps and 
put into the ammonia convertor, where the Fe3O, is reduced to give small 
crystals of iron in a refractory matrix. This is the active catalyst. 

The actual plant is more complicated than this one-stage reaction 
implies, since the N; and H5 must be made before they can be converted to 
NH. The cost of H; is of great importance for the economy of the process. 
Originally the H5 required was produced by electrolysis of water. This was 
expensive, and a cheaper method using coke and water was then used 
(water gas, producer gas). Nowadays the H, is produced from hydro- 
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carbons, either naptha or CH4, by reacting with steam at 750°C with a Ni 
catalyst. All traces of S must be removed since these poison the catalyst. 


CH, + 2H;0 = CO; + 4H; 
CH, + H;O = CO + 3H, 


Some air is added. The O burns with some of the H;, thus leaving N, to 
give the required reaction ratio N3: H; of 1:3. 
(4N5 + O;) + 2H; = 4N; + 2H;0 
air 
CO must also be removed as it too poisons the catalyst. 
CO + H,O = CO; + H; 


Finally the CO; is removed in a scrubber by means of a concentrated 
solution of K;CO;, or ethanolamine. 

World production of NH; has risen from about 1 million tonnes/year in 
1950 to 110 million tonnes in 1992. This is not quite the largest tonnage of 
any chemical produced, but since NH; has a very low molecular weight it 
constitutes a larger amount of substance (moles) than any other chemical. 
The largest producers are the USSR 27%, China 21%, the USA 18%, 
Canada 4%, Romania 4%, the Netherlands 3%, Mexico 3%, West Ger- 
many, Poland, Italy and East Germany 2% each. 

About 75% of the ammonia is used as a fertilizer (30% direct application 
of NH; gas or NH4OH to the soil, 20% NH4NO;, urea 15%, ammonium 
phosphate 10%, (NH4)2SO, 3%). Other uses include the following: 


1, Making HNO3, which can be used to make NH4NO. (fertilizer), or 
explosives such as nitroglycerine, nitrocellulose and TNT. HNO; can be 
used for many other purposes. 

. Making caprolactam, which on polymerization forms nylon-6 (see 
hydroxylamine). 

3. Making hexamethylenediamine which is used in making nylon-6-6, 

polyurethanes and polyamides. 

4. Making hydrazine and hydroxylamine. 

5. Liquid NH; is often used as a cheaper and more convenient way of 
transporting H5 than cylinders of compressed H> gas. The H, is 
obtained from NH; by heating over a catalyst of finely divided Ni or Fe. 

6. Ammonia has been used as the cooling liquid in refrigerators. It has a 
very high heat of vaporization, and convenient boiling and freezing 
points. With the environmental concern over using Freons in refrigera- 
tors, this use of NH3 could increase. 


N 


The widespread use of nitrates as fertilizers greatly boosts crop yields. 
Since nitrates are soluble, the run-off water into lakes and rivers also 
contains nitrates. This causes several problems. 


1. It produces increased growth of algae and other aquatic plants, which 
may clog up rivers and lakes, and may make mudbanks in estuaries turn 


green. 
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2. There is concern that nitrates are harmful in drinking water. They cause 
a disease in babies called methaemoglobinaemia, which reduces the 
amount of oxygen in the baby's blood. In extreme forms this causes the 
‘blue baby syndrome’. There is also concern that nitrates could be 
linked with stomach cancer. Because of this, the EEC have set a safety 
limit of 25 ppm for nitrates in drinking water. 

3. There is some concern that denitrification to oxides of nitrogen, 
particularly N5;O, may harm the ozone layer. 


UREA 


Urea is widely used as a nitrogenous fertilizer. It is very soluble, and hence 
quick acting, but it is easily washed away. It has a very high nitrogen 
content (46%). It is manufactured from NHs3, and the reaction proceeds in 


two stages. 
180-200*C 
2NH; + CO; — —— NH;COONH, — NH;: CO: NH; + H,O 
high pressure ammonium urea 
carbamate 


In the soil, urea slowly hydrolyses to ammonium carbonate. 
NH,CONH; + 2H;0 — (NH4)2CO3 


PHOSPHATE FERTILIZERS 


Phosphate rocks such as fluoroapatite [3Ca;(PO;);- CaF;] are very in- 
soluble, and thus are of no use to plants. Superphosphate is made by treat- 
ing phosphate rock with concentrated H5SO,. The acid salt Ca(H;PO,), is 
more soluble, and over a period of weeks the superphosphate will dissolve 
in the soil water. 


[3(Cas(PO4); - CaF;] + 7H;$O, > 3Ca(H;PO,); + 7CaSO, + 2HF 
RU des aas aia 
superphosphate 


The CaSO, is an insoluble waste product, and is of no value to plants, but 
is not removed from the product sold. 

‘Triple superphosphate’ is made in a similar way, using H3PO, to avoid 
the formation of the waste product CaSO,. 


[3(Ca3(PO,); - CaF;] + 14H;PO, — 10Ca(H;PO,); + 2HF 
ENERE 


triple superphosphate 
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Trihalides 


All the possible trihalides of N, P, As, Sb and Bi are known. The nitrogen 
compounds are the least stable. Though NF; is stable, NCl, is explosive. 
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It was formerly sold as ‘agene’ to bleach flour to make white bread. This 
use declined rapidly when it was suspected that bread made from fiour 
bleached in this way sent dogs mad! NBr, and NI; are known only as their 
unstable ammoniates NBr; - 6NH; and NI; : 6NH;. The latter compound 
can be made by dissolving I, in 0.880 NH4OH. It detonates unless excess 
ammonia is present, and students are warned not to prepare this 
compound. The other 16 trihalides are stable. 

The trihalides are predominantly covalent and, like NHs, have a tetra- 
hedral structure with one position occupied by a lone pair. The exceptions 
are BiF3 which is ionic and the other halides of Bi and SbF, which are 
intermediate in character. 

The trihalides typically hydrolyse readily with water, but the products 
vary depending on the element: 


NCI; + 4H;0 > NH,OH + 3HOCI 
PCl, + 3H;0 > H3PO; + 3HCI 
AsCl; + 3H;0 > H3AsO; + 3HCI 
SbCl; + H;O — SbO* + 3CI- + 2H* 
BiCl; + H;O > BiO* + 3Cl- + 2H* 
They also react with NH3. 
e.g. PCI; + 6NH; — P(NH3), + 3NH,Cl 


NF; behaves differently from the others. It is unreactive, rather like CP, 
and does not hydrolyse with water, dilute acids or alkali. It does react if 
sparked with water vapour. 

PF; is rather less reactive towards water and is more easily handled 
than the other halides. The trihalides, particularly PF}, can act as donor 
molecules using their lone pair to form a coordinate bond, for example in 
Ni(PF3)4. In addition to this o bond, there is t backbonding from a filled 
orbital on the metal to an empty d orbital on P, similar to the way CO 
acts as a ligand. Ni(PF3), can be made from nickel carbonyl Ni(CO),. 


Ni(CO), + 4PF4 > Ni(PF3), + 4CO 


Many trifluorophosphine complexes of the transition metals are known. 
Much of the work was done by J. Chatt and his group at ICI. Though most 
of the trihalides are made from the elements, PF; is made by the action of 
CaF, (or other fluoride) on PCl. PF; is a colourless, odourless gas, which 
is very toxic because it forms a complex with haemoglobin in the blood, 
thus starving the body of oxygen. 
NF; has little tendency to act as a donor molecule. The molecule is 
tetrahedral with one position occupied by a lone pair, and the bond angle 
—N-—F is 102*30'. However, the dipole moment is very low (0.23 Debye 
units) compared with 1.47D for NH3. The highly electronegative F atoms 
attract electrons, and these moments partly cancel the moment from the 
lone pair, and this reduces both the dipole moment and its donor power. 
The trihalides also show acceptor properties, and can accept an electron 
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pair from another ion such as F^, forming complex ions such as [SbF;]?- 
and [Sb;F;]". They also react with a variety of organometallic reagents, 
forming compounds MR;. 

PCl, is the most important trihalide, and 250000 tonnes/year are 
produced commercially from the elements. Some PCI; is used to make 
PCls. 

PCI; + Cl (or S;Cl;) — PCI; 
PCl; is widely used in organic chemistry to convert carboxylic acids to acid 
chlorides, and alcohols to alkyl halides. 
PCl; + 3RCOOH — 3RCOCI + H;PO; 

PCl; + 3ROH — 3RCI + H3PO3 
PCl, can be oxidized by O, or P4O, to give phosphorus oxochloride 
POCI}. 

2PCl; + O; > 2POCI; 

6PCl; + P4O1 + 6Cl; > 10POCI; 
POCI; is used in large amounts in the manufacture of trialkyl and triaryl 
phosphates (RO);PO. 


OEt 
O=PCl; + 3EtOH — O=P—OEt — Triethyl phosphate 
OEt 
O: CSH,: CH3 N 
au ikr imi tps j ritoly 
O=PCl; + 3HO—C4H,—CH; > O=P— O: C;H,: CH; phosphate 
O: C6H4- CH3 


Several of these phosphate derivatives are commercially important: 


1. Triethyl phosphate is used in producing systemic insecticides, 

2. Tritolyl phosphate is a petrol additive. 

3. Triaryl phosphates and trioctyl phosphate are used as plasticizers for 
polyvinyl chloride. 

4. Tri-n-butyl phosphate is used for solvent extraction. 


Pentahalides 


Nitrogen is unable to form pentahalides because the second shell contains a 
maximum of eight electrons, i.e. four bonds. The subsequent elements 
have suitable d orbitals, and form the following pentahalides: 


PF; PCI, PBr, PI; 
AsF; (AsCls) 
SbF; SbCl; 


BiFs 


HALIDES 


AsCls is highly reactive and unstable, and has only a temporary existence. 
BiFs is highly reactive, and explodes with water, forming O; and F;O. It 
oxidizes UF, to UF,, and BrF; to BrFs, and fluorinates hydrocarbons. 
The pentahalides are prepared as follows: 
3PCI, + SASF; — 3PF; + SAsCl, 
PCI; + Ch (in CClj) > PCI; 
2As20; + 10F; > 4AsF; + 30; 
2Sb20; + 10F2 — 4SbF; + 30; 
2Bi + 5F; — 2BiF; 
These molecules have a trigonal bipyramid shape in the gas phase 
(see Figure 14.7), as expected from the VSEPR theory for five pairs of 
electrons. 


ct 


Ci 
Ct 


CL 


Ct 
Figure 14.7 Structure of gaseous phosphorus pentachloride. 


The valence bond explanation of the shape is: 


Electronic structure of — 3s 


3p 3d 
gondsae — [ ER] CE TTT) 
ground state 
excited state k] l T |f T 


(3 


five singly filled orbitals form o bonds 
to five atoms, giving a trigonal bipyramid 


The trigonal bipyramid is not a regular structure. Electron diffraction on 
PF; gas shows that some bond angles are 90° and others are 120°, and the 
axial P—F bond lengths are 1.58 A whilst the equatorial P—F lengths are 
1.53 A. In contrast nmr studies suggest that all five F atoms are equivalent. 
This paradox may be explained quite simply. Electron diffraction gives 
an instantaneous picture of the molecule, whilst nmr gives the picture 
averaged over several milliseconds. The axial and equatorial F atoms are 
thought to interchange their positions in less time than that needed to 
take the nmr. The interchange of axial and equatorial positions is called 


‘pseudorotation’. 
PF; remains covalent and keeps this structure in the solid state. 
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However, PCl; is close to the ionic-covalent borderline, and it is covalent 
in the gas and liquid states, but is ionic in the solid state. PCI; solid exists as 
[PCl,]* and [PCI;]": the ions have tetrahedral and octahedral structures 
respectively. In the solid, PBrs exists as [PBr4]* Br", and PI; appears to 
be [PI,]* and I^ in solution. 

PCI; is the most important pentahalide, and it is made by passing Cl; 
into a solution of PCl, in CCl,. World production is about 20000 tonnes/ 
year. Complete hydrolysis of the pentahalides yields the appropriate -ic 
acid. Thus PCI; reacts violently with water: 


PCl; + 4H;0 — HPO, + 5HCI 
phosphoric acid 


If equimolar amounts are used, the reaction is more gentle and yields 
phosphorus oxochloride POCI. 


PCl; + H2O — POCI, + 2HCI 


PCI; is used in organic chemistry to convert carboxylic acids to acid 
chlorides, and alcohols to alkyl halides. 


PCl; + 4RCOOH — 4RCOCI + H;PO, + HCI 
PCI; + 4ROH — 4RCI + HPO; + HCI 


It reacts with P4O;o, forming POCI;, and with SO;, forming thionyl 
chloride SOCI}. 


6PCl, + P4019 > I0POCI, 
PCl; + SO; — POCI, + SOCI, 


PCI; also reacts with NH,Cl, forming a variety of phosphonitrilic chloride 
polymers (see later).. 


nPCl; + nNH4CI — (NPCL), + 4nHCl (ring compounds n = 3-8) 
and CLP-(NPCL),:-NPCl, (chain compounds) 


Despite the existence of pentahalides, no hydrides MH; are known. To 
attain the five-valent state, d orbitals must be used. Hydrogen is not 
sufficiently electronegative to make the d orbitals contract sufficiently, 
though PHF, and PHF; have been isolated. 


OXIDES OF NITROGEN 


The oxides and oxoacids of nitrogen all exhibit px-pr multiple bonding 
between the nitrogen and oxygen atoms. This does not occur with the 
heavier elements in the group, and consequently nitrogen forms a number 
of compounds which have no P, As, Sb or Bi analogues. Nitrogen forms a 
very wide range of oxides, exhibiting all the oxidation states from (+I) to 
(* VI). The lower oxides are neutral, and the higher ones are acidic (Table 
14.8). 
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Table 14.8 Oxides of nitrogen 


ee eee — 


Formula Oxidation number Name 

N;O *I Nitrous oxide 

NO +I Nitric oxide 

N03 +I Nitrogen sesquioxide 

NO;, N20, *IV Nitrogen dioxide, dinitrogen tetroxide 
N20; +V Dinitrogen pentoxide 

(NO3, N20) *VI Nitrogen trioxide, dinitrogen hexoxide 


very unstable 


————M—— À— — Á—  ÁÁÉÁÉÉÉLI 


Nitrous oxide N;O 


N20 is a stable, relatively unreactive colourless gas. It is prepared by 
careful thermal decomposition of molten ammonium nitrate at about 
280°C. If heated strongly it explodes. NO can also be made by heating a 
solution of NH4NO; acidified with HCl. 


NH,NO; — N,O + 2H,0 


N20 is a neutral oxide and does not form hyponitrous acid H,N,O, with 
water nor hyponitrites with alkali. It is important in the preparation of 
sodium azide, and hence also of the other azides: 


N20 + 2NaNH, — NaN; + NH; + NaOH 


The largest use of NO is as a propellant for whipped ice-cream. Because 
it has no taste, and is non-toxic, it meets the strict food and health 
regulations. 

N20 is used as an anaesthetic, particularly by dentists. It is sometimes 
called ‘laughing gas’, because small amounts cause euphoria. It requires a 
partial pressure of 760 mm Hg of N;O to anaesthetize a patient completely. 
Thus if dioxygen is also supplied, the patient may not be completely un- 
conscious. If deprived of dioxygen for long, the patient will die. Plainly 
N20 is unsuitable for long operations. Usually N30 is administered to put 
the patient ‘to sleep’, and O; to make him recover consciousness. 

The molecule is linear as would be expected for a triatomic molecule 
with 16 outer shell electrons (see also Ny and CO;). However, CO, is 
symmetrical (O—C—O), whereas in N2O the orbital energies favour the 
formation of the asymmetrical molecule N—N—O rather then the sym- 
metrical molecule N—O—N. The bond lengths are short, and the bond 
orders have been calculated as N—N 2.73 and N—O 1.61. 


ny L126A) 1.1864 0 


Nitric oxide NO 


NO is a colourless gas and is an important intermediate in the manufacture 
of nitric acid by the catalytic oxidation of ammonia (Ostwald process). It 
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was also important in the obsolete Birkeland-Eyde process which involved 
sparking dinitrogen and dioxygen. NO is prepared in the laboratory by the 
reduction of dilute HNO; with Cu, or reduction of HNO) with I~: 


3Cu + 8HNO; — 2NO + 3Cu(NO3); + 4H20 
2HNO> +217 + 2H* — 2NO + I, + 2H;0 


NO is a neutral oxide and is not an acid anhydride. 

NO has 11 valency electrons. It is impossible for them all to be paired, 
arid hence this is an odd electron molecule and the gas is paramagnetic. It is 
diamagnetic in the liquid and solid states, because the molecule dimerizes, 
forming O—N—N—O. The asymmetrical dimer O—N—O—N has been 
observed to be formed as a red solid in the presence of HCl or other Lewis 
acids. 

The bond length N—O is 1.15 A, which is intermediate between a 
double and a triple bond. Bonding is best described using the molecular 
orbital theory (see Chapter 4). The bonding is similar to that in N2 and CO 
which both have 10 outer electrons. NO has 11 outer electrons, and the 
extra unpaired electron occupies an antibonding n*2p orbital. This reduces 
the bond order from 3 in N, to 23 in NO. If this electron is removed by 
oxidizing NO, the nitrosonium ion NO* is formed. In NO* the bond order 
is 3, and the N—O bond length contracts from 1.15A in NO to 1.06 Å 
in NO*. 

Odd electron molecules are usually highly reactive and tend to dimerize. 
NO is unusually stable for an odd electron molecule. Nevertheless it 
reacts instantly with dioxygen to give NO», and with the halogens it gives 
nitrosyl halides, e.g. NOCI. 


2NO + O, — 2NO; 
2NO + Ch > 2NOCI 


NO readily forms coordination complexes with transition metal ions, 
These complexes are called nitrosyls. Fe?* and NO form the complex 
[Fe(H;0);NOJ"*. which is responsible for the colour in the *brown-ring 
test' for nitrates. Most nitrosyl complexes are coloured. Another example is 
sodium nitroprusside Na;[Fe(CN);NO] - 2H5O. NO often acts as a three- 
electron donor, in contrast to most ligands which donate two electrons. 
Thus three CO groups may be replaced by two NO groups: 


[Fe(CO);] + 2NO — [Fe(CO)2(NO)2] + 3CO 
[Cr(CO).] + 4NO — [Cr(NO);] + 6CO 


In these complexes the M—N—O atoms are linear, or close to linear. 
However, in 1968 the M—N—O angle in [Ir(CO)(Cl)(PPh3)(NO)]* was 
found to be 123°, and since then a number of other complexes have been 
found with bond angles in the range 120—130°. These bent bonds, which 
are weaker than straight bonds, are of considerable theoretical interest. 
NO may also act as a bridging ligand between two or three metal atoms in a 
similar way to CO. 
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Nitrogen sesquioxide N,O, 


N20; can only be obtained at low temperatures. It can be made by 
condensing equimolar amounts of NO and NO, together, or by reacting 
NO with the appropriate amount of O;. This gives a blue liquid or solid 
which is unstable and dissociates into NO and NO; at —30*C. 


NO + NO; > NO, 
4NO + O; > 2N)0; 


It is an acidic oxide and is the anhydride of nitrous acid HNO;. With alkali 
it forms nitrites. 
N20, + H:O — 2HNO; 
N30, + NaOH — 2NaNO, + H;O 

N20; reacts with the concentrated acids, forming nitrosyl salts: 

N20; + 2HCIO, — 2NO[CIO,] + H:O 

N20; + 2H2SO, — 2NO[HSO,] + H20 
The oxide exists in two different forms. These may be interconverted by 
irradiation with light of the appropriate wavelength. The N—N bond 
length from microwave spectra is 1.864 A in the asymmetrical form. This is 


exceptionally long and thus the bond is exceptionally weak compared with 
the N—N bond found in hydrazine (length of 1.45 A). 


O [9] 
\ 4 
N——N O=N N=O 
\ ma 
[9] oO 
asymmetrical form symmetrical torm 


(hay à two fold rotation axis) 


Nitrogen dioxide NO; and dinitrogen tetroxide N;O; 


NO; is a red- brown poisonous gas and is produced on a large scale by 
oxidizing NO in the Ostwald process for the manufacture of nitric acid. In 
the laboratory it is prepared by heating lead nitrate: 


2Pb(NO;). — 2PbO + 4NO; + O: 


The gaseous products O and NO; are passed through a U-tube cooled in 
ice. The NO; (b.p. 21°C) condenses. The Pb(NO:) must be carefully 
dried, since NO; reacts with water. The NO» is obtained as a brown liquid 
which turns paler on cooling, and eventually becomes a colourless solid. 
This is because NO; dimerizes into colourless N;O;,. NO; is an odd 
electron molecule, and is paramagnetic and very reactive. It dimerizes to 
N;O,, pairing the previously unpaired electrons. N;O, has no unpaired 
electrons and is diamagnetic. 
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2NO, = N20, 
paramagnetic diamagnetic 
brown colourless 


N20, is a mixed anhydride, because it reacts with water to give a mixture 
of nitric and nitrous acids: 
N20, + H2O — HNO; + HNO, 
The HNO, formed decomposes to give NO. 
2HNO; — NO; + NO + H;O 
2NO, + H;O > HNO; + HNO, 
Thus moist NO; or N;O, gases are strongly acidic. 

The NO; molecule is angular with an O—N—O angle of 132°. The bond 
length O—N of 1.20 À is intermediate between a single and a double bond. 
X-ray diffraction on solid N30, shows the structure to be planar. 

(0) [9] 
Sali A2 7 
nis Ay 
JA N 
(6) [9] 


The N—N bond is very long (1.64 Å), and is therefore weak. It is much 
longer than the single bond N-N distance of 1.47 A in N;H,, but there is no 


satisfactory explanation of why it is long. 
Liquid N20, is useful as a non-aqueous solvent. It self-ionizes: 


N30, = NO* + NO; 


acid base 


In N20; substances containing NO* are acids and those containing NO; 
are bases. A typical acid-base reaction is: 


NOCI + NH4NO; — NH,Cl + N20, 


acid base salt solvent 


Liquid N20; is particularly useful as a solvent for preparing anhydrous 
metal nitrates and also nitrato complexes. 
ZnCl, + N;O, — Zn(NO;)2 + 2NOCI 
TiBr, + N;O, — Ti(NO3), + 4NO + 2I; 
The NO;-N;O, system is a strong oxidizing agent. NO» reacts with 
fluorine and chlorine, forming nitryl fluoride NO;F and nitryl chloride 
NO3CI. It oxidizes HCI to Cl; and CO to CO;. 
2NO; + F, ^ 2NO;F 
2NO; + Cl; ^ 2NO;CI 
2NO, + 4HCI — 2NOCI + Cl; + 2H2O0 
NO, + CO CO; + NO 
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Dinitrogen pentoxide NO; 


N2Os is prepared by carefully dehydrating HNO; with P,O; at low 
temperatures. It is a colourless deliquescent solid, which is highly reactive, 
is a strong oxidizing agent, and is light sensitive. It is the anhydride of 
HNO. 


N20; + H20 ^ 2HNO; 
N;0; + Na — NaNO; + NO; 
N50; + NaCl > NaNO; + NO;CI 
N20s  3H,SO, > H3O* + 2NO£ + 3HSO; 
In the gas phase N30; decomposes into NO», NO and O;. Nitrogen 
trioxide NO; may be formed by treating NO, with O;. 
X-ray diffraction shows that solid N;O; is ionic NO} NO;: it should in 


reality be called nitronium nitrate. It is covalent in solution and in the gas 
phase, and probably has the structure: 


[9 10) 


\ 
N—O—N 
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Nitrous acid HNO; 


Nitrous acid is unstable except in dilute solution. It is easily made by 
acidifying a solution of a nitrite. Barium nitrite is often used with H,SO,, 
since the insoluble BaSO, can be filtered off easily. 


Ba(NO;); + H;S0, — 2HNO; + BaSO, 


Group 1 metal nitrites can be made by heating nitrates, either on their 
own or with Pb. 


2NaNO;~“"5 2NaNO; + O, 


NaNO; + Pb, NaNO, + PbO 


Nitrous acid and nitrites are weak oxidizing agents and will oxidize Fe?* to 
Fe**, and I^ to Iz: they themselves are reduced to N20 or NO. However, 
HNO), and nitrites are oxidized by KMnO; and Cl;, forming nitrates NO; . 
Large amounts of nitrites are used to make diazo compounds, which are 
converted into azo dyes, and also pharmaceutical products. 
PhNH, + HNO, — PhN;CI + 2H;O 


phenyldiazonium chloride 


Nitrites are important in the manufacture of hydroxylamine: 
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NH4NO,; + NH,HSO, + SO, + 2H;0 — [NHOH] "HSO; + (NH;);5O; 


Sodium nitrite is used as a food additive in cured meat, sausages, hot 
dogs, bacon and tinned ham. Though an approved additive, its use is 
controversial. NaNO; is slightly poisonous. The tolerance limit for humans 
is 5-10g per day depending on body weight. NO; ions inhibit the growth 
of bacteria, particularly Clostridium botulinum, which causes botulism (a 
particularly unpleasant form of food poisoning). Reductive decomposition 
of NO; gives NO, which forms a red complex with haemoglobin, and 
improves the look of meat. There is concern that during the cooking of 
meat, the nitrites may react with amines and be converted into nitrosamines 
R,N—N=O, which are thought to cause cancer. Certainly secondary and 
tertiary aliphatic amines form nitrosamines with nitrites: 


ENH + HNO, — EG;/NNO + H;O 


heat 


Et5N + HNO, — [Et5NH][NO;]—9 Et;NNO + EtOH 

The nitrite ion is a good ligand and forms many coordination complexes. 
Since lone pairs of electrons are present on both N and O atoms, either N 
or O can form a coordinate bond. This gives rise to isomerism between 
nitro complexes M —— NO; and nitrito complexes M — ONO, for example 
[Co(NHs)s(NO>)}** and [Co(NH3)s(ONO)["*. This is discussed in Chapter 
7, under *Isomerism'. If a solution of Co?* ions is treated with NO; ions, 
first Co** ions are oxidized to Co**, then NO; ions form the complex 
[Co(NO,),]*~. Precipitation of potassium cobaltinitrite Ki[Co(NO;),] is 
used to detect K * qualitatively. The NO; ion may act as a chelating ligand, 
and bond to the same metal twice, or it may act as a bridging ligand joining 
two metal atoms. 

The nitrite ion NO; has a plane triangular structure, with N at the 
centre, two corners occupied by O atoms, and the third corner occupied by 
the lone pair. A three-centre bond covers the N and the two O atoms and 
the bond order is 1.5 for the N—0O bonds, which have bond lengths in 
between those for a single and double bond. (More details are given in 
Chapter 4, under ‘Examples of molecular orbital treatment involving delo- 
calised n bonding.) 


Nitric acid HNO; 
HNO; is the most important oxoacid of nitrogen. (The three most 
important industrial acids in order of tonnages produced are (1) H3SO4, 
(2) HNO; and (3) HCI.) Pure nitric, acid is a colourless liquid, but on 
exposure to light it turns slightly brown because of slight decomposition 
into NO; and O;. 


4HNO; — 4NO, + O: + 2H;0 


It is a strong acid and is 100% dissociated in dilute aqueous solutions into 
H,O* and NO; . It forms a large number of salts called nitrates, which are 
typically very soluble in water. 
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The shape of the NO; ion is a planar triangle, like the CO2- ion. The 
later elements in both groups form tetrahedral oxoacid ions such as PO3~ 
and SiO?" . This difference in shape is probably due to the small size of the 
N and C atoms and their restriction to eight electrons in their outer shell. 

HNO; is an excellent oxidizing agent particularly when hot and concen- 
trated. H* ions are oxidizing, but the NO; ion is an even stronger 
oxidizing agent in acid solution. Thus metals like copper and silver which 
are insoluble in HCI dissolve in HNO;. Some metals such as gold are 
insoluble even in HNO;, but will dissolve in aqua regia, a mixture of 25% 
concentrated HNO; and 75% concentrated HCl. The enhanced ability to 
dissolve metals shown by aqua regia arises from the oxidizing power of 
HNO; coupled with the ability of CI^ to form complexes with the metal 
ions. 

HNO; was originally made from NaNO, or KNO; and concentrated 
H35SO,. The first synthetic method was the Birkeland— Eyde process. This 
sparked N, and O; together in an electric arc furnace, and passed the gas 
into water. The process was started in Norway in 1903, but is now obsolete, 
because of the high cost of electricity. 


spark +0, H:O 
N;- 0,—— NO — NO; —> 4HNO, 


The Ostwald process depends on the catalytic oxidation of ammonia to 
NO, followed by oxidation of NO to NO;, and conversion of NO; with 
water to HNO;. The first plant was set up in Germany in 1908, and 
Ostwald was awarded the Nobel Prize in 1909. The method is still used and 
about 24.7 million tonnes/year of HNO; are produced. The overall process 
IS: 


platinum/rhodium catalyst 


5 atmospheres 850*C 
4NH3() + 5O»(g 4NO, + 6H20 (9) 


The NO and air are cooled and the mixture of gases is absorbed in a 
countercurrent of water. 


> 2NOj_) + Ost = 2NO2xe) 
2NOx_) + H:Oq) > HNO; + HNO; 


2HNO; — H;O + NO; + NO 
3NO; + H2O — 2HNO; + No—] 


overall NH; + 20; + HNO; + H;O 


This gives a HNO; solution of concentration 60% by weight. Distillation 
only increases the concentration to 68% since a constant boiling mixture is 
formed. ‘Concentrated’ HNO; contains 98% acid and is produced by de- 
hydrating with concentrated sulphuric acid, or by mixing with a 72% 
magnesium nitrate solution, followed by distillation. 

When nitric acid is mixed with concentrated sulphuric acid, the nitron- 
ium ion NOS is formed. This is the active species in the nitration of 
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aromatic organic compounds. inis 1s an important step in making ex- 
plosives, or the nitro compounds may be reduced to aniline and used for 


making dyestuffs: 


HNO,—2> No: 


O = o” =o" 


benzene nitrobenzene aniline 
(used for dyestuffs) 
CH, CH, 
No,’ O;N. NO, 
— 
toluene NO, 
trinitrotoluene 


(used as an explosive) 
Figure 14.8 Nitration of benzene and toluene. 


Covalent nitrates are less stable than ionic nitrates. (This is a similar 
behaviour to that of the azides.) Nitroglycerine, nitrocellulose, trinitro- 
toluene (TNT) and fluorine nitrate (FNO:) are all explosive (Figure 14.9). 

World production of explosives is quoted as 2.5 million tonnes for 1991, 
but the true value may be higher than this. 

HNO, is a strong oxidizing agent, and is used to oxidize cyclohexanol/ 
cyclohexanone mixtures to adipic acid (which reacts with hexamethylene- 
diamine in the manufacture of nylon-66). 


COOH NH. 


cyclohexanol 


HE adipic hexamethylene- 
acid diamine 
o 
~CO[NH(CH;),NH - CO(CH;);- CO]J,NH— 
cyclohexanone nylon-66 


HNO, is also used to oxidize p-xylene to terephthalic acid for the 


manufacture of terylene. 
The structure of the nitrate ion is a planar triangle. All three oxygen 
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CH, OH 
ON NO; ON NO; 
NO; NO; 
methyl-2,4,6-trinitrobenzene 2,4,6-trinitrophenol 
(trinitrotoluene, TNT) (picric acid) 


CH, — O — NO; 


o | 
CH — O0 —NO; 


| 


CH; — 0 — NO; 


ONO, 


cellulose nitrate propane- 1,2,3-triyl trinitrate 
(nitrocellulose-gun cotton) (nitroglycerine) 


Figure 14.9 Some explosives. 


atoms are equivalent. In addition to the c bonds, four-centre x molecular 
orbitals cover the N and the three O atoms. Each of the N—O bonds has a 
bond order of 14, 1 from the c bond and 4 from the x bond. (This is des- 
cribed more fully in Chapter 4, under ‘Examples of molecular orbital 
treatment involving delocalised r bonding.) 

Reduction of nitrates in acid solution gives either NO; or NO, but in 
alkaline solutions. with metals such as Devarda's alloy (Cu/Al/Zn), 
ammonia is produced. 


cold dilute < 1M 


3Cu + 8HNO; 2NO + Cu(NO3); + 41130 


stronger acid 
ep 


Cu + 3HNO; NO, + Cu(NO;), + H,O 
Devarda’s alloy (Cu/Al/Zn) + NaOH —^ H 
NO; + 9H > NH, + 3H;O 
NO; + 7H > NH; + 2H;0 


NO; NO; NO NH, 
oxidation state of N (+V) (+IV) (+11) (-III) 
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OXIDES OF PHOSPHORUS, ARSENIC AND BISMUTH 


The oxides of the rest of the group are listed in Table 14.9. They form 
fewer oxides than does nitrogen, presumably because of the inability of 
these elements to form px—px double bonds. 


Table 14.9 Oxides and their oxidation states 


Sb,O, III 
(SbO;),HI V 


As,O; III Bi,O, III 


P,O, III 
P,O, HI 
P,O, III 


<<<< 


As,Oi0 V | $5,010 


Trioxides 


Phosphorus trioxide is dimeric and should be written P;O,, not P203. P406 
has four P atoms at the corners of a tetrahedron, with six O atoms along 
the edges, each O being bonded to two P atoms. The structures of As4O, 
and Sb4,O, are similar to this. Bi;O; is ionic. The structure of P4O;, is 
shown in Figure 14.10. Since the P—O—P angle is 127° the O atoms are 
strictly above the edges, but it is more convenient to draw them on the 
edges. 


Figure 14.10 Structure of phosphorus trioxide P,O+. 


Because yellow phosphorus is more reactive than is N, phosphorus 
oxides (unlike nitrogen oxides) can all be obtained by burning phosphorus 
in air. 

P, +30, limited supply of air P.O; 
P4O, is formed by burning phosphorus in a limited supply of air. It is a soft 
white solid (m.p. 24°C, b.p. 175°C). It is removed from the reaction 
mixture and is purified by distillation. (Higher oxides are formed in a 
plentiful supply of air.) P4O6 will burn in air, forming P4O;o. 


P406 + 20, > P4O;, 


OXIDES OF PHOSPHORUS, ARSENIC AND BISMUTH 


As,0s and $b4O, are obtained by burning the metals in air or dioxygen, 
since they have less tendency to form higher oxides, Heating the sulphide 
minerals As4Sq (realgar) or As;S; (orpiment) in air also gives As,Os. Both 
A540, and Sb,O, are very poisonous. BizO; is not dimeric like the others. 
The basicity of oxides and hydroxides usually increases on descending a 
group. P4O, is acidic and hydrolyses in water, forming phosphorous acid. 
(This is considered in more detail later.) Arsenious oxide As4O, is 
sparingly soluble in water, and Sb,O, is insoluble. As,O, and $b,O, are 
both amphoteric since they react with alkali, forming arsenites and anti- 
monites, and with concentrated HCl, forming arsenic and antimony tri- 
chlorides. In the past, various copper arsenites were used as brilliant green 
pigments. The best known are Scheele’s green Cu;As;O; and Paris green 
-[(CH;COO)Cu2(AsO;)]. They are seldom used nowadays because they 
are toxic, and, even worse, in damp places bacteria and moulds can 
produce poisonous volatile substances such as AsH; and As(CH;);. Bi2O, 
is wholly basic. 


P4,O, + 6H;O — 4H;PO; 
As,Os + 12NaOH — 4Na,AsO, + 6H;O 
As4O, + 12HCI — 4AsCl, + 6H;O 


Pentoxides 


Phosphorus pentoxide is the most important oxide, and is quite common. 
It is dimeric and has the formula P,O,,, not P5O;. Its structure is derived 
from that of P,O,. Each P atom in P,O, forms three bonds to O atoms. 
There are five electrons in the outer shell of a P atom. Three electrons have 
been used in bonding, and the other two comprise a lone pair, which is 
situated on the outside of the tetrahedral unit. In P4O,, the lone pairs on 
cach of the four P atoms form a coordinate bond to an oxygen atom 
(Figure 14.11a). 

Measurement of the P—O bond lengths shows that the bridging bonds 
on the edges are 1.60 but the coordinate bonds on the corners are 
1.43 À. The bridging bonds compare with those in P4O, (1.65 A) and are 
normal single bonds. The bonds on the corners are much shorter than a 
single bond, and are in fact double bonds. These double bonds are dif- 
ferent in origin from the ‘usual’ double bonds such as that in ethene 
which arises from pr—pr overlap with one electron coming from each C 
atom. The second bond in P—O is formed by px—dn back bonding. A full 
p orbital on the O atom overlaps sideways with an empty d orbital on the P. 
atom. Thus it differs from the double bond in ethene in two respects: 


1. A p orbital overlaps with a d orbital, rather than p with p. : 
2. Both electrons come from one atom, and hence the bond is a ‘dative 
bond'. 


A similar type of back bonding is found in the carbonyls. 
As4O, has a similar structure to P4,O,, in the gas phase. However, the 
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Figure 14.11 Structure of phosphorus pentoxide P4O,,. (a) Formation of o bonds. 
(b) Orbitals involved in back bonding. 


crystal contains equal numbers of [AsO,] tetrahedra and [AsO;] octahedra 
joined together by sharing corners. As4Oyo is a strong oxidizing agent, and 
oxidizes HCI to Cl. It is deliquescent, and very soluble in water. 

P4,O,, is formed by burning P in an excess of air or dioxygen, but As 
and Sb require more drastic oxidation by concentrated HNO; to form the 
pentoxides. As,O;o and Sb4O,, lose dioxygen when they are heated, and 
form the trioxides. 

P,O;o absorbs water from the air or from other compounds, and 
becomes sticky. Because of this strong affinity for water, P4O,o is used as a 
drying agent. Finely powdered P4O,o is sometimes spread over glass wool 
and used for drying purposes. This provides a large drying surface, which is 
not easily covered by solid hydrolysis products. P5019 hydrolyses violently 
in water, forming phosphoric acid H3PO,. The manufacture of pure H3PO; 
by this route is the largest use of P4O;o. 


P4010 + 6H;0 — 4H4PO, 


P,Ojo reacts with alcohols and ethers, forming phosphate esters. (The 
relation of these esters to phosphoric acid is shown by writing HPO; as 
O-—P(OH)s.) 
P4O;o + 6EtOH — 20—P(OEt)(OH); + 20—P(OEt);(OH) 
P4O0 + 6Et,O > 40=P(OEt); 
AsqOjo dissolves slowly in water, forming: arsenic acid H35AsO,. This is 


tribasic, and is a much stronger acid than is arsenious acid. Salts such as 
lead arsenate PbHAsO, and calcium arsenate Ca3(AsO,). are used as 
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insecticides against locusts, cotton weevils, and fruit moths. Sb4O,, is 
insoluble in water and antimonic acid is not known. Antimonates con- 
taining [Sb(OH)4]^, however, are known. 

Bi does not form a pentoxide, showing that the stability of the highest 
oxidation states decreases on descending the group. The usual trend that 
higher oxidation states are more acidic is also observed. 


Other oxides 


The oxides P407, P4Og and P4O, are very uncommon. In these oxides one 
molecule contains P atoms in both the oxidation states (+III) and (+V). 
P,O; is best made by dissolving P4O, in tetrahydrofuran and reacting it 
with the correct amount of dioxygen. Heating P4O6 under vacuum in a 
sealed tube gives a mixture of red phosphorus and the oxides P,O7, P4O 
and P,Os. These oxides have structures in between those of P4O and 
P,Ojo, in that they have one, two or three apical O atoms attached to P. 
atoms. Hydrolysis with water thus yields a mixture of oxoacids in both 
oxidation states, phosphoric acid P(-- V) and phosphorous acid P(-- III). 


n +H,0 
—— 


H;PO, +  Hj4PO 
P,0; 3h O4 3PO3 


orthophosphoríc ^ orthophosphorous 
acid acid 


OXOACIDS OF PHOSPHORUS 


Phosphorus forms two series of oxoacids: 


1. The phosphoric series of acids, in which the oxidation state of P is 
(+V), and in which the compounds have oxidizing properties. 

2. The phosphorous series of acids, which contain P in the oxidation state 
(+III), and which are reducing agents. 


in all of these, P is four-coordinate and tetrahedrally surrounded 
wherever possible. pr—px back bonding gives rise to P=O bonds. The 
hydrogen atoms in OH groups are ionizable and are acidic, but the P—H 
bonds found in the phosphorous acids have reducing, not acidic, proper- 
ties. Simple phosphate ions can condense (polymerize) together to give a 
wide range of more complicated isopolyacids or their salts. 
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Orthophosphoric acids 


The simplest phosphoric acid is HPO, orthophosphoric acid (Figure 
14.12).The acid contains three replaceable H atoms, and is tribasic. It 
undergoes stepwise dissociation: 
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H,PO,— H* + H;PO;  K, = 7.5 x 1073 
H,PO; = H* + HPOJ Kp = 6.2 x 1078 
HPO?" = Ht + POF AK 1x98 


Three series of salts can be formed: 


1. Dihydrogen phosphates, for example sodium dihydrogen phosphate 
NaH>PO,, which is slightly acidic in water. 

2. Monohydrogen phosphates, for example disodium hydrogen phos- 
phate Na;HPO,, which is slightly basic in water. 

3. Normal phosphates such as trisodium phosphate Na;PO,, which are 
appreciably basic in solution. 


NaH;PO, and Na;HPO, are made industrially by neutralizing H3PO, with 
‘soda ash’ (Na;CO;), but NaOH is required to make Na3PO,. All three 
salts exist in the anhydrous state and also in a number of hydrated forms, 
and they are used extensively. 
Phosphoric acid also forms esters with alcohols: 
(HO);P—O + 3EtOH — (EtO),P—O + 3H;O 


acid alcohol ester water 
(triethyl phosphate) 


Phosphates are detected analytically by mixing a solution of the salt with 
dilute HNO; and ammonium molybdate solution. A yellow precipitate of 
a complex ammonium 12-molybdophosphate forms slowly, confirming the 
presence of phosphates. Arsenates form a similar precipitate, but only on 
heating the mixture. 

The orthophosphates of Group 1 metals (except Li) and NH7 are soluble 
in water. Most of the other metal orthophosphates are soluble in dilute 
HCI or acetic acids. Titanium, zirconium and thorium phosphates are 
insoluble even in acids. Thus in qualitative analysis a solution of zirconyl 
nitrate is commonly added to remove any phosphate present in solution. 

Phosphates can be estimated quantitatively by adding a solution contain- 
ing Mg^* and NH4OH solution to a solution of the phosphate. Magnesium 
ammonium phosphate is precipitated quantitatively, and this is filtered, 
washed, ignited, and weighed as magnesium pyrophosphate Mg;P5O;. 


Mg?* + NH} + PO} — MgNH4PO, 
2MgNH,PO, — Mg,P,0, + 2NH; + H,O 


fo) 


HO: Sy OH H,PO, orthophosphoric acid 


OH 


Figure 14.12 Structure of orthophosphoric acid H3PO,. 
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Impure orthophosphoric acid H3PO, is prepared in large amounts by 
treating phosphate rock with H3SO4. This is called the ‘wet process’. The 
CaSO, is hydrated to gypsum CaSO, - 2H2O, which is filtered off, and the 
F- is converted to Na2[SiF,] and removed. The H;PO, is concentrated 
by evaporation. Most of the HPO, made in this way is used to make 
fertilizer. 


Cas(PO,); + 3HjSO, — 2H;PO, + 3CaSO, 
[3(Ca3(PO4)2) - CaF;] + 10H;SO, — 6H3PO, + 10CaSO, + 2HF 


Pure H3PO, is made by the ‘furnace process’. Molten P is burnt in a 
furnace with air and steam. First P4O;o is formed by reaction between P 
and O, and then this is immediately hydrolysed. 


P, + 50; — P4010 
P4010 + 6H;0 — 4H3PO, 


Phosphoric acid is hydrogen bonded in aqueous solution, and because of 
this the ‘concentrated acid’ is syrupy and viscous. Concentrated acid is 
widely used and contains about 85% by weight of H3PO, (100% pure 
(anhydrous) H3PO, is seldom used, but it can be prepared as colourless 
deliquescent crystals by evaporation at low pressure). Most of the acid 
(solution) made in this way is used in the laboratory, and in food (Kraft 
cheese Na3HPO,) and pharmaceutical preparations. 
H3PO, may also be made by the action of concentrated HNO; on P. 


P4 + 20HNO; — 4H3PO, + 20NO, + 4H;O 


Orthophosphoric acid loses water steadily on heating: 


gentle heat strong heat 


HPO, H,P,0, (HPO,), 
orthophosphoric — 220°C pyrophosphoric 320°C metaphosphoric 
acid acid acid 


Polyphosphates 


A very large number of polyphosphoric acids and their salts, the 
polyphosphates, arise by polymerizing acidic [PO] units forming isopoly- 
acids. These consist of chains of tetrahedra, each sharing the O atoms at 
one or two corners of the (PO;] tetrahedron, giving simple unbranched 
chains, in a similar way to the formation of pyroxenes by the silicates. 

The hydrolysis of P4O;; proceeds in stages, and an understanding of 
these stages leads to an understanding of the wide range of phosphoric 
acids (Figure 14.14). 


P4010 + 6H;0 — 4H3PO, (overall reaction) 


Polyphosphates are straight chain compounds. The basicity of the * 
various acids, that is the number of replaceable H atoms, can be found 
by drawing the structure and counting the number of OH groups. Thus 
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H4P207 
pyrophosphoric acid 


o (o) o 
| Do OH 
HO o o 
OH OH OH 


HsP30,0 
tripolyphosphoric acid 


Figure 14.13 Pyrophosphoric acid H4P20, and tripolyphosphoric acid H«P3O,. 


orthophosphoric acid is tribasic, pyrophosphoric acid is tetrabasic, tripoly- 
phosphoric acid is pentabasic, tetrapolyphosphoric acid is hexabasic, and 
tetrametaphosphoric acid is tetrabasic. 


P.Oio  6HsO — 4HsPO, (overall reaction) 


i T njoni To fao F 
H 
4Ho-RoH + 2 no OP. on - Hobo hoe ot on 
| 
ok ok oh oH ok oH oh 
ipid AES CORSI 
d acid acid 
Figure 14.14 Scheme for the hydrolysis of P;Oj». 
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Many polyphosphates are known. Chains of different lengths with up to 
ten [PO;] units have been isolated, but the first four in the series are well 
known. 


HPO, orthophosphoric acid 


H4P;0; dipolyphosphoric acid (pyrophosphoric acid) 
HsP30i9 tripolyphosphoric acid 
HgP,O;, _tetrapolyphosphoric acid 


Some very long chain polymers called Graham's salt, Kurrol salt and 
Maddrell's salt are also known. These are named after the persori who first 
reported them, and they are discussed later. 

Disodium dihydrogenpyrophosphate Na;H;P5O; is mixed with NaHCO, 
and used in bread making to leaven the bread, that is to make it rise. They 
react and evolve CO; when heated together. This is an easier way of 
making batches of bread than using yeast, and is used commercially. 


Na;H;P50; + 2NaHCO; — Na;4P50; + 2CO; + 2H,0 


Ca5P5O; is used as the abrasive/polishing agent in fluoride toothpaste, and 
NagP,0; is mixed with starch and flavouring to make ‘instant pudding’ 
mixtures. 

At one time sodium pyrophosphate NayP20, was added to soap powders 
and solutions as a water softener, to prevent the formation of scum in hard 
water. For many purposes detergents, e.g. anionic and non-ionic surfac- 
tants (surface active agents), have replaced soap. Also Na,P20; has been 
replaced by sodium tripolyphosphate NasP3O;,. Between 20% and 45% of 
NasP4O;o is added to solid detergent powders and liquid detergents 
(washing up fluids etc.) used in the home and in industry. (The lower figure 
applies to the USA, where there have been bad experiences of extensive 
pollution of rivers and lakes.) Sodium tripolyphosphate is called a ‘filler’ 
because it increases the quantity of material in-the packet. Its main useful- 
ness, however, is in serving as a water softener. It does this by forming a 
stable soluble complex with Ca?* and Mg?*. This is called sequestration, 
and results in the effective removal (masking) of these ions which are 
responsible for hardness in water. Thus Ca** and Mg?* ions do not form 
precipitates with CO$" ions or with soap in its presence. NasP3O, also 
makes the solution alkaline which helps dissolve grease and improves the 
action of the detergent. NasP30j9 can be prepared in the following ways: 


1. The most common method of preparation is to fuse the correct 
quantities of Na;HPO, and NaH;PO,. Recrystallization from water 
gives the hexahydrate NasP3019-6H,0: 


2Na;HPO, + NaH;PO, S 5, NasP30,) + 2H;O 


2. In Germany it is largely made by fusing Na;O and P4O,,. On cooling, 
the pyrophosphate Na5P5O; crystallizes out first, but with slow cooling 
this changes into NasP5O;o: 
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10Na;O + 3P,0,) 4NasP,0,, 


cool slowly 


Long chain polyphosphates — linear metaphosphates 


The very long chain polyphosphates have caused confusion in the past 
since they were originally called metaphosphates, a name used for ring 
compounds. When the number of units in the polymer n becomes very 
large, the formula of a chain polyphosphate (PO;),: PO, becomes 
indistinguishable from that of a true metaphosphate, that is a ring 
compound with a formula (PO;),. The long chains are sometimes called 
linear metaphosphates. 

Graham's salt is the best known of these long chain polyphosphates, and 
is formed by quenching molten NaPO;. It forms a glassy solid instead of 
crystallizing. In industry it is incorrectly called sodium hexametaphosphate. 
This is wrong because it does not contain six [PO,] units and is a high 
molecular weight polymer (NaPO;),, which usually has a mean molecular 
weight of 12000-18000, and up to 200 [PO,] units in the chain. Though 
mainly made up of long chains, it does contain up to 10% of ring meta- 
phosphates and a little cross-linked material. (Molecular weights of these 
long chain polymeric species can be determined by titrating the end 
groups, and also from osmotic pressure, diffusion, viscosity, electrophore- 
sis, and ultracentrifuge measurements.) Graham's salt is soluble in water. 
These solutions give precipitates with metal ions such as Pb^* and Ag”, 
but not with Ca?* and Mg^*. Graham’s salt is sold commercially under the 
trade name Calgon. It is widely used for softening water. It sequesters 
Ca?* and Mg?* in a similar way to NasP4O,o. Many of these polyphos- 
phates are used for water softening, and also for descaling boilers and 
pipes. 

Heating NajH>P 0, results in dehydration, but three different products 
are formed depending on the vapour pressure of water. If heated in air (an 
open system), where water can escape, then cyclic sodium trimetaphos- 
phate is formed. Heating in a closed system. where the water cannot 
escape, yields either Maddrell's high temperature or low temperature salt. 
These are crystalline, as is Kurrol's salt. They consist of chains of 
tetrahedral [PO;] units, and they differ in the way the tetrahedra are 
oriented in the chains. Thus Kurrol's salt is made up of helical chains of 
[PO,] units, and the structure contains an equal number of left handed and 
right handed helices. Thus chains may differ in their length and they may 
also have different repeat units, as was found in the chain silicates. 

These and other relationships are shown in (Figure 14.15). 

When (cyclic) sodium trimetaphosphate melts at about 625°C. long 
chain polyphosphates are formed. If the liquid is cooled rapidly these 
chains remain (Graham's salt). Annealing Graham's salt above 550°C 
gives Kurrol's salt. This exists in two forms, one fibrous and the other 
plate-like. They have different densities. The two different forms are 
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Figure 14,15 Relation of various polyphosphates. 


similar to the asbestos minerals in the silicates, some of which are made of 
chains, and others of sheets. Annealing one form of Kurrol salt at 400*C 
gives sodium trimetaphosphate, and the other gives Maddrell's high tem- 
perature salt. All forms of sodium polyphosphate revert to (cyclic) sodium 
trimetaphosphate near the melting point 625°C, or on annealing (pro- 
longed heating) at 400°C. This is presumably because the trimetaphos- 
phate has the most stable crystal structure. 


Metaphosphates — cyclophosphates 


The metaphosphates form a family of ring compounds. The old name 
of metaphosphates is still widely used even though according to IUPAC 
nomenclature cyclo- should be used to indicate the formation of rings. 
They can be prepared by heating orthophosphates: 

nHsPO."=" (HPO;), + nH;O 
There is no evidence for the existence of free monometaphosphate ions 
PO , or of dimetaphosphate ions. The latter would involve the sharing of 
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Figure 14.16 Some polyphosphate ions. 


two corners, that is an edge between two [PO,] tetrahedra, and would 
impose a great deal of strain on the structure. In contrast, tri- and tetra- 
metaphosphates are well known. A few larger rings have been isolated 
with up to eight [PO,] units, that is up to Nas[P&O»;]. These are obtained 
as mixtures, and are conveniently separated by paper chromatography or 
thin layer chromatography. 

Sodium trimetaphosphate Na;P;O, is made by heating NaH;PO, to 
640°C, and holding the melt at 500°C for some time to allow the conden- 
sation to take place and the water to be evolved. The ring structure has 
been established by X-ray analysis of several salts. Hydrolysis of the ring 
compound sodium trimetaphosphate by alkali gives the chain compound 
sodium tripolyphosphate. 


heat 


3NaH;PO, —9 Na;P30, + 3H;O 
Na3P3;0, + 2NaOH — NasP30,) + H;O 


Sodium tetrametaphosphate Na;P4O,; - 4H;O is formed when P4Ojo is 
treated with a solution of cold NaOH or NaHCO}. 


Hypophosphoric acid H4P;O, 


This contains P in the oxidation state (--IV) and has one less O atom than 
pyrophosphoric acid H;PO;. It is prepared by hydrolysis and oxidation of 


H oH OH OH 
| | | 40, p 
DM WELT 
OH OH OH bn 
hypophosphoric 
acid 


Figure 14.17 Hydrolysis and oxidation of yellow phosphorus. 
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red phosphorus by NaOCI, or yellow phosphorus by water and air. There 
are no P—H bonds, and so this acid is not a reducing agent. There are four 
acidic hydrogens, and hence the acid is tetrabasic and can form four series 
of salts, though usually two hydrogens are replaced. It is unusual.in that it 
contains a P—P bond. This is much stronger than the P—O—P bond, so 
hydrolysis is slow. 


OH | OH OH OH 
| HIOH | I | 
O=P P—O > O=P—H + HO—P=O 
| | | | 
OH OH OH OH 
H;PO; HPO; 
orthophosphorous orthophosphoric 
acid acid 
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The phosphorous acids are less well known. They all contain phosphorus in 
the oxidation state (+III). They have P—H bonds and are therefore 
reducing agents. 

Hydrolysis of P4O& in a manner analogous to the hydrolysis of P4O;6 
already described yields pyro- and orthophosphorous acids, which are both 
dibasic and reducing agents. 


HH H 
| | | 
HO—P—O—P—OH HO—P—OH 


| I 
OO [9 


pyrophosphorous orthophosphorous 
acid acid 


Orthophosphorous acid HPO, 


HPO; contains two acidic H atoms (the OH groups), and one reducing H 
(the P—H hydrogen atom). Consequently only two of the three H atoms 
can ionize, and the acid is dibasic. 

H3PO; = H* + H,PO; Ka, = 1.6 x 107? 

H;PO; = H* + HPO} Ky =7 x 1077 
Thus H3PO; can form two series of salts: 
1. Dihydrogen phosphites, for example NaH;PO;. 
2. Monohydrogen phosphites, for example Na;HPO;. 


The phosphites are very strong reducing agents in basic solutions. In acid 
solutions they are converted to H3PO3, which is still a moderately strong 
reducing igent. 
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Metaphosphorous acid (HPO;),, 
This can be prepared from phosphine at low pressure. 


PHi3 0,2525 He + HPO, 
If the formula were HPO;, the P atom would only form three bonds or else 
form double bonds. In tact, it polymerizes rather than form double bonds. 
The structure is not known, but by analogy with metaphosphoric acid it 
may well be a ring structure. 


Hypophosphorous acid H3PO; 


HPO) contains P in the oxidation state (+1), and has one O atom less than 
the orthophosphorous acid. It is prepared by alkaline hydrolysis of 
phosphorus. 


P4 + 30H” + 3H;O — PH; + 3H,PO> 


The acid is monobasic and a very strong reducing agent. Salts of this acid 
are called hypophosphites, and sodium hypophosphite NaH PO) is used 
industrially to bleach wood and to make paper. 


OH 
l i i 
ROC = 3fHo—P—on| > an—b—on 
OHJH `p I 
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H OH 
hypophosphorous 
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Figure 14.18 Alkaline hydrolysis of phosphorus. 


MAJOR USES OF PHOSPHATES 


Phosphate rock is mined on a vast scale (145 million tonnes in 1992). The 
minerals vary both in purity and in composition. Industry expresses the 
production of phosphates in terms of the PO; content. On this basis 
world production of phosphates is about 34 million tonnes per year. (This 
is equivalent to 46.9 million tonnes of H3PO,.) The major commercial 
uses are as follows: 


85% For fertilizers such as superphosphate, triple superphosphate, and 
ammonium phosphate. These do not need to be especially pure. 

5% Added to detergents (builders, i.e fillers) mainly sodium tri- 
polyphosphate in powders and sodium pyrophosphate in liquid 
preparations. 
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3% Used in the food industry to give the acid taste in drinks such as cola 
(pH 2), sarsaparilla and root beer, and as an emulsifier in processed 
cheese, dried milk, sausages etc. 

23% For treating metals. 

(a) Rustproofing, by dipping the hot metal into phosphoric acid, or 
heating the acid to 90-95°C (sometimes with Zn^*, Mn2* 
Cu?* or other ions present) in processes such as Parkerizing 
and Bonderizing. Small metal parts such as nuts, bolts and 
screws are treated in this way, and also motor car bodies, refri- 
gerators etc. before they are painted. 

(b) Pickling metals, that is removing scale and oxide from the 
surface of iron and steel by dipping in an acid bath. 

(c) "Bright dipping’ of aluminium parts. The parts are connected to 
the anode and electrolysed in a bath of HPO, with a small 
amount of HNO, and a trace of Cu(NO:);. This gives a highly 
polished Al surface protected by a clear layer of AlsO3. 

1% For industrial uses such as water softening (particularly calgon, and 
trisodium phosphate Na;PO,), buffers (NaH PO, and Na;HPO,), 
paint strippers (Na3PO,), and removing H5S from gases particularly 
in the petroleum industry (K3PO,). 

1% For making phosphorus sulphides (for matches). 

l% For making organophosphorus compounds: plasticizers (triaryl 
phosphates), insecticides (triethyl phosphate) and petrol additives 
(tritolyl phosphate). 

1% For pharmaceutical products such as toothpaste (CaHPO,2H5;0, 
or Ca;P50; in fluoride toothpaste), and combined baking powder 
(Ca(H;PO4); which is slightly acidic, mixed with NaHCO.). 

4% Flameproofing fabrics (ammonium phosphates and urea phosphate 
NH;CONH:;-:H3PO,). 


The excessive use of phosphates as water softeners is criticized by 
environmentalists, since it contributes to water pollution. The phosphates 
in domestic waste water pass through sewage disposal systems into rivers 
and lakes. There they nourish bacteria, which grow excessively and deplete 
the water of dissolved dioxygen, thus killing the fish. The phosphates may 
also produce a massive overgrowth of water plants. When this crop of 
plants dies, there will be excessive decay and putrefaction which may also 
kill the fish. The tendency of the acidic ions of P to condense and give 
isopolyacids is quite strong. The phosphates and phosphites are similar to 
the arsenates and arsenites. Condensed As anions are much less stable 
than the corresponding P polyanions and they are rapidly hydrolysed in 
water. Antimonates and antimonites are known, but Sb has a coordination 
number of 6, and these salts contain the octahedral [Sb(OH),]~ ion. 


SULPHIDES OF PHOSPHORUS 


When P and S are heated together to a temperature over 100°C, P4S3, 
P4S., P4S; and P4S,; may be formed depending on the relative amounts of 
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Figure 14.19 Structures of phosphorus sulphides. 


reactants present. Two more compounds P,S, and P4So have been made 
using other reactions. 

P,Sio is structurally the same as P4O0, but the absence of P4S6 is 
surprising. The structures of the other sulphides have no counterparts in 
the oxides. They are loosely related to the structures of the oxides P406 
and P4O;o, with a tetrahedron of P atoms, with some S atoms bridging 
between P atoms and others occupying apical positions attached to P 
atoms. 


P4S; 


Phosphorus trisulphide P,S; is the most stable sulphide. It is made by 
heating red phosphorus and a limited amouht of sulphur to 180°C in an 
inert atmosphere. It is soluble in organic solvents such as toluene and 
carbon disulphide: traces of unreacted P can be removed either by re- 
crystallization from toluene or by distillation. P4S; is used commercially for 
making matches. Matches contain P4S,, KCIO3, fillers and glue. The 
friction betwéen the match and the sandpaper on the side of the box 
initiates a violent reaction between the P,S; and KCIO, This generates 
enough heat to make the match burst into flame. 


SULPHIDES OF PHOSPHORUS 


P410 


P4Sio is the most important sulphide. It is made by reacting liquified white 
Phosphorus at 300°C with a slight excess of sulphur. World production is 
about 250000 tonnes/year. It hydrolyses in water, forming phosphoric acid 
in a similar way to P4040. 


P4Sio + 16H20 — 4H3PO, + 10H;S 


The most important reaction of P4S,, is hydrolysis by alcohols and phenols 
to give dialkyl or diaryl dithiophosphoric acids. 


P4Sio + 8EtOH — 4(EtO); P-(S)- SH + 2H5S 


OR 


Figure 14.20 Structures of thiophosphoric acids. 


The Zn salts of dialkyl and diary! thiophosphates [(RO); - P - (S)];Zn are 
used as extreme pressure additives in high pressure lubricants such as 
gearbox oil. (EtO);- P-(S)-Na and (EtO);-P-(S)- NH, are used as 
flotation agents for concentrating sulphide ores such as PbS and ZnS 
before smelting. The methyl and ethyl derivatives are used in the manu- 
facture of pesticides such as malathion and parathion. 

(EtO); - P: (S) -SH + Cl; ^ (EtO),-P-(S)-Cl + HCI + S 
(EtO); - P- (S) - CI + NaO - C6H4 : NO; — (EtO);- P- (S) O- C4H4* NO; 
parathion 
These organophosphorus esters are very effective insecticides. They 
prevent the nervous system of insects from working properly, thus killing 
the insects very rapidly. Acetylcholine is a chemical neurotransmitter, 


produced to transmit nerve impulses across a synaptic junction. Normally 
the enzyme acetylcholinesterase destroys the acetylcholine once the im- 
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pulse has been transmitted. These organophosphorus esters inhibit the 
action of acetylcholinesterase. Malathion and parathion are not toxic if 
eaten by mammals, since the digestive system breaks the molecule down 
before it enters the body. 


PHOSPHAZENES AND CYCLOPHOSPHAZENES 
(PHOSPHONITRILIC COMPOUNDS) 


Nitrogen and phosphorus show only a slight tendency to catenate by 
themselves. The maximum chain length for nitrogen is three in the azide 
Nj ion, and two for phosphorus in a few compounds such as PH, and 
(Me;)(S)P—P(S)(Me;). A few ring compounds exist with four, five or six 
P or As atoms joined together. 

In contrast to this, N and P may bond together, forming a large number 
of phosphazenes. In these the P atom is in the oxidation state (-- V) and N 
is in the (+III) state. The compounds are formally unsaturated. Thus 
monophosphazines may be made by reacting an azide with PCl}, POR, or 
P(CoHs)s: 

PCl, + C6HsN3 — Cl;P—=NC,Hs + No 
P(C&Hs); + CoHsN3 — (CoHs)3P—=NC,Hs + No 


Diphosphazenes can be made as follows: 
3PCl; + 2NH,Cl > [Cl;P-—N—PCI;—N—PCI;]*CI^ + 8HCI 


However, N and P catenate together, forming an interesting series of 
polymers. 


nPCls + nNH,CIEL S, — (NPCI, + 4n HCl 


(ring compounds cyclophosphazenes) 


and CLP - (NPCI;), - NPCl, 


(chain compounds polyphosphazenes) 


This reaction produces a mixture of ring compounds (NPCI;), where n = 
3, 4,5, 6..., and fairly short linear chains. The most common rings (n = 3 
and 4) contain six or eight atoms. The former are flat and the latter exist in 
‘chair’ and ‘boat’ conformations. 

A large number of chain compounds are known. These range from 
short chains PNCl;, P3N>Clo, PsN3Cl,, to those with up to 10* units 


cl 
/ 
SUUR A] Sl 
p ^ 
Np CI ci CI ps cl Ne 
KEN Clap NI px NLC 
CI^ SN Ho —N ci ci^ P: N 
cix, jci `N AM. dts 2 "y 
/ YN ox à 
Gen Nr vel 


Figure 14.21 Some cyclophosphazene compounds. 


| PHOSPHAZENES AND CYCLOPHOSPHAZENES (PHOSPHONITRILIC COMPOUN DS) 


| [525] 


[—N-—PCL.] linked together. These compounds were originally 
called phosphonitrilic halides, but are now named systematically 
poly(chlorophosphazenes). 


e e cl [*] cl 


cl 
| l | l | | 
me CI —P==N—P=N— POI, Cl— P= 
| 
ci cl cl l l 1 
cl cl cl cl cl 


Cl— P==N— P—=N— P==N—P—=N— PCI, 


cl cl [o] cl [o] 
Figure 14.22 Some polyphosphazene chain compounds. 


The chlorine atoms are reactive, and most reactions of chlorophos- 
phazenes involve replacement of CI by groups such as alkyl, aryl, OH, OR, 
NCS or NR;. Alkyl or aryl groups may be introduced using lithium or 
Grignard reagents. Substitution may be complete, or partial, and in the 
latter case many different isomers are possible. 


[NPCL], + 6CH3Mgl —> [NP(CH3)j]; + 3MgCl; + 3Mgl; 
[NPCl]; + 6C,HsLi — [NP(C4Hs);]; + 6LiCI 

[NPCL]; + 6NaOR — [NP(OR);], + 6NaCl 

[NPCL]; + 6NaSCN — [NP(SCN);]; + 6NaCl 


Similar compounds are formed with Br and F. The largest rings formed 
contain 34 atoms in the chlorides and 12 atoms in the bromides. Some of 
the long chain polymers are rubber-like, and those with perfluoroalkoxy 
side groups [NP(OCH;CF;);], resemble polythene. 

There are many potential uses for the high molecular weight phos- 
phazenes, as rigid plastics, expanded foam, and fibres, since they are 
waterproof and fireproof, and are unaffected by petrol, oil, and solvents. 
They also form flexible plastics which are useful for fuel hoses and gaskets 
since they retain their elasticity at low temperatures. The phosphazenes are 
at present far too expensive for general use. Thin films of poly(aminopho- 
sphazene) are used in hospitals to cover severe burns and other extensive 
wounds since they prevent the loss of body fluids and keep germs out. 

There are two main points of interest in these P—N compounds: 


1. The nature of the bonding is not understood. In all of these phos- 
phazene compounds the (apparent) P—N and P=N bonds are equi- 
valent. Their bond lengths are 1.56—1.59 A, which is much shorter than 
the usual single bond distance of 1.77 A. Thus the bonding in these 
compounds is not adequately represented by a system of alternate single 
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and double bonds, nor can it be explained by px—px bonding and 
delocalization similar to that in benzene or graphite. It has been 
suggested that a coordinate bond is formed between a filled sp? orbital 
on N and the empty 3d, ,; orbital on P. This is similar to the px—dx 
bonding in the oxides of phosphorus except that in the phosphazenes 
the x bonds are delocalized over the whole molecule, giving pseudo- 
aromatic character. There are objections to this because of the size and 
energy of the d orbitals. Alternatively the singly occupied p, orbital on 
N may form a three-centre bond with the d,, and d,, orbitals on the two 
adjacent P atoms. 

2. The polyphosphazenes form a very extensive series of polymers. 
Carbon based polymers are the most extensive, then the silicones, then 
the phosphazenes. 


ORGANOMETALLIC COMPOUNDS 


Nitrogen forms primary, secondary and tertiary amines RNH>, R2NH and 
R3N which are described fully in organic chemistry texts. 
Many organophosphorus compounds are toxic. Some have been used as 
pesticides, herbicides, and nerve gases. Others play an essential part in life. 
The halides of P, As, Sb and Bi react readily with lithium reagents and 
Grignard reagents, forming alkyl and aryl compounds. The best known are 
the tertiary phosphine compounds such as triphenyl phosphine. 
PCI, + 3LiEt — PEt; + 3LiCl 


triethyl phosphine 


PCl, + 3PhMgCl — PPh; + 3MgCl, 
triphenyl phosphine 
The trimethyl derivatives of P, As, Sb and Bi are all attacked by air, but 
the triaryl compounds are stable. It is not necessary to substitute all three 
halogen atoms, and mixed halo organo species can be made either by using 
an excess of PCl;, or by using a weaker alkylating or arylating agent. 


PCl, + LiEt > EtPCl, + LiCl 


excess 


PCl, + 2HgR; — R;PCI + 2RHgCI 


The structures of MR; derivatives are pyramidal (tetrahedral with one 
position occupied by a lone pair) like NH3. The trialkyls of P and As 
possess strong donor properties and consequently form many complexes 
with transition metals. In these a c bond is formed using the lone pair of 
electrons and a x bond is formed by 'back bonding', arising from the 
donation of electrons from a full d orbital on the transition metal to an 
empty d orbital on P or As. This ‘back bonding’ is similar to that discussed 
under the oxides of phosphorus, but since it involves two d orbitals it is 
called dn—dx bonding. 

Some MR; derivatives can be made in a similar way, and their structures 
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are similar to that of PCls, that isa trigonal bipyramidal structure. It is rare 
to have five organic groups bonded to P. 


PCls + C HsLi — P(CSH;)CI, + LiCl 
PCI; + 2CsHsLi > P(C;H;);Cl, + 2LiCI 
PCl; + 3C,HsLi — P(CsHs)3Ch + 3LiCI etc. 


Several ions NR}, PRZ, AsR? and SbRj exist which are tetrahedral 
like the ammonium ion. 

Treatment of POCI; with lithium or Grignard reagents yields trialkyl and 
triaryl phosphine oxides. 


POCI; + 3LiR — POR; + 3LiCI 
Phosphate esters play a vital role in many life processes: 


1. The release of energy in living matter by adenosine triphosphate 
(ATP — ADP + energy) has been described earlier. Nicotinomide 
adenine dinucleotide (NAD) is important in the degradation of citric 
acid in the Krebs’ cycle for the release of energy. Another ester, 
phosphocreatine, is important in the regeneration of ATP, and others 
control the synthesis and storage of carbohydrates such as glycogen in 
animals. 

2. Phosphate esters are also important in the synthesis of proteins and 
nucleic acids. Deoxyribonucleic acids, DNA, are responsible for the 
storage and transfer of genetic information. The sequence of organic 
bases is specific for each nucleic acid. The DNA molecules comprise 
two strands which are hydrogen bonded together and form a double 
helix. Ribonucleic acids, RNA, are similar, but are usually single 
strands, and form a single helix. Their function is to act as a template to 
produce identical nucleic acids, with the same sequence of bases, and 
the same orientation in space. 

3. Phosphate esters also play a pait in photosynthesis, and the conversion 
of surplus sugar into starch in plants. 

4. Phosphate esters are also involved in dinitrogen fixation. 
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PROBLEMS 
1. Use the molecular orbital theory to describe the bonding in N; and 
NO. What is the bond order in each case? 


2. Explain why nitrogen molecules have the formula N>, whilst phos- 
phorus has the formula P4. 


3. Outline how nitrogen and phosphorus are obtained commercially. 


4. Write balanced equations to show the effect of heat on (a) NaNO;, (b) 
NH4NO;, (c) a mixture of NH;CI and NaNO;, (d) Cu(NO4); -2H.O, 
(e) Pb(NO4):» and (f) NaN,. 
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10. 


11. 


12. 
13. 


14. 
15. 


16. 
37: 


Give equations to show how the following materials react with water: 
(a) LisN, (b) CaNCN, (c) AIN, (d) NO», (e) N2Os, (f) NCls. 


. Describe the commercial methods for manufacturing NH5 and HNO;. 


How are the starting materials obtained? What are their main uses? 
How is HNO; concentrated? 


. Explain the. bonding in NO; . 


. Write an account of the chemistry of the oxides of nitrogen. Describe 


and give equations for the preparation of each, and discuss their 
properties, reactivity structures and bonding. 


. Describe the conditions under which the following react, and give the 


products in each case: 

(a) copper and nitric acid 

(b) nitrous oxide and sodamide 

(c) calcium carbide and nitrogen 

(d) cyanide ions and cupric sulphate 

(e) ammonia and an acidified solution of sodium hypochlorite 
(f) nitrous acid and iodide ions. 


Describe the production of hydrazine and hydrazine sulphate. What 
practical difficulties are involved? What are they used for? 


Explain what happens and give equations for the reaction of an 
aqueous solution of hydrazine sulphate with: 

(a) an aqueous solution of I, in KI 

(b) an alkaline solution of copper sulphate 

(c) an aqueous solution of potassium ferricyanide K;[Fe(CN);] 

(d) an ammoniacal solution of silver nitrate. 


Why is NF; stable whilst NCI, and NI, are explosive? 


Why is it that NF, has no donor properties, but PF; forms many 
complexes with metals? Give examples of such complexes. 


Give a preparation of NH;OH and describe one of its major uses. 


What are the main ingredients in fertilizers? How are they made, and 
what use do the plants make of them? 


Compare the oxides of nitrogen and phosphorus. 


Substance (A) is a gas of vapour density 8.5. On oxidation at high 
temperature with a platinum catalyst it gave a colourless gas (B), 
which rapidly turned brown in air, forming a gas (C). (B) and (C) were 
condensed together to give substance (D), which reacted with water, 
forming an acid (E). On treatment of (E) with an acidified solution of 
KI, gas (B) was evolved, but when (E) was treated with a solution of 
NH,Cl, a stable colourless gas (F) was evolved. (F) did not support 
combustion, but magnesium continued to burn in it. However, (F) 
reacted with calcium carbide in an electric furnace, forming a solid 
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18. 
19. 


20. 


21. 


N 
N 


nN 
ie) 


(G), which was slowly hydrolysed by water, forming a solution of 
substance (A), which turned Nessler's reagent yellow, Identify sub- 
stances (A) to (G) and explain the reactions involved. 


Compare the structures of the oxides and sulphides of phosphorus. 


Give equations for the reactions of the following compounds with 
water: (a) P4Os, (b) P4010, (c) PCls, (d) PCls, (e) Na3P. 


What do you understand by px—dn bonding in the oxides and oxoacids 
of phosphorus? Give examples to show how this may explain some of 
the differences in the chemistry of nitrogen and phospho? 


Explain why the P—O bond length in POCI; is 1.45 Å whereas the 
sum of the single bond covalent radii of phosphorus and oxygen is 
1.83 À. 


. Discuss the uses of phosphates in analysis and in industry. 


. Compare and contrast the structures and behaviour of phosphates, 


silicates and borates. 


- Suggest reasons why PF; is known but NF; is not. 


. Give examples of phosphazenes. How are they made, and what are 


their structures? 


. Give equations for the reactions of the following compounds with 


water: (a) As4Oe, (b) As4O10, (c) SbCls, (d) Mg;Bi, (e) NasAs. 
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Group 16 — the chalcogens 


Table 15.1 Electronic structures and oxidation states 


Elements Electronic structure Oxidation states* 
Oxygen [9] [He] 2s? 2p* -II (-I) 

Sulphur S [Ne] 35? 3p! àii (ID IV VI 
Selenium Se [Ar] 349 45? 4p* (—H) H IV. VI 
Tellurium Te [Kr] 4d!" 5s? 5p* II IV VI 
Polonium Po [Xe] 4/'* Sa!” 6s? 6p* Il IV 


* The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normal type. Oxidation states that are unstable, or in doubt, are given in 
parentheses. 


GENERAL PROPERTIES 


The first four elements are non-metals. Collectively they are called 'the 
chalcogens' or ore-forming elements, because a large number of metal 
ores are oxides or sulphides. 

Several chemicals in this group are industrially important. H5SO, is the 
most important chemical in the chemical industry. A staggering figure of 
146 million tonnes was produced in 1992. One hundred million tonnes/ 
year of O, is produced, and most is used in iron and steel making. In 
1992, 54 million tonnes of S were produced, most of which is used to 
make H5SO,. One million tonnes/year of NaSO; is used, mostly to bleach 
wood pulp and paper. Worldwide, 1018200 tonnes of HO, were produced 
in 1991. 

The elements show the usual increase in metallic character on descending 
the group. This is shown by their reactions, the structures of the elements, 
and an increased tendency to form M?* ions together with a decrease 
in stability of M?~ ions. O and S are totally non-metallic. Non-metallic 
character is weaker in Se and Te. Po is markedly metallic, and is also 
radioactive and short-lived. 

Oxygen is a very important element in inorganic chemistry, since it reacts 
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with almost all the other elements. Most of its compounds are covered 
under the other elements, 

S, Se and Te are moderately reactive and burn in air to form dioxides. 
They combine directly with most elements, both metals and non-metals, 
though less readily than with O. As expected for non-metals, S, Se and 
Te are not attacked by acids except those which are oxidizing agents. Po 
shows metallic properties since it dissolves in H9SO;, HF, HCI and HNO,, 
forming pink solutions of Po". However, Po is strongly radioactive, and 
the a-emission decomposes the water, and the Po! solution is quickly 
oxidized to yellow solutions of Po!V. 

Oxygen shows several differences from the rest of the group. These are 
associated with its smaller size, higher electronegativity, and the lack of 
suitable d orbitals. Oxygen can use pz orbitals to form strong double 
bonds. The other elements can also form double bonds, but these become 
weaker as the atomic number increases. Thus CO; (O=C=0) is stable, 
CS; less stable, CSe; polymerizes rather than form double bonds and 
CTe; is unknown. Oxygen also forms strong hydrogen bonds which greatly 
affect the properties of water and other compounds. 

Sulphur shows a much greater tendency to form chains and rings than 
the other elements (see Allotropic Forms). Sulphur forms an extensive 
and unusual range of compounds with nitrogen which are not matched by 
the other elements. 

Whereas O and S have only s and p electrons, Se follows after the first 
transition series and has d electrons too. The filling of the 3d shell affects 
the properties of Ge, As, Se and Br. The atoms are smaller, and the elec- 
trons are held more tightly. This is the reason why Se is reluctant to attain 
the highest oxidation state of (+ VI) shown by S. Thus HNO; oxidizes S to 
H5SO, (S +VI) but only oxidizes Se to H5SeO; (Se +IV). 

All compounds of Se, Te and Po are potentially toxic, and should be 
handled with care. Organo derivatives, and volatile compounds such as 
H5Se and H;Te, are 100 times more toxic than HCN. 


ELECTRONIC STRUCTURE AND OXIDATION STATES 


The elements all have the electronic-structure s*p*. They may attain a 
noble gas configuration either by gaining two electrons, forming M?- ions, 
or by sharing two electrons, thus forming two covalent bonds. The electro- 
negativity of O is very high — second only to F. The electronegativity dif- 
ference between-M and O is large. Thus most metal oxides are ionic and 
contain O? ions, and the oxidation state of O is (—1I). Sulphides, sel- 
enides and tellurides are formed with the more electronegative metals in 
Groups 1 and 2 and the lanthanides, and these compounds are some of 
the most stable formed. Compounds are often written as containing S?~, 
Se^" and Te?-. The electronegativity differences suggest that these com- 
pounds are close to the 50% ionic, 50% covalent borderline. In the same 
way as for PCl;, these compounds may be covalent in the solid but ionic 
in aqueous solution. 
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The elements also form compounds containing two covalent (electron- 
pair) bonds such as HO, F,O, ClO, H2S and SCl;. Where the chalcogen 


' atom is the least electronegative atom in the molecule (e.g. in SCl, where 


the electronegativity of S = 2.5 and Cl = 3.5) the S shows an oxidation 


state of (+II). 
In addition, the elements S, Se and Te show oxidation states of IV and 


VI, and these are more stable than the +II state. 


ABUNDANCE OF THE ELEMENTS 


Oxygen is the most abundant of all elements. It exists in the free form as 
dioxygen molecules O; and makes up 20.9% by volume and 23% by weight 
of the atmosphere. Most of this has been produced by photosynthesis, 
the process where the chlorophyll in the green parts of plants uses the 
sun's energy to make foodstuffs such as glucose sugar. 


6CO; + 6H50 + energy from the sun — C;H450, + 60; 


Oxygen makes up 46.6% by weight of the earth's crust, where it is the 
major constituent of silicate minerals. Oxygen also occurs as many metal 
oxide ores, and as deposits of oxosalts such as carbonates, sulphates, ni- 
trates and borates. Oceans cover three quarters of the earth's surface, 
and oxygen makes up 89% by weight of the water in the oceans. Ozone 
O; exists in the upper atmosphere, and is of great importance. This is 
discussed later. 

Sulphur is the sixteenth most abundant element and constitutes 0.034% 
by weight of the earth's crust. It occurs mainly in the combined form as 
numerous sulphide ores, and as sulphates (particularly gypsum CaSO,- 
2H50). It is not economic to mine these to obtain S, although gypsum is 
mined for other uses. The native element can be obtained from volcanic 
sources in many places, but these sources are little used now except in Japan 
and Mexico. From Biblical times up till the present century volcanic sources 
provided the major source of S. In early times S in the form of brimstone 
(burning rock) was used for fumigation. From the thirteenth century until 
the middle of the nineteenth century it was used to make gunpowder. In 
the present century the major use has been to make H;SO,. 

The other elements Se, Te and Po are very scarce. 


Table 15.2 Abundance of the elements in the 
earth's crust, by weight 


ppm Relative abundance 
O 455000 1 
S 340 16 
Se 0.05 68 
Te 0.001 74 = 
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EXTRACTION AND USES OF THE ELEMENTS 
Extraction and separation of dioxygen 


Dioxygen is produced industrially by the fractional distillation of liquid air. 
(See Chapter 14, under ‘Occurrence, extraction and uses of Nitrogen'.) 
Most of the O; is used in the steel making industry. Gas produced in this 
way commonly contains traces of N, and the noble gases, particularly Ar. 
Steel cylinders of compressed O, are used for many purposes, including 
oxy-acetylene welding, and in the laboratory. O, is administered together 
with an anaesthetic for surgical operations. It is sometimes prepared on a 


| small scale in the laboratory by thermal decomposition of KCIO; (with 


MnO), as catalyst), though the product often contains traces of Cl; or 
CIO;. Small amounts of O, as an emergency breathing supply in aircraft 
are produced by heating NaCIO;: 


2KCIO, 150°C MnO; catalyst 2KCI + 30; 


Oz can also be made by the catalytic decomposition of hypochlorites: 


Co?* 
2HOCI —»5 2HCI + O, 


or by the electrolysis of water with a trace of H5SO, or barium hydroxide 
solution. 3 


Uses of dioxygen 


Practically all the elements react with dioxygen either at room temperature 
or on heating. (The only exceptions are a few noble metals such as Pt, Au 
and W, and the noble gases.) Even though the bond energy of O; is high 
(493 kJ mol!) the reactions are generally strongly exothermic, and once 
started often continue spontaneously. 

Dioxygen is essential for respiration (for the release of energy in the 
body) by both animals and plants. It is therefore essential for life. 

C6H1206 + (a esaet 6CO; + 6H;O + energy 
glucose 

The complex formed between dioxygen and haemoglobin (the red pigment 
in blood) is of vital importance since it is the method by which higher 
animals transport dioxygen round the body to the cells which actually use it, 

World production of liquid and gaseous O is about 100 million tonnes/ 
year. By far the largest consumption of dioxygen (60-80%) is in the iron 
and steel industry. Here pure dioxygen is used to convert pig iron into steel 
in the basic oxygen process which originated as the Kaldo and LD pro- 
cesses. Since the late 1950s these have replaced the Bessemer process 
(which used air). Plants to produce. dioxygen are frequently located 
adjacent to, or are part of, modern steel making plants, and the O; is 
piped from one plant to the other. There are three advantages to the 
modern methods using O»: 
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1. The conversion to steel is quicker. 
2. Larger ingots of pig iron can be used (Bessemer 6 tonnes, BOP 100 | 


tonnes). 
3. The metal does not form nitrides, which can occur when air is used. 


In some places dioxygen is introduced with air into blast furnaces used 
for the reduction of iron oxides to impure pig iron by coke. The reason 
for using dioxygen is largely to allow the use of some heavy hydrocarbons 
(naptha) as fuels as a partial replacement for expensive metallurgical coke. | 
Dioxygen is also used for oxy-acetylene welding and metal cutting. Other 
important chemical uses of dioxygen include the following: 


1. The preparation of TiO; from TiCl,. TiO; is used as a white pigment in 
paint and paper and as a filler in plastics. 

To oxidize NH, in the manufacture of HNO. 

In the manufacture of oxirane (ethylene oxide) from ethene. 

As the oxidant in rockets. 


fer 


Extraction of sulphur 


World production of S was 57 million tonnes in 1992. The main producers 
are the USA 20%, the former Soviet Union 15%, Canada 13%, China 
11%, and Japan and the former Czechoslovakia 5% each. There are 
several methods of extracting S: 


Recovered from natural gas and petroleum 48% 


Mined by the Frasch process 19% 
From pyrites 17% 
Recovered from smelter gases 12% 
Mined as sulphur ore 4% 
Made from CaSO, 0.03% 


Large amounts of sulphur are obtained from natural gas plants. In 
Canada these plants are the major source (90%) of S since the natural gas 
| there may contain up to 20% H3S. It is essential that all traces of sulphur 
compounds are removed from natural gas, since HS has an objectionable 
smell. Furthermore, burning sulphur compounds forms SO, which has 
an acrid smell and is corrosive. In a similar way, large amounts of S are 
obtained from oil refineries (60% of the USA total and 37% of the USSR 
total). After cracking long chain hydrocarbons, H;S and other sulphur 
derivatives are removed because of their objectionable smell. About a 
third of the H5S is oxidized in air to give SO», which is subsequently re- 
acted with the remaining H5S. This provides a second major source of $ 
in the USA and Japan. With the enormous increase in the use of natural 
gas and oil, more S is now obtained from gas and petroleum than is mined 
by the Frasch process (see later). 

Major deposits of native S are found in the USA (the Gulf of Mexico 
States; Louisiana, Texas, and Mexico), and in the upper Vistula region of 
Poland and the Ukraine. These deposits of S were formed by anaerobic 
bacteria which metabolize CaSO, to form H5S and S. 
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2H2S + 30, — 2S0; + 2H,O 
SO; + 2H5S > 2H;0 + 3S 


These underground deposits of S are mined by the Frasch process, and 
yield S in a very high state of purity. In this process, three concentric pipes 
are sunk in a borehole down to the underground deposit. Superheated 
steam is passed down the outer pipe, and this melts the sulphur. Com- 
pressed air is blown down the inner pipe and forces molten sulphur up 
the middle pipe. One bore hole can cover an area of about half an acre. 
This technique was developed to overcome difficulties of mining in swamp 
areas or through quicksand, and for offshore mining in Louisiana. Mining 
in the USA started in the 1890s, and in Poland in the 1950s, 

SO» is obtained as a by-product in the extraction of metals from sulphide 
ores. The most important metal sulphide is iron pyrites (fool’s gold) FeS;. 
This is mined in large amounts in the USSR, Spain, Portugal, Japan and 
many other places. Non-ferrous metals such as wurtzite ZnS, galena PbS, 
several forms of copper sulphide and NiS all yield SO; in smelters. The 
SO; is used to make H;SO,. Because there are a large number of metal 
production processes, this method of producing S currently yields more S 
than the other two methods. However, it is produced as SO; rather than 
S. The metals in the p-block and about half of the transition metals form 
sulphide minerals: all these metals are collectively called chalcophiles. 
Some of the most important sulphide minerals are listed in Table 15.3. 

There are vast amounts of S in the form of sulphates dissolved in the 
oceans, and as mineral deposits such as CaSO,. There are smaller deposits 
of other metals such as FeSO, and Ab(SO,);. In Poland SO, is obtained 
by heating CaSO, with coke in a rotary kiln. Production is about 20000 
tonnes/year. The SO; is used for the Contact process for the manufacture 
of H2SO,. Production of elemental S from sulphates is not much used 
since other sources of S are at present cheaper. 


Table 15.3 Some important sulphide ores 
——M——MMMM—ÁÁÁ—Á 


MoS; Molybdenite 

FeS; Pyrites (fool's gold) 

FeS, Marcasite 

FeAsS Arsenopyrites 

(Fe,Ni)sSg Pentlandite 

CuS Copper glance or chalcocite 
CuFeS; Copper pyrites or chalcopyrite 
CusFeS, Bornite or peacock mineral 
AgS Silver glance or argentite 
ZnS Zinc blende or sphalerite 
ZnS Wurtzite 

HgS Cinnabar 

PbS Galena or lead glance 
As2S3 Orpiment 

As4Sq Realgar 

Sb;S, Stibnite 

Bi2S; Bismuthinite 
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2CaSO, + CS, 250, + 2CaO + CO; 


At one time elemental S was obtained in large amounts as a by-product in 
the production of coal gas. Since natural gas has replaced coal gas (town 
gas) in many developed areas, this source has largely disappeared except 
in less developed areas. 


Acid rain and SO; 


Coal typically contains 2% S, and may contain up to 4%. This represents 
a huge potential source of S, which could be extracted as SO, from the 
flue gases. Worldwide about 4530 million tonnes of coal were produced 
in 1992. The largest use is in coal burning electricity generating plants. 
Worldwide this produces about 90 million tonnes of S, that is 180 million 
tonnes of SO;. (In the UK 85 million tonnes of coal are used in power 
stations, producing about 2.4 million tonnes per year of S or 4.8 million 
tonnes of SO;.) Because it is uneconomic to remove the SO;, only about 
1% of this total tonnage is recovered as H5SO,. The majority is discharged 
into the atmosphere, where it causes acid rain. 

The atmospheric chemistry of acid rain is not fully understood. SO; is 
oxidized by ozone or hydrogen peroxide to SO;. This reacts with water or 
hydroxyl radicals to give H)SO;. Ammonium sulphate is also formed, and 
can be seen as an atmospheric haze (sometimes described as an aerosol of 
fine particles). Wet deposition occurs after raindrops become nucleated 
with aerosol particles of SO; or (NH4)2SO,, but SO; does not dissolve in 
significant amounts. Instead SO; is deposited by dry deposition, and is 
absorbed directly on both solid and liquid ground surfaces. In 1982 UK 
deposition was about 50 units (kg hectare"! year~') of dry and 5 units 
of wet. The name ‘acid rain’ is misleading since it refers to both wet and 
dry deposition. 

Inevitably power stations are located (and SO; is emitted) in densely 
populated regions. Using high chimney stacks to disperse the gas merely 
moves the problem on to someone else. For example, 10% of SO; pollu- 
tion in Sweden actually comes from Sweden, but 80% comes from the 
industrial regions of Europe (East and West Germany, Poland, Czecho- 
slovakia) and 10% from Britain. Acid rain causes damage to trees, plants, 
fish and buildings, and causes respiratory ailments in man and animals 
About 60% of atmospheric SO; comes from coal fired power stations. 
Most of the rest comes from oil refineries, oil fired power stations and 
smelters. 

Total elimination of SO; pollution is not possible for both economic and 
technical reasons. However, we have the technology to reduce pollution to 
a low figure. The methods used are scrubbing the flue gases with a slurry of 
Ca(OH);, or reducing the SO; to S using H-S and an activated alumina 
catalyst. 


| is obtained, The photoreceptor is then wiped clean. sensitized again. and 


| peroxidase. which protects cells against attack. by peroxide. However, 
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Ca(OH), + SO; — CaSO, + H,O 
2H58 + SO; — 38 + 2H;0 


Uses of sulphur d 


S is an essential though minor constituent of certain proteins. It is present 
in the amino acids cystine, cysteine and methionine. 

World production of S was 57 million tonnes in 1992. Almost 90% of 
this is converted to SOs, then to SO; and finally to H5SO,. Sixty per cent 
of the HSO; produced is used to make fertilizers, The remainder is used 
to make a variety of other chemicals. Sulphites SOT", hydrogen sulphites 
HSO; and SO» are important for bleaching. è 

The 10% of S for non-acid purposes is used as elemental S. Some is used 
to make carbon disulphide CS;, which is used to make CCl, and viscose 
rayon, Sulphur reacts with alkenes and forms sulphur cross-links between 
molecules. This is important in the vulcanizing of rubber. Sulphur and 
selenium will dehydrogenate saturated hydrocarbons. Other uses of sul- 
phur are in the manufacture of fungicides, insecticides and gunpowder. 
Gunpowder is an intimate mixture of saltpetre NaNO, (75%), charcoal 
(15%) and sulphur (1095). It was discovered by Roger Bacon in 1245, and 
was the first explosive which could propel a bullet or cannon ball. It was 
first used for this purpose at the Battle of Crécy in 1346. It was then used 
in land and sea warfare for 500 years until better explosives such as gun- 
cotton, nitroglycerine and cordite were discovered. 


Extraction and uses of selenium and tellurium 


Se and Te occur among sulphide ores and are obtained in concentrated 


| form from anode sludge after the electrolytic refining of copper. This 


sludge also contains the platinum metals, and Ag and Au. Se and Te are 
also obtained from flue dust produced during the roasting of sulphide ores 
such as PbS, CuS or FeS». The dust is trapped by means of an electrostatic 
precipitator, Both elements also occur in the native form together with S. 

World production of Se metal was 1670 tonnes in 1992. Most is used to 
decolorize glass, though Cd(S.Se) is used to make pink and red coloured 
glass. Se is used in Xerox-type photocopiers to make the photoreceptor 
to capture the image. The photoreceptor is a thin film of Se on an AI sup- 
port. The photoreceptor is sensitized electrostatically by a high voltage, 
and then an image is focussed on it as on the film in a camera. Areas ex- 
posed to light lose their electrostatic charge. Toner powder sticks to the 
areas still charged, and the powder is transferred to a sheet of paper and 
heated to fuse the powder to the paper. Thus à copy of the original image 


reused. Selenium is an essential element in the body in trace amounts, 
and is à component in a number of important enzymes, e.g. glutathione 


Se is toxic in larger quantities 
continued overleaf 
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World production of Te metal was 152 tonnes in 1992. The major part 
of this is used in making steel and non-ferrous alloys, for example to 
harden lead. 

Both Se and Te compounds are absorbed by the human body and are 
excreted as foul smelling organic derivatives in breath and sweat. 


Discovery and production of polonium 


Polonium was discovered by Marie Curie by processing very large amounts 
of thorium and uranium minerals, and separating the decay products. 
Polonium is one of the decay products (see ‘Radioactive decay series’ in 
Chapter 31). The separation was observed by studying the radioactivity, 
"po — "^, agpi — s 21¢Po — 5, "pb 

half life half life half life 

22.3 years 5.0 days 138.4 days 
Marie Curie shared the award of a Nobel Prize for Physics with H. A. 
Becquerel and Pierre Curie in 1903 for work on radioactivity, which was 
then a new technique. In 1911 she was awarded a second Nobel Prize (this 
time for Chemistry), for the discovery of polonium and radium. Polonium 
is named after Marie Curie's home country Poland. Polonium is now made 
artificially in gram quantities from bismuth by neutron irradiation in a 
nuclear reactor. The metal is extracted by sublimation. 


Bi + in— Bi 2 "Po + Te 
All isotopes of polonium are highly radioactive. The most stable isotope is 
2 s ; ; : ; 
*4iPo, but this is an intense a emitter and has a half life of 138 days. The 
a emission decomposes water, which complicates any studies of polonium 


compounds in aqueous solutions. Thus the chemistry of polonium is not 
well known. 


| e aod qoare oue ou er igno cec a er PNE 


STRUCTURE AND ALLOTROPY OF THE ELEMENTS 


All the elements except Te are polymorphic, that is they exist in more than 
one allotropic form. 


Oxygen 


Oxygen occurs as two non-metallic forms, dioxygen O» and ozone O;. 
Dioxygen O; is stable as a diatomic molecule, which accounts for it being 
a gas. (S, Se. Te and Po have more complicated structures, e.g. Sy, and 
are solids at normal temperatures.) The bonding in the Os molecule is 
not as simple as it might at first appear. If the molecule had two covalent 
bonds, then all the electrons would be paired and the molecule should 
be diamagnetic. 


:0-:--0:—2:0:0: or 0—O 


Dioxygen is paramagnetic and therefore contains unpaired electrons. The 
explanation of this phenomenon was one of the early successes of the 


molecular orbital theory. The structure is described (see ‘Examples of 
molecular orbital treatment' in Chapter 4). 

Liquid dioxygen is pale blue in colour, and the solid is also blue. The 
colour arises from electronic transitions which excite the ground state 
(a triplet state) to a singlet state. This transition is ‘forbidden’ in gase- 
ous dioxygen.. In liquid or solid dioxygen a single photon may collide with 
two molecules simultaneously and promote both to excited states, ab- 
sorbing red—yellow- green light, so Oz appears blue. The origin of the 
excited singlet states in O; lies in the arrangement of electrons in the 
antibonding z*2p, and x*2p, molecular orbitals, and is shown below. 


Second excited state — X'p, v'p, i State Energy/kJ 
a singlet E 157 
heri w- "Wow 
(eisena Hae Wl o0 


parallel spins) 


Singlet O; is excited, and is much more reactive than normal ground 
state triplet dioxygen. Singlet dioxygen can be generated photochemically 
by irradiating normal dioxygen in the presence of a sensitizer such as fluor- 
escein, methylene blue or some polycyclic hydrocarbons. Singlet dioxygen 
can also be made chemically: 


H;0; + OCES, ©, (!4,) + HO + CI- 
Singlet dioxygen can add to a diene molecule in the 1,4 positions, rather 
like a Diels-Alder reaction. It may add 1,2 to an alkene which can be 
cleaved into two carbonyl compounds. 


Singlet dioxygen may be involved in biological oxidations. 
Ozone Os is the triatomic allotrope of oxygen. It is unstable, and de- CH—CH 

composes to O2. The structure of O; is angular, with an O—O—O bond 

angle of 116748". Both O—O bond lengths are 1.28 A, which is intermedi- 

ate between a single bond (1.48 A in H5O;) and a double bond (1.21 A in 

O;). (The structure of O; is described near the end of Chapter 4.) The 

older valence bond representation as resonance hybrids is now seldom 

used. The structure is described as the central O atom using sp? hybrid 

orbitals to bond to the terminal O atoms. The central atom has one lone 

pair, and the terminal O atoms have two lone pairs. This leaves four elec- 

trons for x bonding. The p. atomic orbitals from the three atoms form 

three delocalized molecular orbitals covering all three atoms. One MO is 

bonding, one non-bonding, and one antibonding. The four x electrons fill 

the bonding and non-bonding MOs and thus contribute one delocalized n 

bond to the molecule in addition to the two o bonds. Thus the bond order 

is 1.5, and the n system is described as a four-electron three-centre bond. 


Sulphur 


Sulphur has more allotropic forms than any other element. These different 
forms arise partly from the extent to which S has polymerized, and partly 
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Figure 15.2 Structure of Sg 
molecule. 


from the crystal structures adopted. The two common crystalline forms 
are a or rhombic sulphur which is stable at room temperature, and p or 
monoclinic sulphur which is stable above 95.5°C. These two forms change 
reversibly with slow heating or slow cooling. Rhombic sulphur occurs 
naturally as large yellow crystals in volcanic areas. A third modification 
known as y-monoclinic sulphur is nacreous (looks like mother-of-pearl). 
It can be made by chilling hot concentrated solutions of S in solvents such 
as CS;, toluene or EtOH. All three forms contain puckered Sg rings with 
a crown conformation (Figure 15.2), and differ only in the overall packing 
of the rings in the crystal. This affects their densities: 


a-rhombic 2.069 g cm? 
B-monoclinic 1.94-2.01 gem? 
y-monoclinic 2.19gcm^? 


Engel's sulphur (e-sulphur) is unstable and contains Ss rings arranged 
in the chair conformation. It is made by pouring Na?$5O; solution into 
concentrated HCI and extracting the S with toluene. It can also be made 
as follows: 


H58, + S2Clz — Se + 2HCI 


Several other rings S7, So, Sio, S11, S12, Sig and Sz have been made by 
Schmidt and his group. They are usually obtained by 1: 1 reactions in dry 
ether between hydrogen polysulphides and polysulphur dichlorides with 
the required number of S atoms, for example: 


HS, + S;Cl; — Sio + 2HCI 
H)Sg + S4Cl; > S4; + 2HCI 


In all of these ring compounds the S—S distance is 2.04 — 2.06 A, and the 
bond angle S—S—S is in the range 102—108°. They are all soluble in CS3. 

Plastic or y-sulphur is obtained by pouring liquid sulphur into water. 
Several other forms can be produced by quenching molten S. These may 
be fibrous, laminar, or rubber-like, and a commercial form is called Cry- 
stex. These are all metastable, and revert to the a (cyclo-Sg) form on stand- 
ing. Their structures contain spiral chains, and sometimes Sg and other 
rings. 

Sulphur melts to form a mobile liquid. As the temperature is raised the 
colour darkens. At 160°C the Sx rings break, and the diradicals so formed 
polymerize, forming long chains of up to a million atoms. This makes all 
the physical properties change discontinuously. The viscosity increases 
sharply, and continues to rise up to 200°C. At higher temperatures chains 
break, and shorter chains and rings are formed, which makes the viscosity 
decrease up to 444°C, the boiling point. The vapour at 200°C consists 
mostly of Sg rings, but contains 1-2% of S; molecules. At 600°C the gas 
mainly consists of S; molecules. 

The S; molecule is paramagnetic and blue coloured like O5, and pre- 
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SEE 


sumably has similar bonding. S; gas is stable up to 2200*C, The stability 
of Sz is used in the quantitative analysis of S compounds. They are burnt 
in a reducing flame, and the colour from excited S; is measured spectro- 
photometrically. S4 and S4 are also known. 


Selenium, tellurium and polonium 


Six allotropes of selenium are known. Interest in these is because Se is 
used in electronic devices. These include capturing the image in Xerox- 
type photocopiers, as rectifiers (to convert alternating current into direct 
current), and as light emitting diodes (LEDs). There are four red forms. 
Three different red non-metallic forms are known containing Se, rings. 
They differ in the way the rings are packed in the crystal. An ‘amorphous’ 
red form contains polymeric chains. There are in addition two grey forms. 
The most stable is the grey metallic form, which contains infinite spiral 
chains of Se atoms with weak metallic interaction between adjacent chains. 
A black vitreous form of Se is commercially available, and is made of large 
irregular rings with up to 1000 atoms. 

Tellurium has only one crystalline form, which is silvery white and semi- 
metallic. This is similar to grey Se, but has stronger metallic interaction. 

Polonium is a true metal. It exists as an a-form which is cubic and a 
B-form which is rhombohedral. Both forms are metallic. 

Thus there is a marked decrease in the number of allotropic forms from 
S to Se to Te. There is an increase in metallic character down the group. 
The electrical properties also change from insulators (O and S), to semi- 
conductors (Se and Te), to metallic conduction (Po). The structures change 
from simple diatomic molecules, to rings and chains, to a simple metallic 
lattice. 

Sulphur dissolves in oleum, giving brightly coloured solutions, which 
may be yellow, deep blue. or bright red. These contain cations [S,]^*. 
[Si}?* is bright yellow, aad the X-ray structure shows it is square planar. 
It is isoelectronic with S2N2. [Sg]** is deep blue and the structure is cyclic. 
The red colour was thought to be due to [S;6]?*, but has recently been 
shown to be due to [S,]?*. Selenium and tellurium also dissolve in 
oleum, forming [Se;]*, [Tes]**, [Ses^* and, in addition, [Se;o]}?* and 
[Tes]**. 


CHEMISTRY OF OZONE 


O; is an unstable, dark blue diamagnetic gas, b.p. —112*C. The colour is 
due to intense absorption of red light (A 557 and 602 nm). It also absorbs 
strongly in the UV region (A 255 nm). This is particularly important since 
there is a layer of O; in the*upper atmosphere which absorbs harmful UV 
radiation from the sun, thus protecting people on the earth. The use of 
chlorofluorocarbons in aerosols and refrigerators, and their subsequent 
escape into the atmosphere, is blamed for making holes in the ozone layer 
over the Antarctic and Arctic. It is feared that this will allow an excess- 
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ive amount of UV light to reach the earth which will cause skin cancer 
(melanoma) in humans. Oxides of nitrogen (from car exhausts) and the 
halogens can also damage the O; layer. (See Chapter 13.) 

O; has a characteristic sharp smell, often associated with sparking electri- 
cal equipment. The gas is toxic, and continuous exposure to concentrations 
of 0.1 ppm must be avoided. 

O; is usually prepared by the action of a silent electric discharge upon 
dioxygen between two concentric metallized tubes in an apparatus called 
an ozonizer. Concentrations of up to 10% of O; are obtained in this way. 
Higher concentrations or pure O; can be obtained by fractional liquifac- 
tion of the mixture. The pure liquid is dangerously explosive. Low con- 
centrations of O, can be made by UV irradiation of O;. This occurs in the 
atmosphere when photochemical smog is formed over some cities, for 
example over Los Angeles or Tokyo. The photochemical change is useful 
for producing low concentrations to sterilize food, particularly for cold 
storage. O; can also be made by heating O; to over 2500°C and quench- 
ing. In all of these preparations oxygen atoms are produced, and these 
react with O5 molecules to form O;. 

O; is also used as a disinfectant. For example, it is used to purify drink- 
ing water, since it destroys bacteria and viruses. Its advantage over chlorine 
for this purpose is that it avoids the unpleasant smell and taste of chlorine, 
since any excess O3 soon decomposes to O2. For similar reasons it is used 
to treat water in swimming pools. 

The amount of O; in a gas mixture may be determined by passing the 
gas into a KI solution buffered with a borate buffer (pH 9.2). The iodine 
that is liberated is titrated with sodium thiosulphate. 


O; + 2K* + 217 + H;0— I, + 2KOH + O, 


Alternatively the gas may be decomposed catalytically, and the change in 
volume measured. 


20, > 30, AG = —163kJ mol! 
(2 volumes) — (3 volumes) 

O; is thermodynamically unstable, and decomposes to O;. The decom- 
position is exothermic, and is catalysed by many materials. The solid and 
liquid often decompose explosively. The gas decomposes slowly, even 
when warmed, providing catalysts and UV light are absent. Os is an ex- 
tremely powerful oxidizing agent, second only to F; in oxidizing power, 
and reacts much more readily than dioxygen. 


3PbS + 40, — 3PbSO, 
2NO; + O; > NO, + O, 
S 4 H,O + 0; > H;SO, 
2KOH + 50, > 2KO; + 50, + H;O 


Potassium ozonide KO, is an orange coloured solid and contains the para- 
magnetic O, ion. O, adds to unsaturated organic compounds at room 
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temperature, forming ozonides. These are not usually isolated, but can 
be cleaved to aldehydes and ketones in solution, or oxidized by air to give 
carboxylic acids. 


Table 15.4 Physical properties of the elements 


Covalent Ionic First Pauling's Melting Boiling 
radius radius ionization electro- point point 
M?- energy negativity 

(À) (À) (kJ mol” ') (°C) (C) 

[6] 0.74 1.40 1314 3.5 —229 —183 
S 1.04 1.84 999 2.5 114 445 
Se 1.14 1.98 941 2.4 221 685 
Te 1.37 2.21 869 2.1 452 1087 
Po 813 2.0 254 962 


Values for covalent radii are for two-coordination. 


STANDARD REDUCTION POTENTIALS (VOLTS) 
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The difference in free energy between the different oxidation states of S 
is not very great. PoO; (Po(+VI)) is appreciably more oxidizing than the 
(+VI) states of the other elements, and selenate SeO?- and tellurate 


Eam 
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TeO} have a much greater oxidizing power than SO} . The differences 
between the oxidizing power of the (+IV) states of polonite, tellurite, 
selenite and sulphite are smaller. The potentials also show the decrease in 
stability from H;O to H;S to H;Se to H;Te to H;Po: the last three are 
thermodynamically unstable. 


OXIDATION STATES (+l), (+1V) AND (* VI) 


Oxygen is never more than divalent because when it has formed two co- 
valent bonds it has attained a noble gas configuration, and there are no 
low energy orbitals which can be used to form further bonds. However, 
the elements S, Se, Te and Po have empty d orbitals which may be used for 
bonding. and they can form four or six bonds by unpairing electrons. 


5 P d 
S, Se or Te atom 


two unpaired electrons, therefore can form two bonds 
four electron pairs, hence tetrahedral structure with 
two positions occupied by lone pairs 


[ 


Excited state n it tjt k | ] 


T ETT 
four unpaired electrons, therefore can form four bond 
five electron pairs, hence trigonal bipyramid with 
one position occupied by lone pair 


Further excited [t] lt |r T TAT 


state ^ ; 
e: 


o 


six unpaired electrons, therefore can form six bonds 
Six electron pairs, hence octahedral structure 


Compounds of S, Se and Te with O are typically tetravalent. The (+1V) 
state shows both oxidizing and reducing properties. Fluorine brings out 
the maximum oxidation state of (4 VI). Compounds in the (^ VI) state 
show oxidizing properties. The higher oxidation states become less stable 
on descending the group. These compounds are typically volatile because 
they are covalent. 


BOND LENGTHS AND pr-dr BONDING 


The bonds between S and O. or Se and O, are much shorter than might 
be expected for a single bond. In some cases they may be formulated as 
localized double bonds. A c bond is formed in the usual way. In addition 
a n bond is formed by the sideways overlap of a p orbital on the oxygen 
with a d orbital on the sulphur. giving a px—dn interaction, This pr-dr 
bonding is similar to that found in the oxides and oxoacids of phosphorus, 
and is in contrast to the more common pz -pnz type of double bond found 
in ethene (Figure 15.4). 

To obtain effective pr-dr overlap. the size of the d orbital must be 
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similar to the size of the p orbital. Thus sulphur forms stronger x bonds 
than the larger elements in the group. On crossing a period in the periodic 
table, the nuclear charge is increased and more s and p electrons are 
added. Since these s and p electrons shield the nuclear charge incom- 
pletely, the size of the atom and the size of the d orbitals decreases from 
Si to P to S to Cl. The decrease in the size of the 3d orbitals in this series 
of elements leads to progressively stronger pn—dn bonds. Thus in the 
silicates there is hardly any pn—dn bonding. Thus SiO, units polymerize 
into an enormous variety of structures linked by Si—O—Si c bonds. In 
the phosphates, z bonding is stronger, but a large number of polymeric 
phosphates exist. In the oxoacids of sulphur, x bonding is even stronger 
and has become a dominant factor. Thus only a small amount of pol- 
ymerization occurs, and only a few polymeric compounds are known 
with S—O—S linkages. For chlorine, pr—dr bonding is so strong that 
no polymerization of oxoanions occurs. 

In cases where there is more than one x bond in the molecule it may 
be more appropriate to explain the x bonding in terms of delocalized 
molecular orbitals covering several atoms. 


DIFFERENCES BETWEEN OXYGEN AND 
THE OTHER ELEMENTS 


Oxygen differs from the rest of the group in that it is more electronegative 
and therefore more ionic in its compounds. 

Hydrogen bonding is very important for O compounds, but it is only 
recently that weak hydrogen bonds involving S have been proved to exist. 

The absence of higher valency states and the limitation to a coordination 
number of 4 are a consequence of the limitation of the second shell to eight 
electrons. The other elements can have a coordination number of 6 by 
using d orbitals. 

Oxygen can use pn orbitals to form strong double bonds. The other 
elements can also form double bonds, but these become weaker as the 
atomic number increases. 


GENERAL PROPERTIES OF OXIDES 


Practically all of the elements react with dioxygen to form oxides. There are 
several ways in which oxides may be classified, depending on their struc- 
ture or their chemical properties. First consider the classification according 
to their geometric structure. In this way oxides are classified as normal 
oxides, peroxides or suboxides. 


Normal oxides 


In these, the oxidation number of M can be deduced from the empirical 
formula M,O,, taking the oxidation number of oxygen as (—II). These 
oxides, for example HO, MgO and AL;O;, contain only M—O bonds. 


Figure 15.4 pn—dr overlap. 
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Peroxides 


These contain more oxygen than would be expected from the oxidation 
number of M. Some are ionic and contain the peroxide ion 03”, for 
example those of Group 1 and 2 metals (NaO, and BaO;). Others are 
covalently bound and contain —O—O— in the structure, for example 
H20, (H—O—O—H), peroxomonosulphuric acid and peroxodisulphuric 
acid. 


[9] e [9] oO a 
I I I 
2H* | O—S—O—O 2H* | 0—$—0—0— S —O 
I | | 
oO oO oO 
peroxomonosulphuric acid peroxodisulphuric acid 


Peroxo compounds are strong oxidizing agents, and are hydrolysed by 
water to give H202. 


H5S0; + H;0 — H5SO, + H20, 


Superoxides, e.g. KO3, contain more oxygen than would be expected 
(see Chapter 9). 


Suboxides 


Here the formula contains less oxygen than would be expected from the 
oxidation number of M. They involve M—M bonds in addition to M—O 
bonds, for example O=C=C=C=0O. 

A second method of classifying oxides depends on their acid-base prop- 
erties. Thus oxides may be acidic, basic, amphoteric or neutral, depending 
on the products formed when they react with water. 


Basic oxides 


Metallic oxides are generally basic. Most metal oxides are ionic and con- 
tain the O?- ion. The oxides of the more electropositive metals, Groups 
1 and 2, and the lanthanides are typical. A large amount of energy is re- 
quired to form an ionic oxide. This is because the O, molecule must first be 
broken into atoms, and then the energy (the electron affinity) required to 
add two electrons to form O°- is also large. Thus ionic oxides are formed 
by compounds with a high lattice energy to offset this. Thus ionic oxides 
typically have high melting points (Na;O 1275°C, MgO 2800°C, La;O; 
2315*C). When they react with water the O?- ion is converted into OH". 


NaO + H20 — 2NaOH 


However, many metal oxides with formulae M;O; and MO;, though ionic, 
do not react with water. Examples include Tl,:Os, BiyO3 and ThO;. These 
react with acids to form salts, and so are basic. Where a metal can exist 
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in more than one oxidation state, and thus form more than one oxide, 
e.g. CrO, Cr;O;, CrOs, PbO, PbO;, and Sb4O,, Sb,O;,, the lowest oxi- 
dation state is the most ionic and the most basic. Thus CrO is basic, Cr;O, 
amphoteric and CrO; acidic. 


Amphoteric oxides 


Many metals yield oxides which are amphoteric, and react with both strong 
acids and strong bases. Examples include BeO, AlO;. Ga3O;. SnO, PbO 
and ZnO. 
Al2O0; + 6HCI — 2AP?*  6CI^ + 3H;0, 
AbO; + 20H” + 3H;0 > 2[AI(OH);]- 
PbO + 2HNO; — Pb?* + 2NO; + H;O 
PbO + OH* = [PbO- OH]- 


Acidic oxides 


Non-metallic oxides are usually covalent. Many occur as discrete mol- 
ecules (CO2, NO, SO, ClO) and have low melting and boiling points, 
though some, such as B20; and SiO;, form infinite ‘giant molecules’ and 
have high melting points. They are all acidic. There are many are the 
anhydrides of acids. 
B20; + 3H,0 — 2H;BO; 
N20; + HO — 2HNO; 
P40,, + 6H;0 — 4H3PO, 
SO; + H;O > H5SO, 
Others which do not react with water such as SiO, do react with NaOH, 
thus showing their acidic properties. In cases where the element exists in 
more than one oxidation state, e.g. N;Os and N2305, SO; and SO}, the 
higher oxidation state is the most acidic. 
N;O; + H20 — 2HNO; 
N;O; + H;O — 2HNO, 
N20; contains N(--III) and NO; contains N(-- V). HNO; is a stronger 
acid than HNO;. This may be rationalized since the higher the oxidation 


state of the central atom the more it will attract electrons, thus weakening 
any O—H bonds and facilitating the release of H* 


Neutral oxides 


A few covalent oxides have no acidic or basic properties (N20, NO, CO). 


Reactions between oxides 


More important than the reaction of an oxide with water is its relation 
to. and its reaction with, other oxides. If oxides are arranged in a series 
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from the most basic to the most acidic, then the further apart two oxides 
are in the series, the more stable the compound formed when they react 
together. This can be put on a quantitative basis by considering the changes 
in standard free energy. 


NaO) + H;Og — 2NaOH) 


AG? -376 —234 2(—376) AG = —142kJ mol"! 
CaO) + HO — Ca(OH)as) 

AG? -602 —234 —895 AG = -59kImol"! 
Al,Ox) + 3H20q) — 2Al(OH)3) 

AG? =1572 3(-234)  2(-1138) AG- —2kJ mol"! 


From the AG values, NaO is the most basic and Al;O; the least basic. In 
fact Na;O is strongly basic and Al,O; is amphoteric. From the free energy 
values for the hydroxides, NaOH is chemically the most reactive and 
Al(OH); the most stable. This is also true in the following reactions: 


CaO) + COx4 — CaCOxs) 
AG? —602 —393 —1129 AG = —134kJ mol”! 


CaO) + N2Osig) — Ca(NO3)xs) 
AG? -602 +134 —740 
CaO( + SOx) — CaSO4 
AG? -602 —368 —1317 AG = —347 kJ mol! 
From the AG values, SO; is the most strongly acidic oxide, NOs is the 
next strongest, and CO; is the weakest. From the free energy values of the 
salts formed, Ca(NO3); is the least stable and the most reactive, whilst 
CaSO, is the most stable and the least reactive. 
The order of acidic strength of oxides can be obtained as follows: 


EK. CaO, MgO, CuO, H20, SiOz, CO2, N505, SO; 
most basic most acidic" 


AG = -272kJ mol! 


It is possible to predict if a reaction is possible or impossible. If CaO is 
added to a mixture of HO and SO; (H5S0,), the more stable CaO - SO; 
(CaSO,) will form, that is: 


HSO, + CaO — CaSO, + H;O 
but CuSO, + CO; — no reaction 


Free energy data and acidic power are clearly related. Thermodynamics 
allows us to predict if a reaction is possible in terms of energy. This use of 
AG values is not limited to oxides, but applies to all reactions. Thermo- 
dynamics does not allow us to predict the rate of a reaction. For example, 
the reaction below is thermodynamically possible: 


CaO + SiO; — CaSiO; 


The reaction is very slow at normal temperatures, though it is more rapid 
at high temperatures in a blast furnace. 
Much inorganic chemistry consists of remembering which compounds 
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react, and comparing the different stabilities of hydroxides, silicates, 
carbonates, nitrates, sulphates etc. The use of a series such as the one 
above minimizes this memory work. 

For comprehensive lists of standard free energy data see Bard, A.J., 
Parsons, R. and Jordan, J.; and Latimer, W.M. in Further Reading. 


OXIDES OF SULPHUR, SELENIUM, 
TELLURIUM AND POLONIUM 


Table 15.5 Oxides 


—————M—M——ÉÉÉÉÉÉÉ cu 


Element MO; MO; Other oxides 

S SO; SO; $20 (S302) (SO) (S—O—O) (SO;) 
$60, S70, SO, S40, SiO 

Se SeO; SeO; 

Te TeO; TeO; TeO 

Po PoO; PoO 


Dioxides MO; 
SO; is produced commercially on a vast scale: 


1. By burning S in air. 

2. By burning H3S in air. 

3. By roasting various metal sulphide ores with air in smelters (particularly 
FeS;, and to a smaller extent CuS and ZnS). 

4. Large amounts are produced as a waste product by burning coal and, 
to a lesser extent, other fossil fuels, oil and gas. This undoubtedly 


harms the environment. 


SO; is a colourless gas. (b.p. — 10*C, m.p. —75.5°C), which has a chok- 
ing smell, and is very soluble in water (39 cm"? of SO; gas will dissolve 
in 1cm~ of water). The SO; in solution is almost completely present as 
various hydrated species such as SO; - 6H;O and the solution contains only 
a minute amount of sulphurous acid H2SO3. SO; levels above 5 ppm are 
poisonous to man, but plants are harmed at appreciably lower levels. 

SO; may be detected in the laboratory: 


1. By its smell. 
Because it turns a filter paper moistened with acidified potassium di- 


chromate solution green, due to the formation of Cr^*. 
K5Cr;0; + 380; + H5S0, — Cr;(SO4), + K2SO, + H20 
3. Because it turns starch iodate paper blue (due to starch and I). 
2KIO; + 5SO; + 4H,0 — I, + 2KHSO, + 3H2SO, 


Quantitative methods for measuring SO; in the atmosphere are highly 
developed because of environmental concern over 'acid rain'. Methods 


include: 


nN 
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1. Oxidation to H;SO,, followed by determination of the H5SO, by 
titration (or conductimetric titration). 
SO; + H;0; > H2SO4 


2. Reaction with K;[HgCl,] to give a mercury complex which reacts with 
the dye pararosaniline, and is estimated colorimetrically. 


K;[HgCl;] + 280; + 2H;0 > K2[Hg(SO3)2] + 4HCI 


3. Burning in a hydrogen flame in a flame photometer, and measuring the 
spectrum of S2. (See also the discussion of singlet dioxygen.) 


Most of the SO; produced is oxidized to SO; by the Contact process, 
and used to manufacture H;SO,. Smaller amounts of SO; are used to 
make sulphites SO3~, for bleaching, and for preserving food and wine. 


2804) + Oze) 29034, AH = —98kJ mol 


The forward reaction is exothermic, and is favoured by a low tempera- 
“ture. Since there is a decrease in the number of moles of gas, the process 
is favoured by a high pressure. In practice the reaction is carried out at 
atmospheric pressure. The formation of SO; is favoured by an excess of 
O;, and removing the SO; from the reaction mixture. A catalyst is used to 
obtain a reasonable conversion in a reasonable time. In the Contact pro- 
cess a platinum gauze and platinized asbestos were both used at one time. 
Pt is an excellent catalyst, and it works at moderately low temperatures. 
However, it is very expensive and is susceptible to poisoning, particularly 
by metals such as As. Nowadays a V2Os catalyst activated with K,O is 
used instead, and is supported on kieselguhr or silica. This is much cheaper, 
and is resistant to poisoning. The catalyst is inactive below 400*C and 
breaks down between 600°C and 650°C. Dust may clog the catalyst sur- 
face, and impair its efficiency. To prevent this the gases are passed through 
an electrostatic precipitator. The catalyst may last for over 20 years. Most 
commercial plants are four-stage convertors. The gases are passed over 
four beds of catalyst in turn, and are cooled in between each catalyst bed. 
SO; is removed after passing over the first three beds, and again after the 
fourth bed. 
SO; is used to make other products: 
2SO; + Na;CO; + H;O — 2NaHSO; + CO; 


sodium hydrogen sulphite 
(sodium bisulphite) 


2NaHSO, + Na;CO; — 2Na;SO, + H2O + CO; 
sodium sulphite 


Na;SO; + SŽ, Na,S,0, 
sodium thiosulphate 
SO; has also been used as a non-aqueous solvent. A wide range of co- 
valent compounds, both inorganic and organic, are soluble in liquid SO», 
and it is a useful reaction medium. At one time it was thought that SO; 
underwent self-ionization, with a system of ‘acid—base’ reactions in this 
solvent, but this is now known to be incorrect. 
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280; = SO?* + SOi- 


SO; gas forms discrete V-shaped molecules, and this structure is re- 
tained in the solid state (Figure 15.5). The bond angle is 119*30'. The 
bonding in SO, is described in Chapter 4. 

The dioxides SeO;, TeO; and PoO; are made by burning the element in 
air. SeO; is solid at room temperature. The gas has the same structure as 
SO», but the solid forms infinite chains which are not planar (Figure 15.6). 
TeO; and PoO; both crystallize in two ionic forms. 


Figure 15.4 Structure of SeO;. 


The reaction of the dioxides with water also differs. SO; is very soluble, 
but largely forms hydrated SO; with only minute amounts of sulphurous 
acid H,SO3. (Dissolving SO; in alkali gives sulphites — salts of H2SO3.) 
Pure HSO; cannot be isolated. SeO; reacts with water and forms sel- 
enious acid, HSeO;, which may be obtained in a crystalline state. TeO; 
is almost insoluble in water, but dissolves in alkali to form tellurites. It 
also dissolves in acids to form basic salts: this illustrates the amphoteric 
character of TeO;. Thus there is the usual increase in basic character on 
descending a group. SeO, is used to oxidize aldehydes and ketones. 


R—CH,—CO—R + $e0; > R—CO—CO- R + Se + H;O 
Trioxides MO, 


SO; is the only important trioxide. It is manufactured on a huge scale 
by the Contact process in which SO; reacts with O; in the presence of a 
catalyst (Pt or V3Os). (See under SO; ) The SO; is not usually isolated, 
and practically all of it is converted to H5S0,. SO; reacts vigorously with 
water, evolving a large amount of heat and forming H;SO,. Commercially 
it is not possible just to react SO; with water. The SO, reacts with water 
vapour and causes the formation of a dense mist of H5SO, droplets, which 
are difficult to condense and pass out of the absorber into the atmosphere. 
To avoid this, it has been found best to dissolve SO; in 98-99% H,SO, in 
ceramic packed towers, to give oleum or fuming sulphuric acid. This is 
mainly pyrosulphuric acid H5S50;. Water is continuously added to keep 
the concentration of H5SO, constant. 


H2S207 + H;O — 2H;SO, 


In the gas phase SO; has a plane triangular structure (Figure 15.7). The 
bonding is best described as S forming three c bonds, giving rise to a plane 
triangle, and three delocalized n bonds. (See Chapter 4.) 

At room temperature SO; is solid and exists in three distinct forms. Y- 
SO; is ice-like and is a cyclic trimer (SO3)3, m.p. 16.8°C. If SO, is kept 


Figure 15.5 Structure of SO). 


f 


Figure15.7 Structure of SO; gas. 
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ure 15.8 Structure of SO; 
ins and SO; cyclic trimer. 


for a long time, or if a trace of water is present, either B-SO; or a-SO; is 
formed. Both look like asbestos, and comprise bundles of white silky 
needles. 8-SO; (m.p. 32.5°C) is made up of infinite helical chains of tetra- 
hedral [SO,] units each sharing two corners. This structure is similar to 
that of chain phosphates. a-SO; (m.p. 62.2°C) is the most stable form, 
and is made of chains cross-linked into sheets (Figure 15.8). 

SO; is a powerful oxidizing agent, especially when hot. It oxidizes HBr 
to Br; and P to PyOjo. 

Commercially SO; is important in the manufacture of H;SO,, and also 
for sulphonating long chain alkylbenzene compounds. The sodium salts of 
these alkylbenzene sulphonates are anionic surface active agents, and are 


. the active ingredients of detergents. 


SO; is used to make sulphamic acid NH.SO,H 
NH;: CO- NH, + SO; + H;SO, — 2NH2SO3H + CO; 


urea sulphamic acid 

Sulphamic acid is the only strong acid that exists as a solid at room tem- 
perature. It is used for cleaning the plant at sugar refineries and breweries, 
for desalination evaporators, and for destroying any excess nitrites present 
after dyeing with diazo dyestuffs. 

SeO; is formed by the action of a silent electric discharge on Se and O; 
gases, and TeO; is formed from telluric acid HgTeO, by strong heating. 
Both trioxides are acid anhydrides. 


SeO; + HO — H2SeO, . selenic acid 
TeO; + 3H;O — HgTeO, telluric acid 


Other oxides 


S20 is formed when S and SO, are subjected to a silent electric discharge. 
It is very reactive, attacks metals and KOH, and will polymerize. It can 
exist for a few days at low pressures. It is of interest spectroscopically 
because of its similarity in structure to O2. Until recently it was incorrectly 
formulated as SO. 

A range of oxides from S6O to SO have been made by dissolving the 
cyclo forms of Ss, S7, Sg, S; and Sio in CS; or CH;Cl; and oxidizing with 
trifluoroperoxoacetic acid at — 10?C to —30°C. 


cyclo-Sg + CF;C(O—O)OH — SO + CF;COOH 


These compounds are all orange—yellow in colour, and retain the original 
ring of S atoms, but have an oxygen atom double bonded to one of the 


ring S atoms. 
TeO and PoO are obtained by thermal decomposition of a sulphite. 


TeSO;, — TeO + SO, 
Detergents 


Soap is the original detergent. It is excellent for cleaning, and is 100% 
biodegradable (i.e. it is completely broken down by bacteria in sewage 
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disposal plants or rivers). It has a typical formula of Cj;H4,.COO^Na*. 
It has two disadvantages: 


1. It forms an insoluble precipitate or ‘scum’ when hard water containing 
Ca?* or Mg?* is used. 

2. It cannot be used for industrial purposes in acidic solutions, since the 
fatty acids are precipitated. 


RCOO™ + H,0* = RCOOH + H,O 


Detergents are surface active agents. They consist of molecules with a 
non-polar organic part, and a polar group. If a non-polar material is placed 
in an ionic solvent containing a detergent, then the detergent molecules 
will arrange themselves on the surface so that the non-polar part of the 
molecule points towards the non-polar material, and the polar group points 
towards the solvent. Thus particles of dirt become surrounded by deter- 
gent molecules, forming a micelle. This effectively ‘dissolves’ the dirt. 
The first new detergents, introduced in about 1950, were branched chain 
alkylbenzene sulphonates (ABS). They are called ‘hard detergents’ and 
a typical formula is: 


CH; CH; CH; 


| 
CH5,— CH—CH;— CH—CH;—CH— CH;— CH— CH; 


SO; Na* 


These are excellent detergents, with good surface active and cleaning 
properties. The problem is that waste water containing the detergent 
passes through the drains to the sewage treatment plants. The detergents 
cause problems with frothing in the sewage plants. Bacteria in the treat- 
ment plant break down various waste products, both sewage and the de- 
tergents. However, the detergent is only about 50-60% biodegradable. 
The bacteria cannot degrade the benzene ring, and they have difficulty 
and are slow at degrading branched chains. Thus much of the detergent 
is discharged into rivers and foams badly, especially if protein is present 
in the water. 

'Soft' detergents also contain a non-polar and a polar part of the mol- 
ecule, but they are linear alkylbenzene sulphonates (LAS) and have an 
unbranched aliphatic chain. They are 90% biodegradable. The straight 
alkyl chain is completely degraded, but the aromatic ring is not. Thus soft 
detergents cause considerably less pollution than do hard detergents. 

If straight chain alcohols such as lauryl alcohol (available from coconut 
oil or tallow) are sulphonated, the product is an excellent detergent, which 
is rapidly and completely biodegraded. Alcohols of chain length C4 can 
be produced by the Ziegler-Natta process (see under *Organometallic 
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compounds’, Chapter 12) and are useful for making biodegradable deter- 
gents such as Teepol. 

At first sight it seems highly desirable to use biodegradable detergents. 
However, their use can create other problems. The bacteria responsible 
for degrading will grow rapidly, feeding on the degradable detergent. In 
growing they may use up all the dioxygen dissolved in the water. The lack of 
dioxygen kills all other forms of aquatic life such as fish or plants. Under 
extreme anaerobic conditions SO{~ ions may be reduced to H3S, giving 
unpleasant smells. 


OXOACIDS OF SULPHUR 


The oxoacids of sulphur are more numerous and more important than 
those of Se and Te. Many of the oxoacids of sulphur do not exist as free 
acids, but are known as anions and salts. Acids ending in -ous have S in 
the oxidation state (+IV), and form salts ending in -ite. Acids ending in 
-ic have S in the oxidation state (--IV) and form salts ending in -ate. 

As discussed previously under bond lengths and pr-dr bonding, the 
oxoanions have strong z bonds and so they have little tendency to polym- 
erize compared with the phosphates and silicates. To emphasize structural 
similarities the acids are listed in four series: 


1. sulphurous acid series 
2. sulphuric acid series 
3. thionic acid series 
4. peroxoacid series. 
1. Sulphurous acid series 
HO 
HSO; sulphurous acid Xs=0 S(+IV) 
HO 
O O 
Ld 
H,S,0s di- or pyrosulphurous acid HO— S — S —OH S(*V), 
I S(+I11) 
oO 
O o 
pog 
H2S,0, dithionous acid HO— S— S —OH S(*III) 
2. Sulphuric acid series 
[9] 
| 
H,SO, sulphuric acid HO— : —OH S(+ VI) 


. OXOACIDS OF SULPHUR | 


S 
I 
H5$;0; thiosulphuric acid HO— $ —OH S(* VI), 
I S(-11) 
(0) 
[9] (0) 
I I 
H5$;0; di- or pyrosulphuric acid HO— S —0— i —OH S(* VI) 
I | 
[6] 
3. Thionic acid series 
Oo Oo 
Fo d 
H5;850, dithionic acid HO— S — S —OH S(*V) 
I il 
O O 
PAAR 
I | 
H55,0, polythionic acid HO— S —(S),— S —OH S(*V) 
(n = 1-12) I I S(0) 
O oO 
4. Peroxoacid series 
[0] 
I 
H550; peroxomonosulphuric acid HO— i —O—OH S(* VI) 
o 
oO (0) 
| 


H2820; peroxodisulphuric acid HO— S—O—O—S—OH  S(*VI) 


Sulphurous acid series 


Though SO; is very soluble in water, most is present as hydrated SO; 
(SO;- H20). Sulphurous acid H}SO, may exist in the solution in minute 
amounts, or not at all, though the solution is acidic. Its salts, the sulphites 
SOT", form stable crystalline solids. Many sulphites are insoluble or are 
sparingly soluble in water, e.g. CaSO3, BaSO, or Ag,SO;. However, 
those of the Group 1 metals and ammonium are soluble in water, and in 
dilute solutions the hydrogen sulphite (bisulphite) ion HSO; is the pre- 
dominant species. Crystals of hydrogen sulphites have only been formed 
with a few large metal ions, e.g. RUHSO and CsHSO;. Most attempts to 
isolate hydrogen sulphites lead to internal dehydration with the formation 
of disulphites $027: 


2NaHSO,(aq) = Na;S;0, + H,O 
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Figure 15.9 Structure of sulphite 
ion SO?". 


NaSO; is an important industrial chemical, and world production 
exceeds 1 million tonnes/year. It is made by passing SO; into an aqueous 
solution of Na;CO; to give aqueous NaHSOs, then treating the solution 
with more Na2CO3. 


Na;CO; + 280; + H,O — 2NaHSO; + CO; 
2NaHSO; + Na,CO; — 2Na,SO; + H:O + CO; 


The main use of Na;SO; is as a bleach for wood pulp in the paper making 
industry. Some is used to treat boiler feed water (it removes O; and thus 
reduces corrosion of pipes and boilers). Small amounts are used in photo- 


graphic developer. 
Sulphites and hydrogen sulphites liberate SO, on treatment with dilute 


acids: 
Na SO; + 2HCI > 2NaCI + SO; + H;O 


Sulphites and hydrogen sulphites both contain S in the oxidation state 
(+IV) and are moderately strong reducing agents. Sulphites are deter- 
mined by reaction with b, and determination of the excess I; with sodium 
thiosulphate. 


NaHSO; + I; + H;O — NaHSO, + 2HI 
2Na7S20, + I; — Na2S,0, + 2Na* + 217 


The sulphite ion exists in crystals and has a pyramidal structure, that is 
tetrahedral with one position occupied by a lone pair. The bond angles 
O—S—0 are slightly distorted (106°) due to the lone pair, and the bond 
lengths are 1.51 A. The x bond is delocalized, and hence the S—O bonds 
have a bond order of 1.33. 


3s 3p 3d 
Pee once Joe GENE 
i 


three unpaired electron form o bonds forms 
x bond with three oxygen atoms 

four electron pairs, hence tetrahedral 

with one position occupied by a lone pair 


On heating solid hydrogen sulphites, or treating their solutions with SO;, 
disulphites are formed. These contain an S—S linkage. 


heat 


2RbHSO;—> Rb.S,0; + H;O 
Na2SO;(aq) + SO; — Na;S;0s 
Na-S20;5 is called sodium disulphite, but in the past it has been called 


sodium pyrosulphite and sodium metabisulphite. The free acid H;S;O; 
is not known. Adding acid to disulphites gives SO;. 


Na,S,0; + HCI — NaHSO; + NaCl + SO; 
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On oxidation sulphites form sulphates, and with sulphur they form thio- 
sulphates. 


SO} + H20; > SO2- + H,O 
SOi- + $— S2037 thiosulphate 


Reduction of sulphite solution plus SO; with Zn dust, or electrolytically, 
yields dithionites. These contain S in the oxidation state (--III). 


2HSO; + SO, = $,03- + $02- + H,O 


dithionite 


ON ers 
2Na* | | 
0—$s—S—0 


sodium dithionite 


The dithionite ion has an eclipsed conformation, with a very long S—S 
bond (2.39 A) and S—O bond lengths of 1.51A. Sodium dithionite 
NayS,0, crystallizes out on adding NaCl to the mixture, The parent acid 
does not exist. Na2S.O, is a powerful reducing agent, which has a variety 
of industrial uses. These include bleaching paper pulp and making dye- 
stuffs. It is used to treat water since it reduces many heavy metal ions 
(Pb**, Cu*, Bi^*) to the metal. In NaOH solution Na;$;O, is used to 
absorb dioxygen in gas analysis. It is also used to preserve foodstuffs and 
fruit squashes. 


Sulphuric acid series 


H5SO, is the most important acid used in the chemical industry. World 
production was 146 million tonnes in 1992. The main producers in millions 
tonnes/year are: USA 42%, China 14%, Morocco 7% and Japan 6%. By 
far the most important commercial process for its manufacture is the 
Contact process, in which SO; is oxidized by air to SO;, using a catalytic 
surface. Formerly a platinum gauze or platinized asbestos was used as 
catalyst. This has now been replaced by vanadium pentoxide, which is 
slightly less efficient but is cheaper and less easily poisoned, The SO; 
could be mixed with water to give H7SO,, but the reaction is violent and 
produces a dense chemical mist which is difficult to condense. Instead, the 
SO; is passed into 98% H;SO,, forming pyrosulphuric acid H5$;07, 
sometimes called oleum or fuming sulphuric acid. (Some trisulphuric acid 
H2S3O)jo is also formed.) This solution may be sold as oleum, or diluted 
with water to give concentrated sulphuric acid which is a 98% mixture 
with water (an 18M solution). 


H2S,0, + H:O —> 2H;SO, 
H2S30,) + 2H;O — 3H;SO, 
(The older lead chamber process is now obsolete. This used NO; as a 


homogeneous catalyst, to oxidize SO; in the presence of water. The NO 
formed reacts with air to reform NO3. 
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NO; + SO, + H;O > HSO; + NO 
2NO + O; >2NO; 


The disadvantages of the lead chamber process were that it only pro- 
duced 78% H5SO,. not concentrated H,SO,, and the acid was less pure 
than that from the Contact process.) 


Table 15.6 Uses of H;SO; and oleum in the USA and UK 


USA UK 
Fertilizers 65% 32% 
Manufacturing chemicals 5% 16% 
Paint/pigments 2% 15% 
Detergents 2% 11% 
Fibres/cellulose film 2% 9% 
Pickling metals 5% 2.5% 
Refining petrol f 5% 1% 


The main uses of H2SO, in the USA and the UK are compared in Table 
15.6. The largest use is in converting calcium phosphate into superphos- 
phate, which is used as a fertilizer. Fatty acids are sulphonated to make 
detergents. TiO; is the most widely used white pigment, and large amounts 
of H5SO, are used to purify the mineral ilmenite (FeTiO;). Pickling is the 
removal of oxides and scale from the surface of metals. HSO, is used 
as a catalyst in the production of high octane fuels by alkylating unsatu- 
rated hydrocarbons. H;SO, has an imporant electrochemical use as the 
electrolyte in lead storage batteries. 

Pure sulphuric acid melts at 10.5°C, forming a viscous liquid. It is 
strongly hydrogen bonded, and in the absence of water it does not react 
with metals to produce H». Many metals reduce H5SO, (S +VI) to SO, 
(S +IV), especially if heated. If pure H SO; is heated, a little SO, is 
evolved, and an azeotropic mixture of 98.3% H5SO, and 1.7% water is 
produced. This boils at 338°C. Pure HSO; is used as a non-aqueous 
solvent and as a sulphonating agent. 

Anhydrous HSO, and concentrated HSO, mix with water in all 
proportions, and evolve a great deal of heat (880kJ mol"). If water is 
poured into concentrated acid, the heat evolved leads to boiling of the 
drops of water and causes violent splashing. The safe way to dilute strong 
acids is to carefully pour the acid into the water with stirring. 

Concentrated H2SO, has quite strong oxidizing properties. Thus when 
NaBr is dissolved in concentrated H»SO,, HBr is formed but in addition 
some Br” ions are oxidized to Br;. Cu does not react with acids because 
it is lower than H in the electrochemical series. However, several noble 
metals such as Cu dissolve in concentrated HSO, due to its oxidizing 
properties. The oxidizing properties of SO}- convert Cu into Cu^*. 

Concentrated H;SO, absorbs water avidly, and is an effective drying 
agent for gases. It is sometimes used as a drying agent in desiccators. It 
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dehydrates HNO;, forming the nitronium ion NO}, which is very im- 
portant in the nitration of organic compounds. 


HNO, + 2H580, — NO? + H30* + 2HSO4 


H5SO, can also remove the elements of water, for example in the pre- 
paration of ethers. 


2C;H3OH + H,SO, > CH; O- CH; + HSO; HzO 


It removes water so strongly from some organic compounds that they char, 
and only the carbon remains. Paper and cloth are completely destroyed. 

In dilute aqueous solution HSO; acts as a strong acid. The first proton 
dissociates very readily, and hence hydrogen sulphates HSO; formed. 
The second proton dissociates much less readily, to form sulphates SO? . 
Because of this, solutions of hydrogen sulphates are acidic. 

The SO$" ion is tetrahedral. The bond lengths are all equal (1.49 À) 
and are all rather short. The bond order of the S—O bonds is approxi- 
mately 1.5. The bonding is best explained as four o bonds between S 
and the O atoms, with two zx bonds delocalized over the S and the four 
O atoms. 

Thiosulphuric acid H2S,0, cannot be formed by adding acid to a thio- 
sulphate because the free acid decomposes in water into a mixture of S, 
H5S, H5S,, SO; and H5SO,. It can be made in the absence of water (e.g. 
in ether) at low temperatures (—78*C). 

ether 
H:S + SO,—— H2820; : (Et;O), 
In contrast, the salts which are called thiosulphates are stable and nu- 
merous. Thiosulphates are made by boiling alkaline or neutral sulphite 
solutions with S, and also by oxidizing polysulphides with air. 


boiling water 
—MrÀ— 1 


NaSO; + S Na?$;04 


2Na;$, + 30, * ",2Na,$,0, + 2S 
The thiosulphate ion is structurally similar to the sulphate ion (Figure 
15.10). 

Hydrated sodium thiosulphate Na?S;O; - 5H5O is called ‘hypo’. It forms 
very large colourless hexagonal crystals, m.p. 48°C. It is readily soluble 
in water and solutions are used for iodine titrations in volumetric analysis. 
Iodine very rapidly oxidizes thiosulphate ions S2047 to tetrathionate ions 
S4027, and the I; is reduced to I^ ions. 

2Na2S20, + I, — Na:S406 + 2Nal 


sodium tetrathionate 


Na,S,O; is used in the bleaching industry to destroy any excess Cl; on 
fabrics after they have been through a bleach bath. Similarly Na?S2O; is 
sometimes used to remove the taste from heavily chlorinated drinking 


Figure 15.10 Structure of 
sulphate and thiosulphate ions, 
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water. Since Cl, is a stronger oxidizing agent than ly, hydrogensulphate 
ions are formed rather than tetrathionate ions. 


NaS,0; + 4Cl; + 5H;0 — 2NaHSO, + 8HCI 


Hypo is used in photography for ‘fixing’ films and prints. Photographic 
emulsions are made of AgNO3, AgCI and AgBr. Parts of the film exposed 
to light begin to decompose to Ag, thus forming a negative image. The 
process is enhanced by the developer solution. After developing, the film 
or print is put in a solution of hypo (Na3S,03). This forms a soluble com- 
plex with silver salts, thus dissolving any unchanged silver salts in the 
photographic emulsion. When there is no photographic emulsion left, 
the film or print can safely be exposed to light. 
+2Na,S,0, 

Na;S;05 + AgBr — AgS.0; —  —— Nas[Ag(S203)3] 
Pyrosulphates can be made by heating hydrogen sulphates strongly, or 
by dissolving SO; in H;SO;. Some trisulphuric acid H5S3O,u is also 

formed, but polysulphuric acids higher than this are not known. 


2NaHSO, — Na;$0; + H;O 
H;SO, + SO; — H,S;0; 
H5SO, 2804 — HS3010 


Thionic acid series 


Dithionic acid H5S5O; is known only in solution. The acid is dibasic, and 
salts called dithionates are known, e.g. Na;S;O,. No acid salts exist. The 
acid and its salts contain S in the oxidation state (+V). Dithionates can 
be made by oxidizing a sulphite, but on a larger scale they are made by 
oxidizing a cooled aqueous solution of SO; with MnO, or Fe;O;. 


2MnO, + 3S0. — Mn''S,0, + MnSO, 


Most dithionates are readily soluble in water. They can be isolated as 
BaS;O,, and converted into other salts by double decomposition reactions. 
Dithionates are stable to mild oxidizing agents, though strong oxidizing 
agents, such as KMnO, or the halogens, oxidize them to sulphate. Simi- 
larly, mild reducing agents have no effect but strong reducing agents reduce 
dithionates to dithionites and sulphites. 


2Nas$30, + 2Na/Hg — NasS,0, + 2Na.SO; + Hg 


dithionic acid 


The dithionate ion has a structure similar to that of ethane, but the two 
SO, groups adopt an almost eclipsed conformation. The S—S length is 
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2.15 À and the S—O bonds are 1.43 À — again rather short. The bond 
angles S—S—O are close to tetrahedral (103°). 

A range of polythionates have been known as salts since the early work 
of Wackenroder on the effect of H2S on aqueous solutions of SO. Ions 
such as trithionate S4037, tetrathionate $402", pentathionate S5047 and 
hexathionate S,O$ ^ are named according to the total number of S atoms 
present. It is only in recent times that the parent acids have been made. 


oO [9] 


I I 
HO— S —(S),— S —OH 


| | 
o o 


polythionic acid 


Peroxoacid series 


The name peroxo indicates that the compound contains an —O—O— 
linkage. Two peroxoacids of sulphur are known: peroxomonosulphuric 
acid H;SO; and peroxodisulphuric acid H}S20g. No peroxoacids of Se and 
Te are known. H5S;0; is a colourless solid, m.p. 65°C. It is obtained by 
electrolysis of sulphates at high current density. It is soluble in water, and 
is a powerful and useful oxidizing agent. It will convert Mn?* to perman- 
ganate and Cr^* to chromate. The most important salts are (NH4)2S520g 
and K,S20g. (NH4)2S2Ox is used to initiate the polymerization of vinyl 
acetate in the production of synthetic rayon, and of tetrafluoroethylene in 
the formation of PTFE. K2S,Ox is used as an initiating agent in the pol- 
ymerization of vinyl chloride to PVC and styrene—butadiene copolymer 
rubbers. 

Hydrolysis of peroxodisulphuric acid gives peroxomonosulphuric acid, 
H,SOs, which is often called Caro's acid. 


[9] oO [9] Oo 


I | I I 
HO— $ —0—0— $ —OH + HO— S —O—OH + HO— S —OH 


I 
O 


I I I 
O [9] (0) 
H5SO; can also be made from chlorosulphuric acid: 
(HO)(CI)SO; + H50; — (HO)(HOO)SO, + HCI 


It forms colourless crystals, m.p. 45°C, but must be handled with care 
since it may explode. 


OXOACIDS OF SELENIUM AND TELLURIUM 


Selenium forms two oxoacids, selenious acid H,SeO; and selenic acid 
H5SeO,. Selenious acid is formed when SeO; dissolves in water. The solid 
acid can be isolated and two series of salts (the normal and acid selenites) 
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containing SeO3~ and HSeO; are known. The acid is converted to selenic 
acid by refluxing with HO). Pyroselenates containing Se,03~ can be made 
by heating selenates, but the free acid is not known. 

H5SeO,, like H2SO,, is a strong acid, and selenates are isomorphous 
with sulphates. Both H;SeO; and H2SeO, are moderately strong oxidizing 
agents. 

TeO; is almost insoluble in water so that tellurous acid has not been 
characterized. The dioxide does react with strong bases and forms tel- 
lurites, acid tellurites and various polytellurites. Telluric acid H&TeO, is 
quite different from sulphuric and selenic acids and exists as octahedral 
Te(OH), molecules in the solid. It is a fairly strong oxidizing agent, but 
a weak dibasic acid and forms two series of salts, examples of which are 
NaTeO(OH); and Li;?TeO;(OH);. The acid is prepared by the action of 
powerful oxidizing agents such as KMnO, on Te or TeO;. 


OXOHALIDES 


Thionyl compounds 


Only S and Se form oxohalides. These are called thionyl and selenyl 
halides, and the following are known. 


SOF; SOCLh SOBr; 
SeOF; SeOCl; SeOBr; 


Thionyl chloride SOCI; is a colourless fuming liquid, b.p. 78°C, and is 
usually prepared as follows: 


PCI; + SO; > SOCI} + POCI; 


Most thionyl compounds are readily hydrolysed by water, though SOF, 
only reacts slowly. 


SOCI; + H20 — SO; + 2HCI 


SOCI, is used by organic chemists to convert carboxylic acids to acid 
chlorides, and it is also used to make anhydrous metal chlorides. 


SOCI; + R—COOH — R—COCI + SO; 


Thionyl bromide is prepared from the chloride and HBr, and thionyl 
fluoride is obtained from the chloride by reacting with SbF3. 

The structure of these oxohalides is tetrahedral with one position oc- 
cupied by a lone pair. 


Sulphuryl compounds 
The following sulphury! halides are known: 


SO;F; SO;Ch SO;FCI SO;FBr 
SeO;F; 


HYDRIDES 


Sulphuryl chloride SO;Cl; is a colourless fuming liquid, b.p. 69°C, and 
is made by direct reaction of SO; and Cl, in the presence of a catalyst. It is 
used as a chlorinating agent. Sulphuryl fluoride is a gas and is not hydro- 
lysed by water, but the chloride fumes in moist air and is hydrolysed by 
water. The sulphuryl halides have a distorted tetrahedral structure. They 
may be regarded as derivatives of H2SO,, where both OH groups have 
been replaced by halogens. If only one group is replaced, halosulphuric 
acids are obtained. 


FSO3H CISO3H BrSO3H 


Fluorosulphuric acid forms many salts, but chlorosulphuric acid forms 
none and is used as a chlorinating agent in organic chemistry. 


HYDRIDES 


The elements all form covalent hydrides. These are water HO, hydrogen 
sulphide HS, hydrogen selenide H;Se, hydrogen telluride H Te and 
hydrogen polonide H;Po. Water is liquid at room temperature, but the 
others are all colourless, foul smelling toxic gases. All but H;Te can be 
made from the elements. It is easier to make H3S, H5Se and H;Te by the 
action of mineral acids on metal sulphides, selenides and tellurides, or 
hydrolysis: 

FeS + H;SO, — H2S + FeSO, 

FeSe + 2HCI — H)Se + FeCl, 


AbSe; + 6H,0 — 3H2Se + 2AI(OH); 
Al,Te3; + 6H20 > 3H;Te + 2Al(OH),; 


H;Te can also be made by electrolysing cooled dilute H;SO, with a Te 
cathode. H;Po has only been obtained in trace amounts from a mixture 
of Mg, Po and dilute acid. 

H2S, H;Se and H;Te are all soluble in water and all burn in air with a 
blue flame. 


2H58 + 30;  2H30 + 280; 


H3S is about twice as soluble in water as CO3, and 1 volume of water can 
absorb 4.6 volumes of H5S at 0°C and 2.6 volumes at 20°C. A saturated 
solution is used as a laboratory reagent, but it does not keep well since air 
slowly oxidizes it and sulphur is deposited. H3S is a very weak dibasic acid. 
Most metal sulphides can be regarded as salts of HS, and since it is dibasic 
two series of salts can be derived from it, the hydrogen sulphides, e.g. 
NaHS, and the normal sulphides, e.g. NaS. 


HS + NaOH > NaHS + H,O 
H,S + NaHS — Na;S + H,O 


The alkali metal sulphides are all soluble in water and hydrolyse strongly 
(a 1 M solution is about 90% hydrolysed), so they are strongly basic. 
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NaS + H;U — NaHS + NaOH 


Most of the sulphides of the heavy metals are insoluble in water and so do 
not hydrolyse. If a dilute solution of ammonia is saturated with H2S then 
ammonium hydrogen sulphide NH,HS is formed, not (NH4);S. The lat- 
ter only exists at low temperatures in the absence of water. Solutions of 
NH;HS are colourless, and when mixed with an equimolar amount of NH; 
it is used as a laboratory reagent. More commonly ‘yellow ammonium 
sulphide’ is used as a laboratory reagent. for example to precipitate metal 
sulphides in qualitative analysis. Yellow ammonium sulphide is really a 
mixture of ammonium polysulphides, and is made by dissolving sulphur in 
colourless NH,HS/NH,; solution. 


Water 


Water is the most abundant chemical compound, and the oceans cover 
almost 71% of the earth’s surface, For this reason we have no need to 
prepare water. However, sea water contains many dissolved salts, and less 
than 3% of the earth’s water is fresh water, and most of that is present as 
polar ice. The preparation of pure water for drinking and laboratory use 
is a major industry. The human body is more tolerant of some impurities 
than is industry. The EEC have set limits for impurities in drinking water. 


Table 15.7 EEC limits for contaminants in drinking water 


(uglitre"") ^ Source of contaminant and suspected problems 


Al,(SO,), is added to water in some places to 
clarify it. Al may be related to Alzheimer's 
disease (senile dementia) 

Water pipes made of lead are the problem. Pb 
damages the brains of children 


Al 200 


Pb 50 


Nitrates are added as fertilizers to make crops 
grow. This gets into the water supply Nitrates 
affect the level of O» in the blood of babies. 
and cause "blue baby syndrome’. Nitrates may 
be related to stomach cancer 


NO; 50 


Water supplies are treated with chlorine to kill 
bacteria, Over-chlorination may allow 
chloroform to be formed bv reaction with peat 
This is a possible cause of cancer of the gut and 
bladder 
Pesticides 0.1 For individual pesticides 
0.5 For all pesticides together 
DDT is now banned in many places. Its 
harmful effects occur because it accumulates 
and undergoes biological amplification in the 
food chain, and UV light converts DDT into 
polychlorinated biphenyls which are toxic 


Trihalomethanes 100 
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Very pure water is required for laboratory and industrial use. The only 
way to remove all solid solutes is distillation. This is expensive since water 
has a high boiling point and high latent heat of evaporation. During dis- 
tillation the water tends to dissolve appreciable amounts of CO; from 
the atmosphere, which make it acidic. A cheaper method is to produce 
deionized water. This is done by passing the water down two different ion- 
exchange columns one after the other. (Alternatively a ‘mixed bed’ may 
be used, i.e. a single column made up of two different ion-exchange ma- 
terials.) Ion-exchange resins are insoluble polymeric solids, containing a 
reactive group. They are manufactured in bead form, and are permeable 
to water. The first column contains a sulphonic acid resin, that is an or- 
ganic resin with acidic groups —SO,H. This removes all metal ions from 
solution and replaces them with H*: 


resin-SO,H + Nat — resin-SO,Na + H* 
2 resin-SO,H + Ca?* 5 (resin-SO;);Ca + 2H* 


The second column contains a resin with basic groups -NR} OH ^, which 
removes negative ions. 


resin-N(CH;); OH- + Cl” > resin-N(CH4)? CI + OHT 


Water produced in this way usually contains soluble- silicates and CO». 
When all the reactive sites on the resin have been used, the resins can be 
regenerated by treating the first one with dilute H.SO,, and the second 
one with a Na»CO solution. 

Drinking water is usually much less pure. and water with no dissolved 
salts does not taste very nice. The World Health Organization recom- 
mends a maximum desirable content of not more than 0.5 grams of dis- 
solved solids per litre, though the maximum permissible level is three 
times this. If the fresh water source contains silt, this is allowed to settle 
out. Light suspended particles and colloidal particles which discolour the 
water are removed by treating with Al(OH), or Fe(OH);. These coagulate 
suspended particles, thus clarifying the water. (Alum is the most widely 
used coagulating agent.) If necessary some water softening may be per- 
formed by ion-exchange. or by mixing water from different sources. The 
water is then chlorinated, or treated with ozone to kill bacteria. These are 
present because of drainage from fields into rivers and lakes, and also 
from the disposal of partly treated and untreated sewage. Failure to treat 
drinking water is the major cause of enteritis. In some underdeveloped 
parts of the world up to half the children under the age of five die from this 
cause or other waterborne diseases. 

Sea water has a high salt content. The production of drinking water and 
water for crops from sea water is called desalination. It requires a large 
amount of energy, and is therefore expensive. It is only carried out when 
the shortage of fresh water is severe. but it has become increasingly im- 
portant in arid regions like the Persian Gulf. Distillation, ion-exchange, 
electrodialysis, reverse osmosis and the freezing out of ice have all been 


used. 
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Table 15.8 Some properties of H:O, H:S, H;Se ana H;Te 


Enthalpies of formation Bond angle Boiling point 
(kJ mol!) (°C) 
H0 —242 H—O—H = 104728" 100 
HS -20 H—S—H = 92° —60 
H;Se +81 H—Se—H = 91° —42 
H;Te +154 32523 


Apart from water, the other hydrides are all poisonous and have un- 
pleasant odours. The hydrides decrease in stability from H20 to H;S to 
H;Se to H;Te. (This is shown by the decrease in their enthalpies of forma- 
tion — Table 15.8.) They become less stable because the bonding orbitals 
become larger and more diffuse: hence overlap with the hydrogen 1s 
orbital is less effective. 

The H—O—H bond angle in water is 104°28', in accordance with the 
VSEPR prediction of slightly less than tetrahedral due to the presence of 
lone pairs of electrons. Thus the orbitals used for bonding by O are close 
to sp* hybrids. In HS, H;Se and H;Te the bond angles become close to 
90°. This suggests that almost pure p orbitals on Se and Te are used for 
bonding to hydrogen. 

In a series of similar compounds, the boiling points usually increase as 
the atoms become larger and heavier. If the boiling points increase, then 
the volatility decreases. This trend is shown by the boiling points of H2S, 
H,Se, H;Te and H;Po, but the boiling point of water is anomalous. 

Water has an abnormally low volatility because its molecules are as- 
sociated with each other by means of hydrogen bonds in both the solid 
and liquid states. The structure of liquid water is not known for certain, 
but probably consists of groups of two or three molecules hydrogen bonded 
together. The structure of ordinary hexagonal ice is known. At high press- 
ures other more dense structures are formed. A total of nine different 
forms of ice are known. X-ray studies do not often reveal the positions of 
H atoms. In this case the H positions were found by neutron diffraction on 
solid deuterium oxide D,O. The structure is similar to wurtzite ZnS (see 
Chapter 3), with O atoms occupying both the Zn>* and the S*~ positions. 
The H atoms are located just off the line joining two O atoms, and the 
O—H...O angle is 104°28’. The strength of a hydrogen bond is about 
20kJ mol-'. This association is responsible for the abnormally high boiling 
point and melting point of water. 

The H bonding is the main reason why covalent compounds have a very 
low solubility in water. When two substances mix there is an increase in 
entropy since the order decreases. Thus mixing is always favoured. How- 
ever, in the case of water, dissolving something means that hydrogen bonds 
must be broken. Unless there is an interaction between the dissolved ma- 
terial and water greater than the energy lost through breaking hydrogen 
bonds, then the material will not dissolve. Covalent materials have little 
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interaction with water, and so are insoluble. Ionic materials become hy- 
drated, and polar materials take part in the hydrogen bonding, so they 
are soluble. 

A unique property of water is that the solid is less dense than the liquid. 
This is why lakes and the sea freeze from the top downwards. The ice at the 
top makes it difficult to cool the water underneath, so even at the North 
Pole there is water underneath the ice. But for this the sea would freeze 
solid and the polar ice-caps would cover much more of the earth's surface. 
The maximum density of water occurs at 4°C. On melting, the hydrogen 
bonded network in the solid partly breaks down. Ice has a rather open 
structure, with quite large cavities. On partial melting some ‘free’ water 
molecules occupy some of these cavities, and hence the density increases. 
This effect outweighs the effect of thermal expansion up to 4°C, but above 
this temperature expansion is the larger effect so the density decreases. 

An unusual form of water called ‘polywater’ was reported and exten- 
sively studied between 1966 and 1973. Polywater was reported to have a 
freezing point of —40°C and a very high density of 1.4 gcm"?. It was ob- 
tained when water was formed in glass or quartz capillary tubes. This 
caused excitement at first because polywater was thought to comprise a 
larger number of water molecules polymerized together. It is now known 
to be a colloidal mixture of silicates, and a variety of ions Na*, K*, Ca?*, 
BO$-, NO3, SO} and CI^ which had been leached from the glass! 


Other hydrides 


The hydrides dissociate to a varying degree, forming H* ions. They are all 
very weak acids and there is an increase in acidic strength from H20 to 
H;Te. The large difference in electronegativity taken in conjunction with 
Fajans' rules (the larger the negative ion the greater the tendency to co- 
valency) suggest that H;Te gas should be the most covalent. Acidic be- 
haviour in solution is discussed for the halogen acids (see Chapter 16) 
and depends on the enthalpy of formation of the molecule, the ionization 
energy, electron affinity and enthalpies of hydration. In the compounds 
H20, H-S, H2Se and H;Te the most important factor is the enthalpy of 
formation, the values being —120, —10, +43 and +77kJ mol" '. The stab- 
ility decreases (the last two are in fact thermodynamically unstable), thus 
accounting for the greater dissociation of H;Te. 


H2Te(nydraica) + H20 = H3O0* + HTe(yaratca) 


The more acidic the hydrogen atom in the hydrides, the more stable will be 
the salts formed from them, i.e. oxides, sulphides, selenides and tellurides. 


Peroxides and polysulphides 


Oxygen, and to a greater extent sulphur, differ from the remainder in their 
ability to catenate and form polvoxides and polysulphides, which are less 
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148À 


111°30' 


Figure 15.11 Structure of H203 
in the gas phase. 


stable than the normal salts. Unbranched polysulphane chains containing 
up to eight sulphur atoms have been prepared. 
H-O, H—O—O—H H-S H—S—S—H 
HS, H—S—S—S—H 
H,S, H—S—S—S—S—H 

H20, and H;S; have similar ‘skew’ structures. The dimensions of H20, 
gas are shown in Figure 15.11. H5O; is the smallest molecule known to 
show restricted rotation, in this case about the O—O bond, and this is 
presumably due to repulsion between the OH groups. A similar structure 
is retained in the liquid and solid, but the bond lengths and angles are 
slightly changed because of hydrogen bonding. 

H30; and H;S; can be prepared by the addition of acid to a peroxide or 
a persulphide salt. 

BaO, + H;SO, — H20, + BaSO, 
NaS + H2504 — H;S; (also H2S3) + Na?SO4 

In most of its reactions HO, acts as a strong oxidizing agent. In acidic 
solutions these reactions are often slow, but in basic solution they are 
usually fast. H2O% will oxidize Fe** to Fe**, [Fe (CN),)]*~ (ferrocyan- 
ide) to [Fe (CN);P- (ferricyanide), NH;OH to HNO; and SO} to 
SO 
Ionic peroxides such as Na;O» give H20, with water or dilute acids. Na?0» 
reacts with gaseous CO;. 


2Na;0; + 2C0; > 2Na;CO; + O; 


Heating Na;O; with many organic compounds results in their oxidation to 
carbonates. Fusing Na;O; with Fe?* salts gives sodium ferrate Na[FeO,] 
which contains Fe(+ VI). 
With stronger oxidizing agents H5O; is oxidized, that is HO. is forced 
to act as a reducing agent, and in such cases O, is always evolved. 
2KMnO, + 5H50; + 3H5SO; — 2MnSO, + KSO, + 50; + 8H;O 
KIO, + H20: > KIO; + O, + H;O 
2Ce(SO4)2 + H;0; — Ce2(SO,4); + 2H2SO,4 + O; 
H,S> is not oxidizing. H;O; is fairly stable and decomposes only slowly 
in the absence of catalysts. H5S» is less stable, and its decomposition is 
catalysed by hydroxyl ions. 
H20; > H30 + $0, 
HLS, > HS + S 
Hydrogen polyselenides and polytellurides do not exist, but some of their 
salts are known. 


Hydrogen peroxide 


Pure H20, is a colourless liquid which resembles water quite closely. 
It is more hydrogen bonded than is water and so has a higher boiling 
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point (b.p. 152°C, m.p. —0.4°C). It is more dense than water (density 
1.4gcm^?). Though it has a high dielectric constant, it is of little use as 
an ionizing solvent because it is decomposed by many metal ions, and it 
oxidizes many compounds. 

H20, is a major industrial chemical, and 1018200 tonnes were produced 
in 1991. It is used extensively as a mild bleaching agent for textiles 
and paper/wood pulp. It is used for several environmental purposes: to 
restore aerobic conditions in sewage waters, and to oxidize cyanides and 
sulphides. It is an important rocket fuel. It is also used for making other 
chemicals, particularly sodium peroxoborate Na;[B:(O;);(OH);] - 6H;O 
(annual production 700000 tonnes/year), which is used as a brightener in 
washing powders (see Chapter 12). Organic peroxides are used to initiate 
addition polymerization reactions (PVC, polyurethanes and epoxy resins), 
and sodium chlorite NaClO, is used for bleaching. Smaller amounts of 
H20, are used to bleach hair, feathers, fats and waxes. It is used as an 
oxidizing agent in the laboratory, and as an antiseptic to treat wounds. It is 
useful to counteract chlorine, and in this reaction HO) behaves as a 
reducing agent. 

H;0; + Cl; + 2HCI + O; 

H50; is unstable, and the rate at which it decomposes (disproportion- 
ates) depends on the temperature and concentration. Many impurities 

alyse the decomposition, which may become very violent, especially 

' concentrated solutions. Catalysts include metal ions Fe?*, Fe?*, 
=, N?*, metal surfaces such as Pt or Ag, MnO;, charcoal or alkali — 
even the small amount leached from glass. 


2H50; > 2H;0 + O; 


At one time H;O; was obtained by electrolysis of HS0; or (NH4)2SO4 
at a high current density to form peroxosulphates, which were then 
hydrolysed. 


electrolysis. 


28037 S2047 + 2e 
H2S20g + H20 — H,SO; + HS0, 
peroxodisulphuric peroxomonosulphuric 
acid acid 


HSO; + H;O -> HS0, + H202 


H20, is now produced on an industrial scale by a cyclic process (Figure 
15.12). 2-Ethyl anthroquinol is oxidized by air to the corresponding quin- 
one and H5O;. The anthraquinone is reduced back to anthraquinol with 
hydrogen at a moderate temperature using platinum, palladium or Raney 
nickel as catalyst. The cvcle is then repeated. The reaction is carried out 
in a mixture of organic solvents (ester/hydrocarbon or octanol/methyl- 
naphthalene). The solvent must: 


1. dissolve the quinol and quinone 
2. resist oxidation 
3. be immiscible with water. 
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Figure 15.12 Production of H202. 


The H;0; is extracted with water as a 1% solution. This is concentrated by 
distillation under reduced pressure, and sold as a 3076 (by weight) solution 
which has a pH of about 4.0 (85% solutions are also produced). H203 
solutions are stored in plastic or wax coated glass vessels, often with 
negative catalysts such as urea or sodium stannate added as stabilizers. 
Solutions keep quite well, but must be handled with care since they may 
explode with traces of organic material or specs of dust. 


HALIDES 


Compounds with the halogens are listed in Table 15.9. Since F is more 
electronegative than O, binary compounds are oxygen fluorides, whereas 
similar chlorine compounds are chlorine oxides. Some of these compounds 
including the oxides of iodine, are therefore described in Chapter 16 under 
*Halogen oxides'. 

Fluorine brings out the maximum valency of six with S, Se and Te; and 


Table 15.9 Compounds with the halogens 


MX, MX; MX; M3;X; MX Others 
o OF; O;F; O3F2, O;F; 
ChO CIO; CLhO;, Cl;O; 
Br;O BrO; BrO; 
1,04, 1409, 1,05 
S SF, SF, SF; S;F; SSF2, S;F4, S; Fio 
SCl, SCl; S;Cl 
S;Br; 
Se SeF, SeF, 
SeCl, Se;Cl, 
SeBr, Se;Br; 


Te TeF, TeF; 
TeCl, TeCl; 
TeBr, TeBr; 


Tel, Tel; 
Po PoCl, PoCl; 

PoBr, PoBr; 

Pol, (Pok) 


BD AS SER a uc ro Do os n 
Compounds shown in parentheses are unstable. 
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SF, SeF; and TeF, are all formed by direct combination. They are all col- 
ourless gases and have an octahedral structure as predicted by the VSEPR 
theory. The low boiling point indicates à high degree of covalency. 


3s 
Electronic structure 


3p ad 
of sulphur — excited [r | it Ir h] Top EE 


state 


six unpaired electrons form bonds with six fluorine atoms, 
hence octahedral shape 


SF, is a colourless, odourless, non-flammable gas, which is insoluble in 
water and extremely inert. It is used as a gaseous dielectric (insulator) in 
high voltage transformers and switchgear. SeF, is slightly more reactive 
and TeF, is hydrolysed by water. This is possibly due to the larger size 
of Te which permits the larger coordination number necessary in the first 
stage of hydrolysis. 
TeF, + 6H;O — 6HF + H;TeO, 
Coordination numbers greater than 6 are not common, but TeF, does add 
F- ions, forming [TeF;]- and [TeFs]?~ 
Many tetrahalides are known. It is difficult to prepare tetrafluorides by 
direct combination even with diluted F,, because they readily change to 
hexafluorides. SF, is gaseous, SeF, liquid and TeF, solid. They have been 
prepared: 
S + F, (diluted with N;) —^ SF, and SF, 
3SCl, + 4NaF — SF, + S;Cl; + 4NaCI 
S + 4CoF, — SF, + 4CoF; 

SeCl, + 4AgF — SeF, + 4AgCI 

TeO; + 2SeF, > TeF, + 2SeOF, 
SF, is highly reactive, but is more stable than the lower fluorides. In con- 
trast to the relatively stable hexafluorides, the tetrahalides are very sensitive 
to water. 

SF, + 2H,O — SO; + 4HF 
SF, is a powerful fluorinating agent. 

l 3SF, + 4BCl; > 4BF, + 3Cl; + 3SCl; 
5SF, + 1,0; > 2IF; + 5SOSF; 
It is a useful selective fluorinating agent for organic chemicals, for 
example: 
R—COOH — R—CF, 
R:C=0 — R;CF; 
R—CHO — R—CHF, 
R—OH — RF 
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Ct 
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CL 


Figure 15.13 Structure of TeCl,. 


S, Se, Te and Po form tetrachlorides by direct reaction with chlorine. 
SCl, is a rather unstable liquid, but the other tetrachlorides are solids. 
The structure of TeCl, is.a trigonal bipyramid with one equatorial pos- 
ition occupied by a lone pair (Figure 15.13). It is probable that the other 
tetrahalides are similar. 


Electronic structure of zm zd 2 
tellurium atom — excited [rs] [ |t n | l T | | | 
state [———— 


four unpaired electrons can form bonds with four chlorine atoms 
five electron pairs, hence trigonal bipyramid with one position 
occupied by a lone pair 


TeCl reacts with hydrochloric acid and gives the complex ion [TeCl;]?- 
which is isomorphous with [SiF,]>~ and [SnCl]- 


TeCl, + 2HCI > H,[TeCl,] 


Po also forms complex halide ions and a series of compounds (NH,).[PoXo] 
and Cs[PoX,] and Cs;[PoX,] are known where X is Cl. Br or I. 

Tetrabromides of Se, Te and Po are known. but SeBr, is unstable and 
hydrolyses readily. 


2SeBr, — Se.Brm + 3Br» 
'"SeBr, + 4H;O0 — [Se(OH),] + 4HBr 


unstable 


l 
H;SeO; + H;O 


Te and Po are the only elements which form tetraiodides. 

SCl; is the best known dihalide. It is a foul smelling red liquid (m.p. 
—122°C, b.p. 59°C). Heating S and Cl; gives S;Cl;, and if this is saturated 
with chlorine SCI, is formed. Reacting SCI, with hydrogen polysulphides 
at low temperatures yields a range of dichlorosulphanes. 


HS2 + 2SCl — S,Cl; + 2HCI 
HS, + 2SCl; — Sin+2)Cl2 + 2HCI 


SCl; is commercially important since it readily adds across double bonds in 
alkenes. It has been used to produce the notorious ‘mustard gas’, first used 
in World War I, and more recently in 1988 in the Iran-Iraq war. 

SCl + 2CH;—CH; — S(CH;CH;CI) 


di(2-chlorocthyl) sulphide 
or mustard gas 


Mustard gas is not a gas but a volatile liquid (m.p. 13°C, b.p. 215°C). It 
was sprayed as a mist that stayed close to the ground, and was blown by 
gentle winds onto the enemy. It causes severe blistering of the skin and 
death. In living cells it is converted into the divinyl compound (CH;CH);S 
which reacts with and disrupts proteins in the cell. 
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The dihalides form angular molecules, based on a tetrahedron with two 
positions occupied by lone pairs. The lone pairs distort the tetrahedral 
angle of 109°28’ to 103° in SCl, 101.5* in F;O and 98° in TeBr;. 


Electronic structure of 
sulphur atom — ground 
state 


two unpaired electrons can form bonds with two chlorine atoms 
four electron pairs, hence structure is tetrahedral with two lone pairs 


Dimeric monohalides such as $F, SCl;, Se3Cl; and Se3Br; are formed 
by direct action between S and Se and the halogens. These monohalides 
are hydrolysed slowly and tend to disproportionate. 


2S;F, + 2H,O — 4HF + SO, + 3S 


+H +v 0 
2SeCl; — SeCl, + Se 


S;Cl, is a toxic yellow liquid (m.p. —76°C, b.p. 138°C), with a revolting 
smell. It is commercially important in vulcanizing rubber, and in preparing 
chlorohydrins, The use of SCl, has been described earlier for making 
rings of sulphur atoms with 7-20 atoms. 


H2S;  S;Cl; — Sio + 2HCI 
It can also be used to make dichlorosulphanes. 
HS, + 2S;Cl; > S,,.4,Cl; + 2HCI 


The structure of SCl, and the other monohalides is similar to that of 
H202, with a bond angle of 104° which is due to distortion by two lone 
pairs. 

S;F; is an unstable compound. It is formed by the action of a mild 
fluorinating agent such as AgF on S. (Direct reaction of S with F gives 
SF,, and even when the F is diluted with N3 it gives SF,.) SF, exists in two 
different isomeric forms, F—S—S—F (like CI—S—S—CI and H—O— 
O—H), and thiothionyl fluoride S—SF;. 

The compound S;F,, has an unusual structure, of two octahedra joined 
together. 


COMPOUNDS OF SULPHUR AND NITROGEN 


A number of ring and chain compounds containing S and N exist. The 
elements N and S are diagonally related in the periodic table, and have 
similar charge densities. Their electronegativities are close (N 3.0, S 2.5) 
so covalent bonding is expected. The compounds formed have unusual 
structures which cannot be explained by the usual bonding theories. 
Attempting to work out oxidation states is unhelpful or misleading. 
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‘igure 15.14 Structure of N4S,. 


The best known is tetrasulphur tetranitride S4N4, and this is the starting 
point for many other S—N compounds. S;N, may be made as follows: 


6SCl; + 16NH; — S4N, + 2S  14NH4CT 


6S2Clz + 16NH, SS 5S SN, + 8S + I2NH4CI 
6SxCl  4NH4CI — SaNa + 8S + 16HCI 


S4N, is a solid, m.p. 178°C. It is thermochromic, that is it changes colour 
with temperature. At liquid nitrogen temperatures it is almost colourless, 
but at room temperature it is orange—yellow, and at 100°C it is red. It is 
stable in air. but may detonate with shock, grinding or sudden heating. 
The structure is a heterocyclic ring. This is cradle shaped, and differs 
structurally from the Sg ring. which is crown shaped. The X-ray structure 
(Figure 15.14) shows that the average S—N bond length is 1.62 A. Since 
the sum of the covalent radii for S and N is 1.78 A, the S—N bonds seem 
to have some double bond character. The fact that the bonds are of equal 
length suggests that this is delocalized. The S...S distances at the top 
and bottom of the cradle are 2.58A. The van der Waals (non-bonded) 
distance S...S is 3.30 À, and the single bond distance S—S is 2.08 A. 
This indicates weak S—S bonding, and S,N, is thus a cage structure. 

Many different sizes of rings exist, for example cyclo-S)N>, cyclo-S4N;, 
cyclo-S4N3CI, cyclo-SiN&Cls. In addition bicyclo compounds S;,N», S14 N;, 
Si6N2, Sj; N; and SiN; are known. The last four may be regarded as two 
heterocyclic S;N rings, with the N atoms joined through a chain of 1-5 
S atoms. 

SN, is very slowly hydrolysed by water, but reacts rapidly with warm 
NaOH with the break-up of the ring: 


SN, + 6NaOH + 3H;O — Na>S,0, + 2Na2SO, + 4NH3 


If S,N, is treated with Ag;F in CCl, solution then S4N,F, is formed. This 
has an eight-membered S—N ring. with the F atoms bonded to S. This 
results from breaking the S—S bonds across the ring. Similarly the for- 
mation of adducts such as S;N,: BF, or S,N,- SbF; (in which the extra 
group is bonded to N) breaks the S—S bonds and increases the mean 
S—N distance from 1.62 À to 1.68À. This is presumably because the 
electron attracting power of BF; or SbF, withdraws some of the n electron 
density. 

Reduction of S4N, with SnCl, in MeOH gives tetrasulphur tetraimide 
S,(NH),. Several imides can be made by reacting $,N; with S, or S2Cl, 
with NH3. These imides are related to an S, ring in which one or more 
S atoms have been replaced by imide NH groups. for example in S;NH, 
Ss(NH)>, S(NH); and S,(NH),. 

If SN, is vaporized under reduced pressure and passed through silver 
wool, then disulphur dinitrogen SN; is formed. 


SaNa + 4Ag — SN; + 2Ag,S + N; 


| ORGANO DERIVATIVES 


S-N; is a crystalline solid, which is insoluble in water but soluble in many 
organic solvents. It explodes with shock or heat. The structure is cyclic 
and the four atoms are very nearly square planar. 

The most important reaction of SN; is the slow polymerization of the 
solid or vapour to form polythiazyl (SN),. This is a bronze coloured shiny 
solid that looks like a metal. It conducts electricity and conductivity in- 
creases as the temperature decreases, which is typical of a metal. It be- 
comes a superconductor at 0.26 K. The crystal structure shows that the 
four-membered rings in SjN; have opened and polymerized into a long 
chain polymer. The atoms have a zig-zag arrangement, and the chain is 
almost flat. Conductivity is much greater along the chains than in other 
directions, and so the polymer behaves as a one-dimensional metal. The 
resistivity is quite high at room temperature (about 1 x 10" pohm cm along 
a chain), but this falls to about 1 x 10° uohm cm at 4K. (See Appendix J 
for values for other elements.) 


ORGANO DERIVATIVES 


Oxygen forms many organo derivatives R;O, which are called ethers. 
Similar derivatives of S, Se and Te may be prepared using Grignard or 
organolithium reagents: 


SC SPUR OTT 
SCl + JRMgCI — R;S + 4MgCl; 


Dialkyl sulphides RS have a similar structure to water (tetrahedral with 
two positions occupied by lone pairs). and the lone pairs make them useful 
donor molecules. 

Haemoglobin is the pigment in the blood of most animals. It is red when 
dioxygen is present and blue when there is no dioxygen. Haemoglobin is es- 
sential for absorbing molecular dioxygen in the lungs, where it forms oxy- 
haemoglobin. Oxyhaemoglobin releases the dioxygen in the parts of the 
body where it is needed, forming (reduced) haemoglobin. Haemoglobin 


HC, — CH;CH;COOH 


CH,CH,COOH 


H.C=CH CH, 


Figure 15.15 Structure of haem. 
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has a molecular weight of about 65 000. It is made up of four haem groups, 
which are flat heterocyclic porphyrin ring systems containing iron and a 
globular protein (Figure 15.15). (See ‘Bioinorganic chemistry of iron’, 
Chapter 24.) Haemoglobin reacts with O, and forms oxyhaemoglobin. In 
this complex the O—O axis of the O molecule lies parallel.to the plane of 
the porphyrin ring, with two equal Fe... O distances. It is thought that 
molecular dioxygen is x bonded to the iron. 

A few transition metal complexes can also form x bonded complexes 
with molecular oxygen. 


L,Pt + Os > L;PtO; (L = P(C,Hs)3) 


cl CI 

y Yee 

Ladies i aost Er 59] 

N Ne TSO 
co co 


FURTHER READING 


Bagnall, K.W. (1973) Comprehensive Inorganic Chemistry, Vol. I (Chapter 24: 
Selenium, tellurium and polonium), Pergamon Press, Oxford. 

Bailey, P.S. (1978) Ozonation in Organic Chemistry, Academic Press, New York. 

Bard, A.J., Parsons, R. and Jordan, J. (1985) Standard Potentials in Aqueous 
Solution (Monographs in Electroanalytical Chemistry and Electrochemistry 
Series, Vol. 6), Marcel Dekker. (Commissioned by IUPAC to replace the 
earlier values in Latimer's book.) 

Bevan, D.J.M. (1973) Comprehensive Inorganic Chemistry, Vol. 3, (Chapter 49: 
Nonstoichiometric compounds), Pergamon Press, Oxford. (A good introduction 
to nonstoichiometric compounds. ) 

Bland, W.J. (1984) Sulphuric acid — modern manufacture and uses, Education in 
Chemistry, 21, 7—10. 

Campbell, I.M. (1977) Energy and the Atmosphere, Wiley, London. (Acid rain 
etc.) 

Clive, D.L.J. (1978) Modern Organo-Selenium Chemistry, Pergamon Press, New 
York. 

Cocks, A. and Kallend, T. (1988) The chemistry of atmospheric pollution, Chem- 
istry in Britain, 24, 884—885. 

Cooper, W.C. (1972) Tellurium, Van Nostrand-Reinhold, New York. 

Donovan, R.J. (1978) Chemistry and pollution of the stratosphere, Education in 
Chemistry, 15, 110—113. 

Dotto, L. and Schiff, H. (1978) The Ozone War, Doubleday, New York. 

Emeléus, H.J. and Sharpe, A.G. (1973) Modern Aspects of Inorganic Chemistry, 
4th ed. (Chapter 12: Peroxides and peroxy-acids), Routledge and Kegan Paul, 
London. 

Fogg, P.G.T. and Young, C.L. (eds) (1988) Hydrogen Sulfide, Deuterium Sulfide 
and Hydrogen Selenide, Pergamon. 

Greenwood, G. and Hill, H.O.A. (1982) Oxygen and life, Chemistry in Britain. 
18, 194. 

Govindgee, R. (1977) Photosynthesis, McGraw Hill Encyclopedia of Science and 
Technology, 4th ed., Vol. 10. (An introductory article.) 


| FURTHER READING 


579 


Heal, H.G. (1980) The Inorganic Heterocyclic Chemistry of Sulphur, Nitrogen and 
Phosphorus, Academic Press, London. 

Heicklen, J. (1976) Atmospheric Chemistry, Academic Press, New York. (Acid 
rain etc.) 

Holloway, J.H. and Laycock, D. (1983) Preparations and reactions of inorganic 
main-group oxide fluorides, Adv. Inorg. Chem. Radiochem., 27, 157-195. 
Horvath, M., Bilitzky, L, and Huttner, J. (1985) Ozone (Topics in Inorganic and 

General Chemistry Series No. 20), Elsevier. 

Hynes, H.B.N. (1973) The Biology of Polluted Waters, Liverpool University Press. 
(A good textbook on water pollution.) 

Lagowski, J. (ed.) (1967) The Chemistry of Non-aqueous Solvents, Vol. III (Chapter 
by Burow, D.F.. Liquid sulphur dioxide), Academic Press, New York. 

Latimer, W.M. (1959) The Oxidation States of the Elements and Their Potentials in 
Aqueous Solution, 2nd ed., Prentice Hall. (Old, but until very recently the 
standard source of oxidation potential data.) 

Murphy, J.S. and Orr, J.R. (1975) Ozone Chemistry and Technology, Franklin 
Institute Press, Philadelphia. 

Nickless, G. (ed.) (1968) /norganic Sulfur Chemistry, Elsevier, Amsterdam. 

Ochiai, E.I. (1975) Bioinorganic chemistry of oxygen, J. Inorg. Nuclear Chem. , 
37, 1503-1509. 

Ogryzlo, E.A. (1965) Why liquid oxygen is blue, J. Chem. Ed., 42; 647-648. 

Oxygen in the Metal and Gaseous Fuel Industries (1978) Special Publication No. 32, 
Royal Society for Chemistry, London. (Proceedings of first BOC Priestley 
Conference.) , 

Oxygen and Life (1981) Special Publication No. 39, Royal Society for Chemistry, 
London. (Proceedings of second BOC Priestley Conference.) 

Patai, S. (ed.) (1983) The Chemistry of Peroxides, John Wiley Chichester. 

Phillips, A. (1977) The modern sulphuric acid process, Chemistry in Britain, 13, 
471. 

Roesky, H.W. (1979) Cyclic sulphur-nitrogen compounds, Adv. Inorg. Chem. 
Radiochem., 22, 240—302. 

Roy, A.B. and Trudinger, P.A. (1970) The Biochemistry of Inorganic Compounds 
of Sulphur, Cambridge University Press, Cambridge. 

Schaap, A.P. (ed.) (1976) Singlet Molecular Oxygen, Wiley, New York. 

Schmidt, M. and Siebert, W. (1973) Comprehensive Inorganic Chemistry, Vol. I 
(Chapter 23: Oxyacids of sulfur), Pergamon Press, Oxford. 

Thompson. R. (ed.) (1976) The Modern Inorganic Chemicals Industry (Chapter by 
Grant, W.J. and Redfearn, S.L., Industrial gases; chapter by Arden, T.V., 
Water purification and recycling; chapter by Crampton, C.A. et al., Manufac- 
ture, properties and uses of hydrogen peroxide and inorganic peroxy com- 
pounds; chapter by Phillips, A., The modern sulphuric acid process), Special 
Publication No. 31, The Chemical Society. London. 

Thrush, B.A. (1977) The chemistry of the stratosphere and its pollution, Endeavour, 
1. 3-6. 

Vaska. L. (1976) Dioxygen- metal complexes: towards a unified view, Acc. Chem. 
Res.. 9, 175-183. 

Waddington, T.C. (ed.) (1965) Non Aqueous Solvents (Chapter 4 by Gillespie, 
R.J. and Robinson, E.A., Sulfuric acid: chapter 6 by Waddington, T.C., Liquid 
sulfur dioxide), Nelson. 

Wasserman, H.H. and Murray. R.W. (eds) (1979) Singlet Oxygen, Academic 
Press, New York. 

West. J.R. (1975) New Uses of Sulfur. ACS Advances in Chemistry series, No. 
140. American Chemical Society. 

Zurer. P.S. (1987) The Antarctic ozone hole. Chem. Eng. News, 7 August, 7-13; 
2 November. 22-26. 


[580] | 


GROUP 16 - THE CHALCOGENS 


PROBLEMS 


1. 


15. 
16. 


Write equations for the preparation of oxygen from: (a) H2O, (b) 
H20», (c) Na;O». (d) NaNO;, (e) KCIO;, (f) HgO. 


How is oxygen obtained commercially, and what are its main uses? 


. Compare the oxides of Na and Ca with those of S and N. Comment on 


their melting points, the nature of the bonding, and their reactions 
with water, acids and bases. 


. In what ways and on what basis may oxides be classified? 


. Use the molecular orbital theory to describe the bonding in each of 


the following and give the bond order and magnetic properties (para- 
magneticor diamagnetic) in each case: (a) O; (b) superoxide ion Oz, 
(c) peroxide ion O03”. 


. Explain the following facts: 


(a) Liquid oxygen sticks to the poles of a magnet but liquid nitrogen 
does not. 

(b) The N—O* ion has a shorter bond length than does NO, even 
though the latter has an extra electron. 


. How is ozone prepared in the laboratory? What is its structure and 


what are its main uses? There is a layer of ozone in the upper atmos- 
phere: why is this important to man? 


. Give equations for the reaction between O; and (a) Li, (b) Na, (c) K, 


(d) C. (e) CH4, (f) No. (g) S. (h) Cl». (i) PbS, (j) Cus. 


. Why have oxygen molecules the formula O, whilst sulphur is S,? 


10. 


Describe one method by which hydrogen peroxide is prepared. Give 
the structure of H5O; in the gas phase. Write balanced equations for 
the reaction of H5O» with: 

(a) an acidified solution of KMnO, 

(b) aqueous HI 

(c) an acidic solution of potassium hexacyanoferrate(11) 


. What are the main sources of sulphur? Which are the two most 


common allotropic forms? 


. Describe the Frasch process for mining sulphur. 


. Describe the changes which occur on heating sulphur. 


. Explain the differences in bond angles and boiling points of HO 


and H,S. 
Explain how x bonding occurs in O», O}, SO; and SO; . 


Describe how sulphuric acid is manufactured on an industrial scale. 
List its main uses. 


PROBLEMS 


. Describe the preparation, properties and structure of SO, SO, 


H5SO;. H;S50,. 


- (a) Describe the differences in structure between gaseous and solid 


SO;. 

(b) What reaction occurs between SO; and H5S0,? Give the struc- 
ture of the product. 

(c) Describe the action of heat on NaHSO;. 

(d) Compare the structures of the SO" and SO ions. 

(e) What reaction occurs between Na>S,O, and 1;? 

(f) Why are sulphurous acid and sulphites reducing? 


Compare and contrast sulphuric acid. selenic acid and telluric acid. 


- How is Na;S;O; made? Explain its uses in photography and volumetric 


analysis. 


. What are the main fluorides of sulphur? How are they made, what are 


their structures and what are their uses? 


. Explain why SF, is unreactive towards water but TeF, reacts. 


- Suggest reasons why SF, is known but OF, is not. 


16 Group 17 — the halogens 


Table 16.1 Electronic structures and oxidation states 


Element Electronic configuration Oxidation states* 
Fluorine F [He] 2s =I 

Chlorine CI [Ne] 35 3p* =1 +1 HI IV +V VI VII 
Bromine Br [Ar] 34!" 4g 4p -EAI II +1V +V VI 
Iodine I [Kr] 4d 5s? 5p? -1+1 +I +V +VII 


Astatine At [Xe] 4/" 5d™ 6 6p* 


* The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normal type. Oxidation states that are unstable, or in doubt, are given in 
parentheses. 


INTRODUCTION 


The name halogen comes from the Greek, and means salt former. The 
elements all react directly with metals to form salts, and they are also very 
reactive with non-metals. Fluorine is the most reactive element known 

The elements all have seven electrons in their outer shell. The s*p° 
configuration is one p electron less than that of the next noble gas. Thus 
atoms complete their octet either by acquiring an electron (i.e. through 
forming an ionic bond, giving X`), or by sharing an electron with another 
atom (thus forming a covalent bond). Compounds with metals are typically 
ionic, whilst those with non-metals are covalent. 

The halogens show very close group similarities. Fluorine (the first 
element in the group) differs in several ways from the rest of the group. 
The first element of each of the main groups all show differences from the 
subsequent elements. The reasons for the difference are: 


1. The first element is smaller than the rest, and holds its electrons more 
firmly. 
2. It has no low-lying d orbitals which may be used for bonding. 


The properties of chlerine and bromine are closer than those between 
the other pairs of elements because their sizes are closer. The ionic radius 
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of Cl” is 38% larger than that of F^, but the radius of Br^ is only 6.5% 
larger than that of Cl”. The relatively small change in size occurs because 
Br contains ten 3d electrons, which shield the nuclear charge ineffec- 
tively. This also results in the electronegativity values being particularly 
close for these two elements. Thus there is little difference in polarity of 
the bonds formed by Cl and Br with other elements. 

The oxidation states (+1) are by far the most common. Wae her i: is 
(—I) or (+I) depends on whether the halogen is the most electronegative 
element. Higher oxidation states exist for all of the elements except F. 
The lack of low-lying empty d orbitals in the second shell prevents F from 
forming more than one normal covalent bond. 

Fluorine is a very strong oxidizing agent, and this together with its 
small size allows it to form compounds that bring out the highest oxida- 
tion state of other elements. Examples include IF;, PtF,, SF, and many 
hexafluorides, BiFs, SFs, TbF;, AgF;, and K[Ag"F,]. 

The elements all exist as diatomic molecules, and they are all coloured. 
Gaseous F; is light yellow, Cl, gas is yellow-green, Br; gas and liquid 
are dark red-brown, and I, gas is violet. The colours arise from the 
absorption of light on promoting an electron from the ground state to a 
higher state. On descending the group the energy levels become closer, 
so the promotion energy becomes less and the wavelength of the band 
becomes longer. 

L solid crystallizes as black flakes. and has a slightly metallic lustre. 
Though the X-ray structure shows discrete I, molecules, the colour is 
reminiscent of charge transfer compounds, and the properties are different 
from those of other molecular solids. The solid conducts electricity to a 
small extent, and the conductivity increases when the temperature is 
raised. This behaviour is like that of an intrinsic semiconductor, and 
different from metals. However. liquid I, conducts very slightly. This is 
ascribed to self-ionization: 


3l = 17 + Iz 


The stable isotopes of the halogens all have a nuclear spin. This is used 
in nmr spectroscopy. Chemical shifts are conveniently measured using the 
isotope "F. 

Several chemicals are of commercial importance and are produced on a 
vast scale. These include Cl, (35.3 million tonnes in 1994). anhydrous HCI 
and hydrochloric acid (12.3 million tonnes in 1991), anhydrous HF and 
hydrofluoric acid (1.5 million tonnes in 1994). Br» (370000 tonnes in 
1993) and CIO; (200000 tonnes/vear). 


OCCURRENCE AND ABUNDANCE 


The halogens are all very reactive, and do not occur in the free state. 
However, all except astatine are found in combined form in the earth's 
crust. (Astatine is radioactive and has a short half life.) Fluorine is the 
thirteenth most abundant element by weight in the earth's crust, and 
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Table 16.2 Abundance of the elements in the 
earth’s crust, by weight 


ppm Relative abundance 
B 544 13 
cl 126 20) 
Br 2:5 47 
I 0.46 62 


chlorine the twentieth. These two elements are reasonably abundant, but 
bromine and iodine are comparatively rare. 
The main source of fluorine is the mineral CaF» called fluorspar or 


fluorite. (The name fluorspar was given because the mineral fluoresces, | 


that is it emits light, when it is heated.) World production was 3.6 million 
tonnes in 1992. The largest producers are China 42%, Mexico, Mongolia 
and the Soviet Union 8% each, and South Africa 7%. Another well 
known fluorine containing mineral is fluoroapatite [3(Ca;(PO4)»  CaF;]. 
This is used primarily as a source of phosphorus. It is not used to produce 
HF and F, because the mineral contains appreciable amounts of SiO). The 
HF produced reacts with the SiO» in the mineral to form fluorosilicic acid, 
H»[SiF;]. Some H»[SiF,] is made in this way and is used as an alternative 
to NaF for fluoridizing drinking water. The mineral cryolite Nas[AIF;] is 
rather rare. It is found only in Greenland, and is used in the electrolytic 
extraction of aluminium. 

The most abundant compound of chlorine is NaCl, and it is used to 
produce virtually all the Cl; and HCI made. World consumption of NaC! 
was 183.5 million tonnes in 1992. Some salt is mined, and some is obtained 
by solar evaporation of sea water. Chlorides and bromides are leached 
from the land by rain, and are washed into the sea. Sea water usually 
contains about 15000 ppm (1.5%) of NaCl. Certain inland seas contain 
much more (the Dead Sea contains 8% and the Great Salt Lake, Utah, 
contains 23%). The dried-up beds of inland lakes and seas contain large 
deposits of NaCl, mixed with smaller amounts of CaCl, KCI and MgCl;. 
In contrast, the fluoride content of sea water is very low (1,2 ppm). This is 
because the water contains a large concentration of Ca^*. and CaF, is 
insoluble. 

Bromides occur in sea water. lodides only occur in low concentration in 
sea water, but they are absorbed and concentrated by seaweed. At one 
time iodine was extracted from seaweed. There are now bet'er sources. 
Natural brines have higher concentrations of I~. Sodium iodate NalO, and 
sodium periodate NaIO, occur as impurities in NaNO; deposits in Chile. 


EXTRACTION AND USES OF THE ELEMENTS 


Fluorine 


Fluorine is extremely reactive. and this causes great difficulties in the 
preparation and handling of the element. The first preparation of fluorine 


EXTRACTION AND USES OF THE ELEMENTS 


585 


was by Moissan in 1886. He was subsequently awarded the Nobel Prize for 
Chemistry in 1906 for this work. Fluorine is obtained by treating CaF; with 
concentrated HSO; to give an aqueous mixture of HF. This is distilled, 
yielding anhydrous liquid HF. Then a cooled solution of KHF; in anhy- 
drous HF is electrolysed, giving F> and H, (Figure 16.1). 


CaF, + H)SO, > CaSO, + 2HF 
KF + HF > K[HF,] 


clectrolyse 
a 


HF + K[HF;] 


There are many difficulties in obtaining fluorine. 


Hz + Fz 


1. HF is corrosive, and etches glass and also causes very painful skin 
wounds. These arise partly by dehydrating the tissue, and partly from 
the acidic nature of HF. The wounds are slow to heal because F^ ions 
remove Ca?* ions from the tissues. 

. Gaseous HF is also very toxic (3 ppm) compared with HCN (10 ppm). 

3. Anhydrous HF is only slightly ionized and is therefore a poor conductor 
of electricity. Thus a mixture of KF and HF is electrolysed to increase 
the conductivity. Moissan used a solution of KF in HF with a mole ratio 
of 1:13. This has the disadvantage that the vapour pressure of HF is 
high. and this gives problems with toxicity and corrosion, even when the 
reaction mixture is cooled to —24*C. Modern methods use medium 
temperature fluorine generators. These use a mole ratio of 1:2 of 
KF: HF so that the vapour pressure of HF is much lower. This mixture 
melts at about 72?C which is a much easier temperature to maintain. 
Note that KF and HF react to form the acid salt K*[F—H-—F] ~. 

4. Water must be rigorously excluded or the fluorine produced will oxidize 
it to dioxygen. 

5. The hydrogen liberated at-the cathode must be separated from the 
fluorine liberated at the anode by a diaphragm, otherwise they will react 
explosively. 

6. Fluorine is extremely reactive. It catches fire, for example with traces of 
grease or with crystalline silicon. Glass and most metals are attacked. It 
is difficult to find suitable materials from which to make the reaction 
vessels. Moissan used a platinum U-tube, since platinum is very un- 
reactive (but it is very expensive). Copper or Monel metal (Cu/Ni alloy) 
are now used instead, because they cost less. A protective fluoride film 
forms on the surface of the metal and slows down further attack. 

7. The cathodes are made of steel, the anodes are carbon, and-teflon is 
used for electrical insulation. Graphite anodes must not be used, since 
graphite reacts with fluorine, forming graphite compounds CF. In these, 
fluorine atoms progressively invade the space between the sheets of 
graphite, forcing them apart, and buckling them. This gradually stops 
the graphite from conducting, the current needed increases, more heat 
is produced. and eventually an explosion may occur. Ungraphitized 
carbon is used to avoid this. It is made from powdered coke compacted 
and impregnated with copper. 


N 
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Cylinders of F; are now commercially available. However, for many 
purposes F, is converted to CIF; (b.p. 12°C), which though very reactive 
is less unpleasant and easier to transport. 

“3B hh Cho OCIES 

Production of fluorine first became important for the manufacture of 
inorganic fluorides such as AIF; and synthetic Na3[AIF,]. Both are used in 
the extraction of aluminium. The natural mineral cryolite is only found in 
Greenland, and this source is largely exhausted. 

It was discovered in the 1940s that the isotopes of uranium could be 
separated by gaseous diffusion of UF,. This was important in preparing 
enriched uranium to make the first atomic bomb. Gaseous diffusion is still 
used to make enriched uranium fuel for nuclear reactors. The nuclear 
industry uses about 75% of the fluorine produced. UF, is made as follows: 


U or UO; + HF > UF, 
UF, + F;— UF, 
UF, + CIF; > UF, 


The fluorocarbons are a very interesting and useful group of com- 
pounds, derived from hydrocarbons by substituting F for H. Tetrafluoro- 
methane CF, is the fluorocarbon corresponding to methane. Completely 
fluorinated compounds C,F;,,; are called perfluoro compounds. Thus 
CF, is perfluoromethane. Perfluoro compounds have very low boiling 
points for their molecular weight: this is associated with very weak inter- 
molecular forces. Fluorocarbons are extremely inert. Unlike methane, 
CF, can be heated in air without burning. Fluorocarbons are inert to 
concentrated HNO; and H5SO.,, to strong oxidizing agents such as KMnO, 
or O3, and to strong reducing agents such as Li[AIH;] or C at 1000°C. 
They are attacked by molten Na. When pyrolysed at very high tempera- 
tures the C—C bonds break rather than the C—F bonds. Tetrafluor- 
oethene F,C=CF, (b.p. —76.6°C) can be made: 

2CHCIF, 29-6, Cp cp, + 2HCI 

Fluoroalkenes of this type can be polymerized either thermally, or using a 
free radical initiator. Depending on the degree of polymerization, that is 
on the molecular weight produced, the products may be oils, greases or 
a solid of high molecular weight called polytetrafluoroethylene. This is 
similar to ethene (formerly called ethylene) polymerizing to give poly- 
ethylene (polythene). Polytetrafluoroethylene is known commercially as 
PTFE or Teflon. It is a very inert solid plastic material, and is useful 
because it is completely resistant to chemical attack and is an electrical 
insulator. Though expensive, it is used in laboratories. It is also used as a 
coating for non-stick pans. 

Freons are mixed chlorofluorocarbons. Compounds such as CCIF;. 
CCI,F, and CCl,F are important as non-toxic refrigerating fluids and 
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aerosol propellants. They too are very inert, and are discussed later. 
CF;CHBriCI is used as an anaesthetic called Fluothane. 

Another use of F, is to make SF,, which is a very inert gas used as a 
dielectric (insulating) medium for high voltage equipment. Fz is also used 
to make other fluorinating agents CIF;, BrF; and IF; and SbF;. The earlier 
use of liquid F, as an oxidizing agent in rocket motors has now been 
discontinued, Anhydrous HF has many uses. 

Traces of fluoride ions F^ in drinking water (about 1 ppm) greatly 
reduce the incidence of dental caries (tooth decay). The F^ ions make the 
enamel on teeth much harder, by converting hydroxyapatite [3(Cas(PO,); - 
Ca(OH);] (the enamel on the surface of teeth) into the much harder 
fluoroapatite [3(Ca3(PO,);- CaF;]. However, F^ concentrations above 2 
ppm cause discoloration, the brown mottling of teeth, and higher concen- 
trations are harmful. In some places NaF and H,[SiF,] are added to 
drinking water, where the natural water is very soft and contains insuf- 
ficient naturally occurring F^ ions. NaF is now used in fluoride toothpaste. 
(The original fluoride toothpaste contained SnF and Sn;P50;.) 


Chlorine 


Chlorine was first prepared by Scheele by oxidizing HCI with MnO). This 
method was used as a laboratory preparation, but chlorine is now readily 
available in cylinders. 


H2SO, + NaCl > HCI + NaHSO, 
4HCI + MnO, — MnCl, + 2H;0 + Cl; 


Gas prepared from MnO) in this way must be purified. First it is passed 
through water to remove HCI, and then through concentrated H5SO, to 
remove water. It may be further dried by passing it over CaO and P4O,,. 

Chlorine is produced commercially on a vast scale by two main methods. 
(About 35.3 million tonnes were produced in 1994.) 


1. By the electrolysis of aqueous NaCl solutions in the manufacture of 
NaOH. 

2. By electrolysis of fused NaCl in the manufacture of sodium. (See 
Chapter 10.) 


Before 1960 chlorine was a by-product from these processes. Since then 
there has been a great increase in the use of chlorine, mainly in the manu- 
facture of plastics such as polyvinyl chloride (14.9 million tonnes of PVC 
were made in 1991). Thus chlorine is now the major product. 


electrolyse 


2NaCl + 2H;0 ———> 2NaOH + Cl, + 2H; 
2Nacl 29, 2Na + Ch 
At one time chlorine was produced by oxidizing HCI with air, using the 
Deacon process. This process became obsolete. (See Chapter 10.) How- 
continued overleaf 
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ever. a modified Deacon process is now used to a small extent. It utilizes 
HCI obtained as a by-product from the pyrolysis of 1,2-dichloroethane 
to vinyl chloride, and uses an improved catalyst (CuCl, with didymium 
oxide as promoter; didymium is an old name meaning ‘twin’, and it con- 
sists of two lanthanide elements praseodymium and neodymium). This 
works at a slightly lower temperature than the original process. 
CH;CI—CH;CI 275, cH,—CHCI + HCI 

Chlorine gas is toxic. It was used as a poison gas in World War I. The 
gas is detectable by smell at a concentration of 3 ppm. and 15 ppm causes a 
sore throat and running eyes. Higher concentrations cause coughing, lung 
damage, and death. 

World production of chlorine is about 35.3 million tonnes per year (the 
Soviet Union 43%, the USA 24%, Germany 7%, Canada and France 3% 
each, and Japan and the UK 2% each). About two thirds of this is used to 
make organic chloro compounds, one fifth for bleaching, and the rest for 
the manufacture of a variety of inorganic chemicals. The main two organic 
compounds produced are: 


1 ,2-dichloroethane 
vinyl chloride monomer 


Both are used in the plastics industry. Other uses include the production 
of: 

chlorinated solvents including methyl and ethyl chlorides 

perchloro- and dichloroethene 

mono-, di- and trichlorobenzene 

benzene hexachloride 

the insecticide DDT 

chlorinated phenols 

plant growth hormones (2,4-dichlorophenoxyacetic acid and 2,4,6- 

trichlorophenoxyacetic acid are used as selective weedkillers) 


Large amounts of chlorine are used for bleaching textiles, wood, pulp and 
paper. Chlorine is widely used throughout the developed world to purify 
drinking water, because it kills bacteria. It is also used to make a wide 
variety of inorganic chemicals including: 


bleaching powder 

sodium hypochlorite NaOCI 
chlorine dioxide CIO; 

sodium chlorate NaClO; 

many metal and non-metal chlorides 


Bromine 


Bromine is obtained from sea watér and brine lakes. Sea water contains 
about 65ppm Br Thus 15 tonnes of sea water contain about 1 kg of 
bromine. Bromine is extracted from sea water, but it is more economic 
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to use more concentrated brine sources such as the Dead Sea, or brine 
from wells in Arkansas and Michigan (USA) and Japan, which contain 
2000—5000 ppm of Br~. First HSO; is added to adjust the pH to about 
3.5. Then Cl, gas is passed through the solution to oxidize the Br^ to 
Br». This is an example of displacement of one element by another higher 
in the electrochemical series. 


Ch -*2Br — 2Cl + Bry 


The Br; is removed by a stream of air, because Br» is quite volatile. The 
gas is passed through a solution of NaxCO,, when the Br; is absorbed, 
forming a mixture of NaBr and NaBrO;. Finally the solution is acidified 
and distilled to give pure bromine. 


3Br; + 3Na;CO, — 5NaBr + NaBrO, + 3CO; 
5NaBr + NaBrO, + 3H580, — SHBr + HBrO; + 3Na,SO,4 
SHBr + HBrO; — 3Br; + 3H;O 


World production of bromine was 370000 million tonnes in 1993 (the 
USA 45%, Israel 36%, the UK 8% and Japan 4%), In 1955 about 90% 
was used to make 1,2-dibromoethane, CH;Br- CH;Br, but the figure is 
now under 50%. 1,2-dibromoethane is added to petrol to act as a lead 
scavenger. Tetraethyl lead is added to petrol to improve its octane rating, 
but when it burns it forms lead deposits. 1,2-dibromoethane is added to 
prevent the build-up of lead deposits on the sparking plug and in the 
engine. The lead passes out with the exhaust gases, mainly as PbCIBr. The 
use of PbEt, as an anti-knock additive to petrol has already declined, and 
will decline further because of legislation against its use, and environ- 
mental concern over the toxic effects of lead. Therefore the use of 1,2- 
dibromoethane has also declined. 

Almost 20% of the bromine produced is used to make organic deriva- 
tives such as methyl bromide, ethyl bromide and dibromochloropropane. 
These are used in agriculture: MeBr acts as a nematocide (kills earth- 
worms) and as a pesticide against insects and fungi. The other compounds 
are used as pesticides. 

Nearly 10% is used to make flame retardants. Bromo compounds may 
be included in the polymerization when making acrylic and polyester 
fibres. It is more common to ‘fireproof’ fabrics and carpets by treating 
them with tris(dibromopropyl)phosphate, (Br;C4H«O);PO. This may be 
done either when spinning the thread, or after manufacture. 

Other uses include the manufacture of photographic emulsions and 
pharmaceuticals. AgBr is light sensitive and is used for photographic films, 
and also for water sanitation and dyestuffs. KBr is used as a sedative, and 
as an anticonvulsant in treating epilepsy. 


Iodine 


There are two different commercial methods of obtaining iodine. The 
method used depends on whether the source is Chile saltpetre or natural 
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brines (for example from wells in Oklahoma or Michigan USA, and 
Japan). 

Chile saltpetre is mainly NaNO3, but it contains traces of sodium iodate 
NalO; and sodium periodate NalO,. Pure NaNO; is obtained by dissolv- 
ing saltpetre in water and crystallizing NaNO;. The iodate residues thus 
accumulate and concentrate in the mother liquor. Eventually, this con- 
centrate is divided into two parts. One part is reduced with NaHSO, to 
give I~. This is mixed with the untreated part, giving lz, which is filtered 
off as a solid and then purified by sublimation. 


2105 + 6HSO; — 217 + 6SO}” + 6H* 
SI- + 10; + 6H* — 3L + 3H,0 


Sea water contains only about 0.05 ppm of I^, which is too low for 
commercial recovery. Natural brine, which may contain 50—100 ppm, is 
treated with Cl, to oxidize I^ ions to Iż. This is blown out with air in the 
same way as bromine. Alternatively, after oxidation with CL, the solution 
may be passed through an ion-exchange resin. The Iz is adsorbed on the 
column as the triiodide ion I5 , and finally is removed from the resin by 
treatment with alkali. 

World production of Iz was 17500 tonnes in 1992 (Japan 42%, Chile 
35%, the USA 11%, and the Soviet Union 9%). There is no one dominant 
use. Half is used to make a variety of organic compounds including 
iodoform CHI; (used as an antiseptic), and methyl iodide CHI. Agl is used 
for photographic films, and for seeding clouds to produce rain. Small 
amounts of iodine are required in the human diet, so traces (10 ppm) of Nal 
are added to table salt. KI is added to animal and poultry feeds. The thyroid 
gland produces a growth regulating hormone called thyroxine which con- 
tains iodine. Deficiency of iodine causes the disease goitre. Iodine has 
limited use as an antiseptic; tincture of iodine is an aqueous solution of I; 
in KI, and French iodine is a solution in alcohol. In the laboratory iodides 
and iodates are used in volumetric analysis, and Nessler's reagent K2[Hgl.] 
is used to detect ammonia. 


Astatine 


Astatine does not occur in nature, but over twenty artificial isotopes have 
been made. All of these are radioactive. The most stable isotopes are *°At 
(half life 8.3 hours), and ?''At (half life 7.5 hours). The latter was first 
made in 1940 by a nuclear reaction in which bismuth was bombarded with 
high energy a particles. 


"Bi + $He — "At + 2n 


Tracer methods were used to study the chemistry of ?''At, using minute 
quantities of about 107'* mole. This isotope decays by orbital electron 
capture and by a-emission (see Chapter 31 under ‘Modes of decay’). 
Astatine appears to resemble iodine quite closely. 


IONIZATION ENERGY 


SIZE OF ATOMS AND IONS 


Table 16.3 Ionic and covalent radii 


Covalent radius lonic radius X^ 
(À) (À) 
E 0.72 1.33 
Cl 0.99 1.84 
Br 1.14 1.96 
I 1.33 2.20 


IONIZATION ENERGY 


The ionization energies of the halogens show the usual trend to smaller 
values as the atoms increase in size. The values are very high, and there is 
little tendency for the atoms to lose electrons and form positive ions. 


Table 16.4 Ionization and hydration energies. electron affinity 
—— ee 


First Electron Hydration 
ionization affinity energy X 
energy 

(kJ mol!) (kJ mol!) (kJ mol^!) 
R 1681 —333 -513 
cI 1256 —349 -370 
Br 1143 =325 -339 
l 1009 —296 -274 
At - —270 - 


ee 


The ionization energy for F is appreciably higher than for the others, 
because of its small size. F always has an oxidation state of (—1) except in 
Fz. It forms compounds either by gaining an electron to form F^, or by 
sharing an electron to form a covalent bond. 

Hydrogen has an ionization energy of 1311 kJ mol`’, and it forms H* 
ions. It is at first surprising that the halogens Cl. Br and I have lower 
ionization energies than H, yet they do not form simple X* ions. The 
ionization energy is the energy required to produce an ion from a single 
isolated gaseous atom. Usually we have a crystalline solid, or a solution, 
so the lattice energy or hydration energy must also be considered. Because 
H* is very small, crystals containing H* have a high lattice energy, and 
in solution the hydration energy is also very high (1091 kJ mol). The 
negative ions also have a hydration energy. Thus H* ions are formed 
because the lattice energy, or the hydration energy, exceeds the ionization 
energy. In contrast the halide ions X* would be large and thus have low 
hydration and lattice energies. Since the ionization energy would be larger 
than the lattice energy or hydration energy, these ions are not normally 
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(b) 


Figure 16.2 Structure of (a) 
BeCl, and (b) AICI. 


Table 16.5 Electronegativity and electrode potential 


Pauling's Standard 
electronegativity electrode 
potential E^ 
(volts) 
F 4.0 +2.87 
Cl 3.0 +1.40 
Br 2.8 +1.09 
I 2.5 40.62 
At 2:2 *0.3 


formed. However, a few compounds are known where I* is stabilized by 
forming a complex with a Lewis base. for example [I(pyridine),]* NO; . 
These are discussed later under ‘Basic properties of the halogens’. 

The electron affinities for the halogens are all negative. This shows that 
energy is evolved when a halogen atom gains an electron, and X — X 
Thus, the halogens all form halide ions. 


TYPE OF BONDS FORMED AND OXIDATION STATES 


Most compounds formed by the halogens and metals are ionic. However, 
covalent halides are formed in a few cases where the metal ions are very 
small and have a high charge. (The structures of BeCl, and AlCl, are 
unusual — see Chapters 11 and 12.) 

The halogens all have very high electronegativity values (see Table 
16.5). When they react with metals there will be a large electronegativity 
difference: hence they form ionic bonds. Halide ions are produced quite 
easily. This is shown by the large electron affinity values (Table 16.4). 
Note that energy is evolved when a gaseous halogen atom gains an elec- 
tron, and also because of their large positive standard electrode potentials 
for X,|2X~ (Table 16.5). (The standard electrode potentials may be 
converted to an energy term using the relationship AG? = —nFE°, where 
n is the number of electrons (2 in this case). and F is the Faraday constant 
96486 kJ mol~'.) The E? values decrease down the group and thus the 
energy evolved on forming halide ions also decreases down the group. 
Many iodides are partly covalent. For example. Cdl, forms a layer struc- 
ture, and all the iodides have much lower melting points than the fluorides. 

When two halogen atoms form a molecule, they form a covalent bond. 
Most compounds between the halogens and non-metals are also covalent. 
Fluorine is always univalent, and since it is the most electronegative 
element it always has the oxidation number (—I). With Cl. Br and |, a 
covalence of one is the most common. The oxidation state may be either 
(~I) or (+1) depending on which atom in the molecule has the greater 
electronegativity. 

Cl, Br and I also exhibit higher valencies, with oxidation numbers of 
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(+III), (+V) and (+VII). These higher valency states are covalent, and 
arise quite logically by promoting electrons from filled p and s levels to 
empty-d levels. The unpaired electrons then form three, five or seven 
covalent bonds. There are numerous examples of higher valency states in 
the interhalogens and halogen oxides. 


nd 
Electronic structure of full 
halogen atom — ground inner t] EST qn] 
state shell 


(Only one unpaired electron, so can only form one covalent bond) 


Electronic structure of full 

halogen atom — excited inner [s] TL It | t 
state shell 

(Three unpaired electrons, so can form three covalent bonds) 


Electronic structure of full 
halogen atom — further inner 
excited state shell 


(Five unpaired electrons, so can form five covalent bonds) 


Electronic structure of full 
halogen atom — still inner T 
further excited shell 


(Seven unpaired electrons, so can form seven covalent bonds) 


The oxidation states (--IV) and (+VI) occur in the oxides CIO;, BrO;, 
ClI;O, and BrO;. 


MELTING AND BOILING POINTS 


The melting and boiling points of the elements increase with increased 
atomic number. At room temperature, fluorine and chlorine are gases, 
bromine is liquid, and iodine is a solid. In temperate climates, only two 
elements are liquid at room temperature, bromine and mercury. (In very 
hot climates caesium and thallium are also liquid.) At atmospheric pres- 
sure I, solid sublimes without melting. 


Table 16.6 Melting and boiling points 


Melting point Boiling point 
CC) CC) 
F; —219 —188 
Cl —101 EHE 
Br; n 60 


I 114 185 
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Table 16.7 Bond energy and bond lengths of X; 


Bond energy Bond length X; 
(free energy of 
dissociation) 


(kJ mol!) (À) 
F 126 1.43 
cl 210 1.99 
Br 158 2.28 
I 118 2.66 


BOND ENERGY IN X; MOLECULE 


The elements all form diatomic molecules. It would be expected that the 
bond energy in the X; molecules would decrease as the atoms become 
larger, since increased size results in less effective overlap of orbitals. Cl», 
Br; and I; show the expected trend (Table 16.7), but the bond energy for 
F; does not fit the expected trend. 

The bond energy in F, is abnormally low (126 kJ mol! ), and this is 
largely responsible for its very high reactivity. (Other elements in the first 
row of the periodic table also have weaker bonds than the elements which 
follow in their respective groups. For example in Group 15 the N—N 
bond in hydrazine is weaker than P—P, and in Group 16 the O—O bond 
in peroxides is weaker than S—S.) Two different explanations have been 
suggested for the low bond energy: 


1. Mulliken postulated that in Cl». Br; and I, some pd hybridization 
occurred, allowing some multiple bonding. This would make the bonds 
stronger than in F; in which there are no d orbitals available. 

2. Coulson suggested that since fluorine atoms are small, the F—F 
distance is also small (1.48 Å). and hence internuclear repulsion is 
appreciable. The large electron—electron repulsions between the lone 
pairs of electrons on the two fluorine atoms weaken the bond. 


It seems unnecessary to invoke multiple bonding to explain these facts, 
and the simpler Coulson explanation is widely accepted. 


OXIDIZING POWER 


Electron affinity is the tendency of the atoms to gain electrons. This 
reaches a maximum at chlorine. (See Table 16.4.) Oxidation may be 
regarded as the removal of electrons, so that an oxidizing agent gains 
electrons. Thus the halogens act as oxidizing agents. The strength of an 
oxidizing agent (that is, its oxidation potential) depends on several energy 
terms and is best represented by a Born—Haber type of energy cycle 
(Figure 16.3). 

The oxidation potential is the energy change between the element in its 
standard state, and in its hydrated ions. Thus for iodine the change is from 


OXIDIZING POWER m cu BS 


Electron 
$ Enthalpy of affinity 
Energy dissociation 
Xiao) 
Lom 
$ Enthalpy of vaporization 
evaporation 
Xon) 
Enthalp: 
$ Enthalpy Oxidation edd 
of potential hydration 
fusion $3 for 
} Xai, eer chlorine 
potential 
for 
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potential 
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iodine t 
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Figure 16.3 Energy cycle showing the oxidation potentials of the halogens. 
(Oxidation potential is used here in preference to reduction potential to stress that 
the halogens are strong oxidising agents. Note AG? = —nFE*) 


Iboia) to lnyaraea). Thus the oxidation potential is equal to the sum of 
the energy put in as the enthalpies of fusion, vaporization and dissocia- 
tion, less the energy evolved as the electron affinity and enthalpy of 
hydration. 

In a similar cycle the oxidation potential for bromine can be calculated 
for the change from 3Broaiquia) to Briyaraiea). (Note that since in its stan- 
dard state bromine is liquid, the enthalpy of fusion must be omitted. 
Similarly in calculating the oxidation potential for chlorine and fluorine, 


Table 16.8 Enthalpy (AH°) values for X> X(ħyaratea) (all values in kJ mol^!) 
lEnthalpy 4Enthalpy 4Enthalpy — Electron Enthalpy Sum 
of 


of fusion of affinity of of 
vaporization dissociation hydration AH? 
F; - - +159/2 —333 —513 —836 
Ch - - +243/2 —349 -370 2:597,5 
Br; - +30/2 +193/2 =325 —339 —552.5 
Lh +15/2 +42/2 +151/2 —296 -274 —466 


amn aaa 
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since they are gases, both the enthalpies of fusion and vaporization must 
be omitted.) 
Chlorine has the highest electron affinity, so gaseous Cl atoms accept 
electrons most readily. However, Cl is not the strongest oxidizing agent. 
Table 16.8 shows that, summing all the energy terms in the cycle, fluorine 
has the most negative AH? value. Since the difference between AG? and 
AH?” is not significant, it follows that fluorine accepts electrons more readily 
than chlorine, so fluorine is the strongest oxidizing agent. There are two 
main reasons for this change of order: i 


1. Fz has a low enthalpy of dissociation (arising from the weakness of the 
F—F bond). 

2. Fz has a high free energy of hydration (arising from the smaller size of 
the F^ ion). 


Fluorine is a very strong oxidizing agent, and it will replace CI^ both in 
solution and also when dry. Similarly, chlorine gas will displace Br^ from 
solution. (This is the basis of the commercial extraction of bromine from 
sea water.) In general any halogen of low atomic number will oxidize 
halide ions of higher atomic number. 


REACTION WITH WATER 


The halogens are all soluble in water, but the extent to which they react 
with the water, and the reaction mechanism that is followed, vary. Fluorine 
is so strong an oxidizing agent that it oxidizes water to dioxygen. The 
reaction is spontaneous and strongly exothermic. (The free energy change 
is large and negative.) Oxidation may be regarded as the removal of 
electrons, so that an oxidizing agent gains electrons. Thus the fluorine 
atoms are reduced to fluoride ions. 


F, + 3H;0 — 2H30* + 2F^ +430, AG? = -795kJ) mol`! 


A similar reaction between chlorine and water is thermodynamically 
possible, but the reaction is very slow because the energy of activation 
is high. 


Ch  3H;0 — 2H30* + 2CI- + 40; 
With chlorine an alternative disproportionation reaction occurs rapidly: 


Cl, + HO > HCI + HOCI ! 
Oxidation state of chlorine (0) (=) (+1) 


Table 16.9 Concentrations in saturated aqueous solutions at 25°C 


Solubility Concentration Concentration 
X» (hydrated) HOX 
(mol 17!) (moll!) (mol17!) 
Ch 0.091 0.061 0.030 
Br; 0.21 0.21 Io 107 


Lh 0.0013 0.0013 6.4 x 107* 
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A similar disproportionation reaction occurs to a very limited extent-with 
Br; and Ip. Thus a saturated aqueous solution of Ch at 25°C contains 
about two thirds hydrated X; and one third OCI”. Solutions of Br; and I, 
contain only a very small amount of OBr^, and a negligible amount of 
OI, respectively. 

lodine is an even weaker oxidizing agent. The free energy change is 
positive, which shows that energy must be supplied to make it oxidize 
water. 


I, + HO > 2H* + 2I + 40, AG? = +105kJ mol”! 


It follows that for the reverse reaction AG? would be — 105 kJ mol"! 
so. the reverse reaction should occur spontaneously. This is the.case. 
Atmospheric dioxygen oxidizes iodide ions to iodine. At the end point of an 
iodine titration with sodium thiosulphate, the iodine originally present is all 
converted to iodide ions. Thus the bluish colour produced by the starch 
indicator with iodine disappears, and the solution becomes colourless. 


I, + 28,0175 21- F $,02- 


If the titration flask is allowed to stand for two or three minutes, the 
indicator turns blue again. This is because some atmospheric oxidation has 
taken place, forming I», which reacts with the starch to give the blue colour 
again. 


217 + 40, + 2H* 5 I, + H;O 


The end point of the titration is usually taken as being when the colou: 
disappears and the solution remains colourless for half a minute. 


REACTIVITY OF THE ELEMENTS 


Fluorine is the most reactive of all the elements in the periodic table. It 
reacts with all the other elements except the lighter noble gases He, 
Ne and Ar. It reacts with xenon under mild conditions to form xenon 
fluorides. (See Chapter 17.) Reactions with many elements are vigorous, 
and often explosive. In the massive form a few metals such as Cu, Ni, Fe 
and Al acquire a protective fluoride coating. However, if these metals are 
in powdered form (with a large surface area), or if the reaction mixture is 
heated, then the reaction is vigorous. The reactivity of the other halogens 
decreases in the order Cl > Br > I. Chlorine and bromine react with most 
of the elements, though less vigorously than does fluorine. Iodine is less 
reactive and does not combine with some elements such as S and Se. 
Fluorine and chlorine often oxidize elements further than do bromine and 
iodine, by this means bringing out higher valencies, for example in PBr; 
and PCl;, and in S;Br;, SCl; and SF,. 
The great reactivity of fluorine is attributable to two factors: 


1. The low dissociation energy of the F—F bond (which results in a low 
activation energy for the reaction). 
2. The very strong bonds which are formed. 
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Table 16.10 Some bond energies of halogen compounds (all values in kJ mol") 


HX BX; AIX; CX, NX; X, 
F 566 645 582 439 2n 159 
a 431 444 427 347 201 243 
Br 366 368 360 276 243 193 
I 299 272 285 238 . 151 


LLLLLLMLLL——————————————————— 
* Unstable and explosive. 


Both of these properties arise from the small size of fluorine. The weak 
F—F bond arises because of repulsion between the lone pairs of electrons 
on the two atoms. Strong bonds arise because of the high coordination 
number and high lattice energy. 

Some bond energies are shown in Table 16.10. These explain why the 
halogens form very strong bonds. Many are stronger than the C—C bond, 
which is itself regarded as a very strong bond. (The C—C bond energy is 
347 kJ mol!) 


Table 16.11 Some reactions of the halogens 


Reaction 

2F, + 2H;0 — 4H* + 4F + O, 
21, + 2H,O —4H* + 4X- + O; 
X; + H:O > H* + X` + HOX 


X; H2 2HX 


Comment 
Vigorous reaction with F 
I reaction in reverse direction 
CI > Br > I (F notat all) 


All the halogens 


nX; + 2M — 2MX, 


X2 + CO— COX, 


Most metals form halides 
F the most vigorous 


Cl and Br form carbonyl halides 


3X; + 2P > PX, 
5X; + 2P5 PX; 
EISS SK 


2Ch + S— SCl; 
3F; + S— SF; 


All the halogens form trihalides 
As, Sb and Bi also form trihalides 
F, Cl and Br form pentahalides 
AsFs, SbF;, BiFs, SbCl; 


Cland Br 
Cl only 
Fonly 


X2 + Hj5S22HX +S 


All the halogens oxidize S? to S 


X; + $0; SO;X; 


F and CI 


3X2 + 8 NH; — N; + 6NH,X 


F, Cl and Br 


X2 + X, 2XX' 
X:+ X'XoX'X, 


Interhalogen compounds formed higher 
interhalogen compounds 
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HYDROGEN HALIDES HX 


It is usual to refer to pure anhydrous HX compounds as hydrogen halides, 
and their aqueous solutions as hydrohalic acids or simply halogen acids. 

The halogens all react with hydrogen and form hydrides HX, though 
except for HCI this is not the usual way of preparing them, Reactivity 
towards hydrogen decreases down the group. Hydrogen and fluorine react 
violently. The reaction with chlorine is slow in the dark, faster in day- 
light, and explosive in sunlight. The reaction with iodine is slow at room 
temperature. 


HF 


Industrially HF is made by heating CaF, with strong H5SO,. The reaction 
is endothermic: hence the need for heating. It is important that SiO, 
impurities are removed from the CaF , as otherwise they consume much 
of the HF produced. : 


CaF, + H;$0, — CaSO, + 2HF 
SiO, + 4HF — SiF, + 2H;0 
SiF, + 2HF aq) — Hj[SiF;] 


The HF is purified by successive washing, cooling and fractional distilla- 
tion, giving a product that is 99.95% pure. World production of HF was 
1.5 million tonnes in 1994, with over 80000 tonnes a year being produced 
in the UK. 

Gaseous HF is very toxic, and should be handled only in a good fume 
cupboard. Solutions of HF are called hydrofluoric acid, and this is very 
corrosive. Hydrofluoric acid is normally handled in metal apparatus made 
of copper or Monel, because hydrofluoric acid attacks glass with the 
formation of fluorosilicate ions [SiF;]^- 


SiO; + 6HF  [SiF,]?- + 2H* + 2H,O 


Surprisingly little corrosion occurs at concentrations above 80%. The main 
uses of HF are as follows: 


1. Two thirds are used to make chlorofluorocarbons (Freons). These are 
sometimes called CFCs. They are used as refrigerating fluids and as the 
propellant in aerosols. The use of CFCs is being phased out because 
they damage the ozone layer in the upper atmosphere. (See Chapter 
13, under “Tetrahalides’.) 


anhydi conditions. 
CCH 4 2Hp27 5 5" 7 CGLE, + 2HCI 
+ SbCl. Freon 
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2. About 14% is used to make AIF; and synthetic cryolite used in the 
electrolytic extraction of aluminium. (See Chapter 2) 

3. About 2% is used for uranium processing (through intermediates UF, 
and UF,). 

4. About 4% is used in the anhydrous form as an alkylation catalyst in 
the petrochemical industry, for making long chain alkylbenzene 
compounds. These are then converted into alkylbenzene sulphonates 
and used as detergents. 

5. Aqueous HF is used for pickling steel (about 4%) and for etching glass, 
making herbicides and many metal fluorides and also BF}. 

cone. 1S0, 


B50, + 6HF ————> 2BF, + 3H;S04: H2O 
AlO, + 6HF > 2AIF; + 3H;O 


HCI 


HCI is produced on a very large scale. World production was 12.3 million 
tonnes in 1991 (USA 24%, China 21%, Germany and Japan 7% each, 
France and Italy 5% each, and Belgium 3%). There are several different 
preparative methods: 


1. At one time HCI was made exclusively by the ‘salt cake’ method. 
In this method, concentrated H3SO4 was added to rock salt (NaCl). The 
reaction was endothermic, and was performed in two stages at different 
temperatures. The first of the reactions was carried out at about 150°C. 
The solid NaC! reacted with H,SO, and became coated with insoluble 
NaHSO,. This prevented further reaction, and accounts for the name 
‘salt cake’. In the second stage, the mixture was heated to about 550°C, 
when further reaction with HSO, occurred and Na;SO, was formed. 
This by-product was sold, mostly for paper making (Kraft process). 


NaCl + H;S0, S, HCl) + NaHSO, 


NaCl + NaHSO; > HCl + NaSO; 

2. Large amounts of impure HCI have become available in recent years 
as a by-product from the heavy organic chemical industry. For example, 
HCI is produced in the conversion of 1,2-dichloethane CH;CI—CH»CI 
to vinyl chloride CH;—CHCI, and in the manufacture of chlorinated 
ethanes and chlorinated fluorocarbons. This is now the largest source of 
HCl. 

3. High purity HCI is made by direct combination of the elements. A 
gaseous mixture of H, and Cl, is explosive. However, the reaction pro- 
ceeds quietly if the gases are burnt in a hydrogen-chlorine flame in a 
special combustion chamber. The process is strongly exothermic. 

4. HCl is conveniently made in the laboratory by treating NHCl with 
concentrated H3SO,. NH,CI costs more than NaCl (which was used 
in the ‘salt cake" process). However, NH,CI is preferred because 
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NH4HSO, is soluble, and the reaction does not stop at the halfway 
stage. 


2NH,Cl + H;$0, — 2HCI +: (NH4);SO, 


Hydrogen chloride gas is very soluble in water. Aqueous solutions of 
HCI are sold as hydrochloric acid. A saturated solution at 20°C contains 
42% HCI by weight, and ‘concentrated’ acid normally contains about 38% 
HCI by weight (approx. 12 M). Pure hydrochloric acid is colourless, but 
technical grades are sometimes yellow because of contamination by 
Fe(II). The largest use is for ‘pickling’ metals, that is removing oxide 
layers from the surface. It is also used to make metal chlorides, in the 
manufacture of dyestuffs, and in the sugar industry. 

Gaseous HCI is conveniently prepared in the laboratory from concen- 
trated HCI and concentrated H5SO,. 


HBr and HI 


HBr and HI are made by the reaction of concentrated phosphoric acid 
HPO, on metal bromides or iodides, in a similar reaction to the ‘salt cake" 
process for HCl. Note that a non-oxidizing acid such as phosphoric acid 
must be used. Concentrated H5SO, is a strong oxidizing agent and would 
oxidize HBr to Br; and HI to lz. 


HPO, + Nal — HI + NaH;PO, 


The usual laboratory preparation involves reducing bromine or iodine 
with red phosphorus in water, Thus HBr is made by adding bromine to a 
mixture of red phosphorus and water, For HI, water is added to a mixture 
of phosphorus and iodine. 


H,PO, + NaBr — HBr + NaH;PO, 


red +6H,0 
2P + 3Br; + 2PBr, ——> 6HBr + 2H;PO, 


red ir 
2P + 3l; — 2P1 2259, 6H] + 2HyPO; 


HF is only just liquid at room temperature (b.p. 19.9°C), and HCI to 
HBr and HI are gases. The boiling points increase regularly from HCl, 


Table 16.12 Some properties of HX compounds 


Melting Boiling Density pK, Composition of 
point point values azeotrope 
CC) CC) (gem!) (weight %) 
HF —83.1 19.9 0.99 32 35.37 
HCI -114.2 —85.0 1.19 e 20.24 
HBr —86.9 —66.7 2.16 -9 47.0 
HI —50.8 —35.4 2.80 -10 57.0 


eee 


602 | | 


GROUP 17 - THE HALOGENS 


. H H, H B 
"d "A o sf Sof, sete 


Figure 16.4 Hydrogen-bonded chain in solid HF. 


HBr to HI, but the value for HF is completely out of line with the others, 

The unexpectedly high boiling point of HF arises because of the hy- 
drogen bonds formed between the F atom of one molecule and the H atom 
of another molecule. This links the molecules together as (HF),,, and they 
form zig-zag chains in both the liquid and the solid. Some hydrogen 
bonding also occurs in the gas, which consists of a mixture of cyclic (HF) 
polymers, dimeric (HF), and monomeric HF. HCl, HBr and HI are not 
hydrogen bonded in the gas and liquid, though HCI and HBr are weakly 
hydrogen bonded in the solid. 

Hydrogen bonds are generally weak (S—35kJ mol™') compared with 
normal covalent bonds (C—C 347 kJ mol^!), but their effect is highly 
significant. The most electronegative elements fluorine and oxygen (and to 
a lesser extent chlorine) form the strongest hydrogen bonds. (The bond 
energy of the hydrogen bond in F—H.. .F is 29 kJ mol^! in HF,,). 

In the gaseous state the hydrides are essentially covalent. However, 
in aqueous solutions they ionize. H* are not produced since the proton 
is transferred from HCI to H5O, thus giving [H;0]*. HCI, HBr and HI 
ionize almost completely and are therefore strong acids. HF only ionizes 
slightly and is therefore a weak acid. 


HCl + H,O — [H;0]* + CI- 


The aqueous solutions form azeotropic mixtures with maximum boiling 
points, because of a negative deviation from Raoult's law. Azeotropic 
mixtures are sometimes used as standards for volumetric analysis, because 
the azeotrope always has the same composition. 

Though HCl, HBr and HI completely ionize in water, the degree of 
ionization is much less in poorer ionizing solvents such as anhydrous acetic 
acid. HCI ionizes less than HI in glacial acetic acid as solvent. Thus in 
acetic acid, HI is the strongest acid, followed by HBr and ECI, and HF is 
the weakest. 

It is at first paradoxical that, HF is the weakest acid in water, since HF 
has a greater electronegativity difference than the other hydrides, and 
therefore has more ionic character. However, acidic strength is the ten- 
dency of hydrated molecules to form hydrogen ions: 


a 3 
HX hydrated) > Hihyaratea) + X(nyaratea) 


This may be represented in stages: dissociation, ionization and hydration 
in an energy cycle. 
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Figure 16.5 Energy cycle showing the acid strengths of the halogens. 
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The acid strength is equal to the sum of all the energy terms round the 
energy cycle in Figure 16.5. 
acid strength = enthalpy of dehydration 

+ enthalpy of dissociation 
+ ionization energy of H* 
+ electron affinity X ^ 
+ enthalpy of hydration of H* and X^ 

The factors which make HF the weakest halogen acid in water become 


apparent if the various thermodynamic terms are examined in more detail. 
The dissociation constant k for the change 


HX hydrated) = Hihyaratea) + X(nyarated) 
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Table 16.13 Energy cycle. (All values in kJ mol^!.) 
————M I! Jj L L 4 


Enthalpy Enthalpy Ionization Electron Enthalpy Total TAS AG = 
dehydration dissociation energy affinity hydration 6H (AH — TAS) 
H > H* of X E E 
H* x” 
HF 48 574 1311 —338 2210912513 —18 51 —69 
HCl 18 428 1311 =355; =1091 370 —68 56 —124 
HBr 21 363 1311 2331 —:1091:— —339. E 59 —134 
HI 23 295 1311 -302 =1091' ——394-  —167 62 —229 


is given by the equation: 
AG? = -RT Ink 


(where AG? is the Gibbs standard free energy, R the gas constant and 
T the absolute temperature). However. AG depends on the change in 
enthalpy AH and the change in entropy AS 


AG = AH — TAS 


Table 16.13 shows the enthalpy changes (AH) for the various stages in the 
above energy cycle. 

Consider first the total enthalpy change AH for the dissociation of 
HX nyare into His araica) and Xinwaratea). The AH values for the various 
halogen acids are all negative which means that energy is evolved in the 
process, so the change is thermodynamically possible. However, the value 
for HF is small compared with the values for HCl, HBr and HI. Thus HF 
is only slightly exothermic in aqueous solution whereas the others evolve 
a considerable amount of heat. 

The low total AH value for HF is the result of several factors. 


1. The enthalpies of dissociation show that the H—F bond is much 
stronger than the H—Cl. H—Br or H—I bonds. Thus the dissociation 
energy of HF is nearly twice that required to dissociate HI. (The 
strength of the HF bond is also shown by the short bond length of 1.0 Å 
compared with 1.7 À in HI.) 

2. The enthalpy of dehydration for the step HX(hydratea) > HX(gas) is 
much higher for HF than for the others. This is because of the strong 
hydrogen bonding which occurs in aqueous HF solutions. 

3. The unexpectedly low value for the electron affinity of F^ also con- 
tributes. and though the enthalpy of hydration of F` is very high. it is 
not enough to offset these other terms. 


If allowance is made for the TAS term. the AH values can be converted 

into corresponding AG values. From these the dissociation constants are 

obtained: HF k = 1077, HCI k = 10", HBr k = 10!" and HI k = 10''. 
The dissociation constants show quite clearly that HF is only very slightly 
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ionized in water, and is therefore a weak acid. In a similar way, the others 
are a!most totally dissociated, and are therefore strong acids. 

Liquid HF has been used as a non-aqueous solvent. It undergoes self- 
ionization: 


2HF = [H;F]* + F- 


Acid-base reactions occur in this solvent system. However, the solvent 
itself has a very strong tendency to donate protons. Thus when the familiar 
mineral acids HNO}, H5SO, and HCI are dissolved in HF, the mineral 
acids are forced to accept protons from the HF. Thus the so-called mineral 
acids are actually behaving as bases in this solvent. The very strong proton 
donating powers of HF mean that very few substances act as acids in HF. 
Perchloric acid is an exception, and it does behave as an acid. The only 
other known acids in liquid HF are fluoride acceptors such as SbFs, NbFs, 
AsF; and BF;. Many compounds react with HF, thus limiting its usefulness 
as a solvent. It is a useful medium for preparing fluoro complexes such as 
[SbF,]~, and fluorides. 


HALIDES 


Ionic halides 


Most halides where the metal has an oxidation state of (+1), (+II), or 
+(III) are ionic. This includes Group 1, Group 2 (except Be), the lan- 
thanides, and some of the transition metals. Most ionic halides are soluble 
in water, giving hydrated metal ions and halide ions. A few are insoluble: 
LiF, CaF, SrF?, BaF, and the chlorides, bromides and iodides of Ag(+1), 
Cu(+I), Hg(--I) and Pb(-II). The solubilities usually increase from F^ to 
Br- to Cl” to I^ (provided that they are all ionic), because the lattice 
energy decreases as the ionic radii increase. 


Molecular (covalent) halides 


Among the metals which show variable valency, the highest oxidation state 
is usually found with the fluorides. Thus osmium forms OsF,, but only 
OsCl,, OsBr, and Oslą. High oxidation states are covalent. For a metal 
with variable oxidation states, the higher oxidation states will be covalent 
and the lower ones ionic. For example, UF, is covalent and gaseous, 
whereas UF, is an ionic solid. Similarly PbCl, is covalent and PbCl, is 
ionic. Most of the more electronegative elements also form covalent 
halides, sometimes called molecular halides. A large number of these are 
hydrolysed quite readily by water: 


BCl; + 3H;0 > H;BO; + 3H* + 3Cl^ 
SiCl, + 4H;0 — Si(OH); + 4H* + 4CI^ 
PCl; + 3H;0 — H3PO; + 3H* + 3CI^ 
PCl; + 4H;0 — HPO, + 5H* + 5C17 
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Sometimes when the maximum covalency is obtained, the halides are inert 
to water. Thus CCl, and SF, are stable. This is because of kinetic rather 
than thermodynamic factors, and CCl, does hydrolyse with superheated 
steam to form phosgene COCI). Molecular halides are usually gases or 
volatile liquids. This is because there are strong bonds within the molecule, 
but only weak van der Waals forces holding the molecules together. A 
number of fluorides show multiple bonding when the central atom has 
suitable vacant orbitals. This contributes to the high strength and shortness 
of many bonds of fluorine (B—F, C—F, N—F and P—F). 


Bridging halides 


Halide bridges are sometimes formed between two atoms. (Less com- 
monly they are formed between three atoms.) Thus AICI; forms a dimeric 
structure whereas BeF, and BeCl, form infinite chains. The bridges are 
depicted as the halogen forming one normal covalent bond, and donating 
a lone pair of electrons to form a second (coordinate) bond. Both bonds 
are identical. The bridge may be described in molecular orbital terms as 
a three-centre four-electron bond. Halogen bridges involving chlorine 
and bromine are typically bent, but those involving fluorine may be either 
bent or linear. Several pentafluorides such as NbF; and TaF; form cyclic 
tetramers with linear bridges. 


Preparation of anhydrous halides 


There are several general methods for making anhydrous halides: 


Direct reaction of the elements. 


Most metals react vigorously with F», and give fluorides in the highest 
oxidation states. Some non-metals such as P and S explode. Elevated 
temperatures are usually required to prepare chlorides, bromides and 
iodides. 
2Fe + 3F; — 2FeF; 
Fe + Br; > FeBr; 
Fe + 1; > Fel; 


Reactions are easier in a solvent such as tetrahydrofuran, though the 
products are often solvated. 


Reacting the oxide with carbon and the halogen 


It is assumed that the carbon first reduces the oxide to the metal, followed 
by reaction of the metal with the halogen. 


TiO, + C + 2Cl > TiCl, + CO; 
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Reaction of metal with anbydrous HX 


Many metals will react with HF, HCl, HBr or HI gases. 
2Al + 6HCI — 2AICI, + 3H; 
Cr + 2HF — CrF, + H, 
Fe + 2HCI > FeCl, + Hy 


Reaction of oxides with halogen compounds 
Heating halogen compounds such as NH4CI, CCl;, CIF;, BrF3, S;Cl; or 
SOCI; with oxides often gives halides. 


300°C 


Sc;0; + 6NH,CI—-> 2ScCl, + 6NH; + 3H;0 


2BeO + CCI, "5, 2Bech + CO, 
3UO; + 4BrF, > 3UF, + 3BrO; + JBr; 
3NiO + 2CIF; — 3NiF; + Cl, + 140, 


Halogen exchange 


Many halides will react either with the halogens, or with excess of another 
halide and replace one halogen atom by another. Thus several metal 
fluorides such as AgF», ZnF>, CoF3, AsF3, SbF; and SbF; can be used to 
make fluorides, and also HF. 
PCI, + SbF, — PF; + SbCl, 
CoCl; + 2HF — CoF; + 2HCI 

Chlorides may be converted to iodides by treatment with KI in acetone. 
Similarly KBr can be used for bromides. 


TiCl, + 4KI > Til, + 4KCI 


Dehydrating hydrated halides 


Hydrated halides may be prepared in a variety of ways, such as dissolving 
carbonates, oxides or metals in the appropriate halogen acid. Evaporation 
gives hydrated halides. Some of these may be dehydrated simply by 
heating, or by heating in a vacuum, but oxchalides are often produced. 
Chlorides may be dehydrated by distilling with thionyl chloride. Other 
halides may be dehydrated by treatment with 2,2-dimethoxypropane. 


VCl;-6H50 + 6SOCI, + VCl + 12HCI + 6S0, 
CrF;:6H;O + 6CH3C(OCH;);CH; — CrF; + 12CH,OH + 6(CH4);CO 


HALOGEN OXIDES 


The compounds with oxygen probably show greater differences between 
the different halogens than any other class of compound. Differences 
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Table 16.14 Compounds of the halogens with oxygen (and their oxidation states) 


Oxidation (D (+IV) (+V) (+VI) (+VII) Others 
state (+1) 
Fluorides OF2(—I) OF, 
O;FX(-1) 
Oxides CLO(+I ClO: CLO, CLO, CICIO, 
ClO; 


BrO(+I) BrO, 
LO; LOs 1,0, 


between F and the others arise for the usual reasons (small size, lack of d 
orbitals and high electronegativity). In addition oxygen is less electro- 
negative than F, but more electronegative than Cl, Br and I. Thus binary 
compounds of F and O are fluorides of oxygen rather than oxides of 
fluorine. The other halogens are less electronegative than oxygen and thus 
form oxides. There is only a small difference in electronegativity between 
the halogens and oxygen, so the bonds are largely covalent. Rather sur- 
prisingly 104 and 140x are stable and ionic. 

Most of the halogen oxides are unstable, and tend to explode when 
subjected to shock, or sometimes even when exposed to light. The iodine 
oxides are the most stable, then the chlorine oxides, but the bromine 
oxides all decompose below room temperature. The higher oxidation 
states are more stable than the lower states. Of the compounds shown in 
Table 16.14, CIO;, ClO, 1,0; and OF» are the most important. 


OF; Oxygen difluoride 
OF; is a pale yellow gas, formed by passing F into dilute (2%) NaOH. 


2F; + 2NaOH — 2NaF + H;O + OF; 


OF, is a strong oxidizing agent, and has been used as a rocket fuel. It re 
acts vigorously with metals, S, P and the halogens, giving fluorides and 
oxides. It dissolves in water and gives a neutral solution, so it is not an acid 
anhydride. With NaOH it gives fluoride ions and dioxygen. 


O;F; Dioxygen difluoride 


OF; is an unstable orange- yellow solid, and is a violent oxidizing and 
fluorinating agent. It is formed by passing an electric discharge through a 
mixture of F, and O; at very low pressure and at liquid air temperature. It 
decomposes at —95°C. Its structure is similar to that of H202, except that 
the O—O bond length of 1.22 A is much shorter than the O—O distance 
of 1.48A in HO». The O—F bond lengths are 1.58 A, which is much 
longer than in OF;. OF; is made in a similar way, and apparently contains 
a chain of four oxygen atoms. OF, and O,F, have been reported. 
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CLO Dichlorine monoxide 


CI;O is a yellow—brown gas. It is commercially important. Both laboratory 
and commercial preparations are by heating freshly precipitated (yellow) 
mercuric oxide with the halogen gas diluted with dry air. 


2Cl, + 2HgO ŽS HgCl;- HgO + CLO 
ClO explodes in the presence of reducing agents, or NH, or on heating. 
3Cl;O + 10NH;— 6NH,CI + 2N; + 3H;0 


Cl,0 gas is very soluble in water (144g CI;O dissolves in 100g HO at 
—9*C), forming hypochlorous acid, and the two are in equilibrium. 


ClO + H50 = 2HOCI 
C130 dissolves in NaOH solution, forming sodium hypochlorite. 
ClO + 2NaOH — 2NaOCI + HO 


Most of the Cl,O produced is used to make hypochlorites. NaOCl is sold 
in aqueous solution. Ca(OCl) is a solid. An impure form mixed with 
Ca(OH); and CaCl is sold as ‘bleaching powder’. The latter is also made 
by passing Cl; into Ca(OH)». These are used to bleach wood pulp and 
fabrics, and as disinfectants. Some ClO is used to make chlorinated 
solvents. 

The structures of OF», CI;O and BrO are all related to a tetrahedron 
with two positions occupied by lone pairs of electrons. 


2p 


2p 


Electronic structure of ad ae 
ectronic structure o! 
oxygen atom in its 


ground state 


Electronic structure of 1s 2s 
oxygen atom having gained [n] [s] 
two electrons by forming 
bonds to two halogen atoms LL——L———3À 


four electron pairs — tetrahedral 
with two positions occupied by lone pairs 


Repulsion between the lone pairs reduces the bond angle in F;O from the 
tetrahedral angle of 109°28’ to 103° (Figure 16.6). In ClO (and presum- 
ably Br;O) the bond angle is increased because of steric crowding of the 
larger halogen atoms. 
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Figure 16.6 Bond angles in F:O, ClO and BrO. 
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CIO; Chlorine dioxide 


CIO; is a yellow gas which condenses to a deep red liquid, b.p. 11°C. In 
spite of its high reactivity (or perhaps because of this) CIO; is of com- 
mercial importance, and is the most important of the oxides. CIO; is a 
powerful oxidizing and chlorinating agent. Large quantities are used for 
bleaching wood pulp and cellulose, and for purifying drinking water. It is 
30 times as effective as chlorine in bleaching flour (to make white bread). 

CIO; liquid explodes above —40*C. The gas detonates readily when 
concentrated above 50mm Hg partial pressure. It explodes when mixed 
with reducing agents. Because of this, it is made in situ, and is used diluted 
with air or CO}. The safest laboratory preparation is from sodium chlorate 
and oxalic acid, as this automatically dilutes the gas with CO). 


H,0 90°C 


2NaClO; + 2(COOH); 2ClO; + 2CO, + (COONa);  2H;O 


The gas is made commercially from NaClQ3. It is difficult to obtain total 
production figures, since for safety reasons CIO; is produced where it is 
used, and is always diluted (for safety). An estimate is 200000 tonnes 
per year, half in the USA. A pure product is formed using SO». Using HCl 
causes contamination with Cl», but this may be unimportant or even useful 
for bleaching and sterilization. 

trace of NaCl 


2NaCIO, + SO; + H2SO,4 2CIO, + 2NaHSO, 
2HCIO; + 2HCI — 2CIO; + Cl, + 2H,0 


CIO; dissolves in water, evolving heat, and giving a dark green solution. 
This decomposes very slowly in the dark, but rapidly if illuminated. 
CIO; 2 CIO + O 
2CIO + H;O > HCI + HCIO; 


It is also used to manufacture sodium chlorite NaCIO;, which is also used 
for bleaching textiles and paper. 


2CIO, + 2NaOH + H;0; — 2NaClO, + O, + 2H;O 
Some other reactions are: 


2CIO; + 2NaOH — NaClO, + NaClO, + H;O 
2CIO; + 20; > CbO, + 20, 


The CIO; molecule is paramagnetic and contains an odd number of elec- 
trons. Odd electron molecules are generally highly reactive and CIO» is 
typical. Odd electron molecules often dimerize in order to pair the elec- 
trons, but CIO; does not. This is thought to be because the odd electron is 
delocalized. The molecule is angular with an O—CI—O angle of 118°. 
The bond lengths are both 1.47 À and are shorter than for single bonds. 
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Chlorine perchlorate Cl- ClO, 
This can be made by the following reaction at —45°C, 
CsCIO, + CIOSO;F — Cs(SO)F + CIOCIO, 


It is less stable than CIO;, and decomposes to O;, Cl; and Cl,0, at room 
temperature. 


Cl5O, Dichlorine hexoxide 


CI;O, is a dark red liquid, which freezes to give a yellow solid at —180°C. 
Cl20% is in equilibrium with the monomer CIO;, and is made from CIO; 
and Os. The structure of neither the liquid nor the solid is known. Both 
are diamagnetic, and so have no unpaired electrons. Possible structures 
are shown in Figure 16.7. 
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Figure 16.7 Possible structures of Cl;O,. 


CIO; CIO, 


CI;O, is a strong oxidizing agent and explodes on contact with grease. 
Hydrolysis of Cl;Os with water or alkali gives chlorate and perchlorate. 
Reaction with anhydrous HF is reversible. 


Cl,0, + 2NaOH — NaClO; + NaClO, + H;O 
chlorate perchlorate 
ClO, + H:O > HCIO, + HCIO, 
HOCIO, HOCIO, 


ClO, + HF = FCIO; + HCIO, 
Cl,0, + N30, — CIO; + [NO;]*[CIO,]- 


Dichlorine heptoxide ClO; 


ClO; is a colourless.oily liquid. It is moderately stable and is the only 
exothermic oxide of chlorine, but it is shock sensitive. It is made by care- 
fully dehydrating perchloric acid with phosphorus pentoxide, or H;PO, at 
—10*C, followed by distillation at -35°C and a pressure of 1 mm Hg. Its 
structure is OCI—O—-CIO;, with a bond angle of 118°36' at the central 
oxygen. It is less reactive than the lower oxides, and does not ignite 
organic materials. It reacts with water, forming perchloric acid. 
2HCIO, =S cro, 
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gure 16.8 Structure of 05. 


Oxides of bromine 


Less is known about the oxides of bromine, and they are much less im- 
portant than those of chlorine. Br;O is a dark brown liquid, prepared 
either by reacting Br; gas with HgO (in the same way as ClO is made), or 
by carefully decomposing BrO». It does not form HOBr to any appreci- 
able extent by reaction with water, but with NaOH it gives OBr . It is a 
strong oxidizing agent, and oxidizes I; to 1205. 

Bromine dioxide BrO; is a pale yellow solid. It may be prepared by the 
action of an electric discharge on Br; and Os gas at low temperature and 
pressure, or by reacting bromine and ozone at —78°C. 


Br, + 204 — 2BrO; + O: 


It is only stable below —40°C. It has a similar structure to CIO», but it is 
much less important than ClO. BrO» hydrolyses in alkaline solutions, 
giving bromide and bromate. 


6BrO, + 6NaOH — NaBr + 5NaBrO, + 3H2O 
With F; it gives FBrO;. 


Oxides of iodine 


The oxides of iodine are much more stable than those of the other ele- 
ments. lodine pentoxide 1,05 forms stable white hygroscopic crystals. It 
is formed by heating iodic acid HIO; to 170°C. 


2HIO; — 1,0; + H;O 


It is very soluble in water, and is the anhydride of iodic acid. Because it is 
hygroscopic, commercial 1,0; has usually picked up some water, and has 
the formula 1:05: HIOs. 1,0; decomposes to I, and O, on heating to 
300°C. It is also an oxidizing agent. which leads to its use analytically 
for the detection and estimation of carbon monoxide. It oxidizes CO to 
CO, quantitatively at room temperature, liberating iodine, which can be 
titrated with sodium thiosulphate. 


1,0, + SCO > SCO; +5 


This is useful in analysing gases, such as the exhaust gas from car engines 
or gases from blast furnaces, for CO. 1,0, also oxidizes H5S to SO, and 
NO to NO». With fluorinating agents such as F», BrF; or SF, it forms IFs. 


21,0; + 10F, — 4IF, + 50; 


The structure of 1,0; is shown in Figure 16.8. The solid is a three-dimen- 
sional network, with strong intermolecular I... O interactions linking 
molecules together. 

The oxides 1,04 and 1,0, are moderately stable, though less stable than 
LOs. 1,0, is a yellow hygroscopic solid, which can be made as follows: 


STANDARD REDUCTION POTENTIALS 
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2L + 30; > 1,0, 


P.O. or HyPO, (-11,0) 
BIO. e Ren 


When heated above 75°C it decomposes to I;Os. 
41,0, 61,0; + 21; + 30; 


Dehydrating HIO, with concentrated HSO, gives 1,04. When heated 
above 135°C it decomposes to 1,05. 


550, — 41,05 + h 


The structures of these oxides are not known, but 1,0, is probably 
1O* - IOs and 140x is probably pr. "(1035 )4. 


STANDARD REDUCTION POTENTIALS (VOLTS) 


Acid solution (activity of H* = 1) 


Oxidation state Á 
VII +V + yu 0 oF 
42. 
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Basic solution (activity of OH” = 1) 
Oxidation state 
+VII +V +H +1 0 EX 
i +0.33 .*. +0.66 +0.40 ,* 1.36 
cio; 72% co; 303 ao, oc ich er 
| +0.50 Es +0.88 
i +0.52 | 
"s -F0.9: +0.54 +0.46, !* +1.07 
BrO; 2 BrOz OBr~ iBraus Br 
| l +0.76 | 
+0.61 
+0. +0.14 * 0.45 +0.535 
H4IO2- D e : Or 3o; l 
| +049] 
+0.26 
* Disproportionates 
OXOACIDS 


Table 16.15 The oxoacids 


eee 


HOX HXO: HXO; HXO, 
Oxidation states (+1) (+H) (+V) (+VII) 
of the halogens 

HOF 

HOCI HCIO: HCIO: HCIO, 

HOBr HBrO; HBrO, 

HOI HIO; HIO, 


Four series of oxoacids are known (Table 16.15). The structures of the 
ions formed are shown ın Figure 16.9. All these structures are based on a 
tetrahedron. The sp? hybrid orbitals used for bonding form only weak o 
bonds, because the s and p levels differ appreciably in energy. The ions 
are stabilized by strong px-dx bonding between full 2p orbitals on oxygen 
with empty d orbitals on the halogen atoms. Even so, many of the oxoacids 
are known only in solution, or as their salts. 

Fluorine has no d orbitals, and thus cannot form pr- dx bonds. For a 
long time it was thought that F could not form any oxoacids. ]t is now 
known that HOF can be made under special conditions, but it is very 
unstable. No other oxoacids of F are known. 


OXOACIDS 
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Figure 16.9 Structures of the oxoacids. 


Hypohalous acids HOX 


The hypohalous acids HOF, HOCI, HOBr and HOI are all known, and 
the halogen has the oxidation state (+1). 

HOF is a colourless unstable gas. It was first made in 1968, using the 
matrix isolation technique. F; and H5O were trapped in an unreactive 
matrix of solid nitrogen. (This requires a very low temperature.) The 
gases were photolysed, and the HOF formed. Since this too was trapped 
in the solid nitrogen, it was unable to collide and react with any other 
molecules such as H20, F, or Os. Thus a product was obtained. More 
recently HOF has been made by passing F; over ice at 0°C, and removing 
the product into a cold trap. 

F, + HO === HOF + HF 
HOF is unstable, and decomposes on its own to HF and O». It is a strong 
oxidizing agent and oxidizes H5O to H5O» quite readily. The —OF group 
occurs in FC—OF, O;N—OF, F;S—OF and O4CI—OF and these are all 
strong oxidizing agents. HOF should be a stronger acid than HOCI. 

HOCI, HOBr and HOI are not very stable, and are known only in 
aqueous solutions. They are very weak acids, bt: they are good oxidizing 
agents especially in acidic solutions. They can be prepared by shaking the 
halogen with freshly precipitated HgO in water, for example: 

2HgO + H2O + 2Cl, > HgO-HgCl, + 2HOCI 

Hypochlorous acid is the most stable. Sodium hypochlorite NaOCl is 
well known, and is used extensively for bleaching cotton fabric, and as 
a domestic bleach (sold under various trade names: Parazone, Lanry, 
Domestos, Chlorox etc.). It is also used as a disinfectant and steriliz- 
ing agent, NaOCl! is produced commercially by electrolysing cold brine 
whilst stirring vigorously. During electrolysis hydrogen is liberated at 
the cathode. This increases the concentration of OH™ in the solution. 
The stirring mixes the Cl, formed at the anode with the OH" so they 
can react together, 


2C > Ch 
Cl, + 20H” > OCI? + Cl- + H;O 
cathode 2H* — H; 


The halogens Cl;, Br; and I; all dissolve to some extent in water, forming 
hydrated X; molecules and X^ and OX- ions. 


anode i 
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H2O + X; — X; (hydrated) 
HX + HOX 


In a saturated solution of chlorine, about two thirds exists as hydrated 
molecules, and the rest as hydrochloric and hypochlorous acids. A much 
smaller amount of HOBr and a negligible amount of HOI are formed by 
similar means. 

Dissolving the halogens in. NaOH can in principle be used to make all 
the hypohalite ions. 


X, + 2NaOH — NaX + NaOX + H;O 


However, the hypohalite ions tend to disproportionate, particularly in 
basic solutions. The rate of the disproportionation reaction increases with 
temperature. Thus when Cl; dissolves in NaOH at or below room tem- 
perature, a reasonably pure solution of NaOCI and NaCl is obtained 
However, in hot solutions (80°C) the sodium hypochlorite dispropor- 
tionates rapidly, and a good yield of sodium chlorate is obtained. 


(EU E iones Dres Y) 
3OCI —> 2X- + XO; 
Hypobromites can only be made at about O°C: at temperatures above 
50°C quantitative yields of BrO; are obtained. 


Br; + 20H- <> Br- + OBr- + H;O 
50°C 
3Br, + 60H — 5, SBr- + BrO; + 3H,O 
Hypoiodites disproportionate rapidly at all temperatures, and IO; is 
produced quantitatively. 

Thus the hypohalites all tend to disproportionate. The reduction poten- 
tials show that OBr~ and OI” are unstable to disproportionation, since 
their reduction potentials do not decrease progressively from oxidation 
state (+V) to (+I) to (0). However, the standard reduction potentials 
suggest that OCI” should just be stable under standard conditions. 


(+111) Gi mec CE) oxidation states 

HCIO, HOCI ich 
However, the values +1.65 volts and +1.61 volts are almost the same. 
These are standard potentials, measured under standard conditions. 
Differences from standard conditions of temperature and concentration 


change the potentials sufficiently for disproportionation to occur. 


* 1.65 volt 


(+1) (-D (+V) _ Oxidation states 
30cI- > 2cl- + ClO; 


hypochlorite chloride chlorate 


Halous acids HXO, 


The only halous acid known for certain is chlorous acid HCIO;. This 
only exists in solution. It is a weak acid, but is stronger than HOCI. The 


OXOACIDS 


chlorine atom exists in the oxidation state (+III). HCIO, is made by 
treating barium chlorite with H5SO,, and filtering off the BaSO,. 


Ba(ClO;); + H;S50, — 2HCIO, + BaSO, 


Salts of HCIO; are called chlorites, and are made either from CIO; and 
sodium hydroxide, or CIO; and sodium peroxide. 

2CIO; + 2NaOH — NaClO, + NaClO, + H3O 

chlorite chlorate i 

2CIO; + Na;O; — 2NaClO, + O, 
Chlorites are used as bleaches. They are stable in alkaline solution even 
when boiled, but in acid solution they disproportionate, particularly when 
heated. 


(HI) (HV) (-) oxidation states 
5HCIO; — 4CIO; + NaCl 


Halic acids HXO; 


Three halic acids are known: HCIO;, HBrO; and HIO;. The halogen has 
the oxidation state (+V). HCIO, and HBrO; are not very stable, but are 
known in solution, and as salts. HCIO, and HBrO; detonate if attempts 
are made to evaporate them to dryness. The main reaction is: 


4HCIO,; — 4CIO;»(gas) + 2H;O(gas) + O2(gas) 


In contrast, iodic acid HIO; is reasonably stable, and exists as a white 
solid. The halic acids all behave as strong oxidizing agents and strong acids. 

HIO, can be made by oxidizing I, with concentrated HNO, or O}. 
HCIO; and HBrO; are made by treating the: barium halates with H,SO,, 
and filtering off the BaSO,. 


Ba(ClO4); + H2SO0, — 2HCIO;  BaSO, 
Chlorates may be made in two ways: 


1, Passing Cl, into a hot solution of NaOH. 
2. Electrolysing hot chloride solutions that are vigorously stirred. 


Only one sixth of the chlorine is converted to CIO; , which appears very 
inefficient. However, the NaCl produced is electrolysed again, and is thus 
not wasted. 


6NaOH + 3Cl P NaClO; + 5NaCI + 3H;O 


electrolyse 


2Cl- + 2H;0 — —— Cl, + H; + 20H^ 
6NaOH + 3Cl; ———— NaClO, + 5NaCI + 3H;0 
Chlorates and bromates decompose on heating, but the way they de- 


compose is complex and is not fully understood. KCIO; may decompose 
in two different ways, depending on the temperature. 


SEN LUV] 
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1. Heating KCIO; to 400—500*C is the well known laboratory experiment 
to produce dioxygen. It also gives a trace of Cl, or CIO; (though this is 
seldom mentioned). Decomposition occurs at 150°C if a catalyst such as 
MnO; or powdered glass is present to provide a surface from which O, 
can escape. 


2KCIO; — 2KCI + 30; 
When Zn(ClO); is heated it decomposes to O, and Cl. 
2Zn(ClO;); — 2ZnO + 2Cl, + 50, 


2. In the absence of a catalyst, especially at a lower temperature, KCIO; 
tends to disproportionate to perchlorate and chloride. 


4KCIO; — 3KCIO, + KCI 


Chlorates are much more soluble than bromates and iodates. The 
iodates of Ce**, Zr**, Hf** and Th^* are precipitated from 6 M HNO3, 
and this is a useful means of separation for these metals. 

Chlorates are used to make fireworks and matches. Sodium chlorate is 
widely used as a powerful weedkiller. Its effects remain for some time, and 
it prevents growth for one growing season. Solid chlorates, bromates and 
iodates should be handled with care. Chlorates can explode on grinding, 
on heating, or if they come into contact with easily oxidized substances 
such.as organic matter or sulphur. They are particularly dangerous in the 
solid form, but are much safer in solution. Solid sodium chlorate has been 
used by terrorists in making bombs. The solid must be finely powdered (a 
dangerous process), and mixed intimately with something it can reduce, 
such as sugar. Mixing is highly dangerous. Such bombs are notoriously 
unreliable and dangerous. 


Perhalic acids HXO, 


Perchloric and periodic acids and their salts are well known. Perbromates 
were unknown until 1968, and are not common. 

World consumption of perchlorates is about 30000 tonnes per year, 
NaClO, is made by electrolysing aqueous NaClO; using smooth platinum 
anodes in a steel container which also acts as the cathode. The platinum. 
electrode gives a high oxygen overpotential, and thus prevents the elec- 
trolysis of water. 


electrolysis 


NaClO, + H:O ———- NaClO, + H, 


“All other perchlorates and perchloric acid HCIO; are made from NaCIO,. 


1. NH4CIO, is a white solid and was formerly used as a blasting compound 
in mining. it is now used in the booster rockets in the Challenger Space 
Shuttle. NH,CIO, oxidizes the fuel (Al powder). A Shuttle launch uses 
nearly 700 tonnes of NH4CIO,;, and this accounts for half the per- 


l OXOACIDS 


chlorates used. NH,CIO, will absorb sufficient ammonia to liquefy 
itself. 

. Nearly 500 tonnes of HCIO, are used annually, mostly to make other 
perchlorates. HCIO, is a colourless liquid and can be made from 
NH,CIO, and dilute nitric acid, or from NaClO, and concentrated 
hydrochloric acid. 


NH,ClO, + HNO; — HCIO, + NH;NO; 


In principle perchlorates could be made from the disproportionation of 
chlorates, but the reaction is slow and of little use. 


4CIO; — 3CIO; + CIT 


HCIO; is commercially available as 70% HCIO4, which has almost 
the composition of the dihydrate HCIO; - 2H;O. It is the only oxoacid 
of chlorine that can be isolated in the anhydrous state. It is made by 
dehydrating HCIO,-2H,O with fuming sulphuric acid, then removing 
HCIO, by vacuum distillation. 


HCIO,:2H;O0 + 2H;S,0; — HCIO, + 2H;$0, 


[S] 


HCIO, is one of the strongest acids known. The anhydrous compound is 
a powerful oxidizing agent which explodes on contact with organic 
material (wood, paper, cloth, grease, rubber or chemicals), and some- 
times on its own. The cold concentrated (70% aqueous) solution is a 
much weaker oxidizing agent. Hot concentrated solutions have been 
used for ‘wet ashing’, where all organic materials in the sample are 
oxidized to CO», leaving only the inorganic constituents for analysis. 
Alcohols must not be present since perchlorate esters are explosive. 
Often a mixture of HCIO, and HNO is used for wet ashing, since the 
HNO, oxidizes alcohols and removes this risk. 

3. Magnesium perchlorate MgCIO, is used as the electrolyte in so-called 
‘dry batteries’. It is very hygroscopic, and is a very effective desiccant 
called 'anhydrone'. K 

4. KCIO, is used in fireworks and flares. Those with a bang and flash 
usually use KCIO,, Al and S, and those that are flares have KCIO, and 
Mg. A red colour is obtained by adding some SrCO; or Li;CO, and 
CuCO. gives blue. Making fireworks is dangerous — do not attempt it! 


Virtually all metal perchlorates, except those with the larger Group 1 
ions K*, Rb* and Cs*, are soluble in water. The sparing solubility of 
KCIO, is used to detect potassium in qualitative analysis. (A solution of 
NaCIO, is added to the solution containing K*, and KCIO, is precipi- 
tated.) The CIO, ion has only a very slight tendency to form complexes 
with metal ions. Thus perchlorates are often used as an inert ion in the 
study of metal ions in aqueous solution. However, in the absence of other 
ligands, CIO; ions may act as unidentate or bidentate ligands. The per- 
chlorate ion is tetrahedral. 

For g long time efforts to make perbromates were unsuccessful, and it 
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was thought that they could not exist, until traces were obtained from f 
decay of 9SeOj-. They can be made from bromates by the action of 
powerful oxidizing agents such as F> or XeF2, or by electrolysis of an 
aqueous solution. 


KBrO; + F; + 2KOH — KBrO; + 2KF + H,O (20% yield) 
RbBrO; + XeF; + H;O— RbBrO, + 2HF + Xe (10% yield) 
LiBrO; electrolytic oxidation LiBrO, a% yield) 


Solid perbromates are stable, KBrO; is stable up to 275°C, and is isomor- 
phous with KCIO,, HBrO, is stable in solution up to a concentration of 
6M, but the concentrated acid is a vigorous oxidizing agent. In dilute 
solutions perbromates only oxidize slowly, and Cl” is not oxidized. 

Periodates can be made by oxidizing I, or I” in aqueous solution. 
Commercially they are made by oxidizing iodates in alkaline solution, 
either with Cl; or electrolytically. 


IO? + 60H- + Cl; ———=> IO + 3H50 + 2CI^ 


—2 electrons 


10; + 60H- ———C 107 + 3H;O 


The common form of periodic acid is HIO; -2H5O or HsIO;. This is called 
paraperiodic acid, and exists as white crystals which melt with decomposi- 
tion at 128.5°C. Water is lost on heating to 100°C under reduced pressure, 
yielding periodic acid HIO;. On strong heating this eventually decomposes 
losing Oz and forming 1,05. 


100°C 200°C 
2H4IO, —— 2HIO; —— LO; + O + H;0 
paraperiodic ~ 44:0 periodic iodine 
acid acid pentoxide 


Periodates are of two structural types: tetrahedral IO; and octahedral 
(OH);4IO. In aqueous solutions at room temperature, the main ion is IO, . 
The structures of periodates are much more complicated than this implies. 
A wide range of isopolyacids exist with octahedral units (based on one I 
and six O atoms), linked together by sharing the O atoms at two corners 
(that is sharing an edge of the octahedron), or sharing three corners (that 
is a face of the octahedron). 

Chemically, periodates are important as oxidants, and they will oxidize 
Mn?* to MnO;.. They are also used to oxidize organic compounds. Solu- 
tions of periodic acid are used to determine the structure of organic com- 
pounds by degradative methods. HIO, is called a glycol splitting agent 
since it splits (oxidizes) 1:2 glycols into aldehydes. 


IO; + R—CH—CH—R — R—CHO + R—CHO + IO; + H;O 


ise 
OH OH 


Strength of the oxoacids 


. INTERHALOGEN COMPOUNDS 


HCIO, is an extremely strong acid, whilst HOCI is a very weak acid. The 
dissociation of an oxoacid involves two energy terms: 


1. Breaking an O—H bond to produce a hydrogen ion and an anion. 
2. Hydrating both ions. 


Plainly the CIO; ion is larger than the OCI” ion, so the hydration 
energy of CIO; is less than that for OCI~, This would suggest that HOCI 
should ionize more readily than HCIO,. Since we know the reverse to be 
true, the reason must be the energy required to break the O—H bond. 

Oxygen is more electronegative than chlorine. In the series of oxoacids 
HOCI, HCIO;, HCIO;, HCIO,, an increasing number of oxygen atoms are 
bonded to the chlorine atom. The more oxygen atoms that are bonded, the 
more the electrons will be pulled away from the O—H bond, and the more 
this bond will be weakened. Thus HCIO, requires the least energy to 
break the O—H bond and form H*. Hence HCIO, is the strongest acid. 

In general, for any series of oxoacids, the acid with the most oxygen 
(that is the one with the highest oxidation number) is the most dissociated. 
Thus the acid strengths decrease HCIO, > HCIO; > HCIO; > HOCI. In 
exactly the same way, HSO; is a stronger acid than H5SOs, and HNO; is 
a stronger acid than HNO;. 


INTERHALOGEN COMPOUNDS 


The halogens react with each other to form interhalogen compounds. 
These are divided into four types AX, AXs, AX« and AX». 

They can all be prepared by direct reaction between the halogens, or by 
the action of a halogen on a lower interhalogen. The product formed 
depends on the conditions. 


Table 16.16 Interhalogen compounds, and their physical state at 25°C 


AX AX, AXs AX; 
CIF(g) 

colourless 

BrF(g) CIFs(g) 

pale brown colourless 

BrCl(g) BrF,(1) CIF«(g) 

red- brown pale yellow colourless 

ICI(s) (ICIy)2(s) BrF (1) IF;(g) 
ruby red bright yellow colourless colourless 
IBr(s) (IF;)(s) (unstable) IF«(I) 

black yellow colourless 


(IF)* (unstable) 


* Disproportionates rapidly into IFs and J). 


] [621] 


[622 | 


GROUP 17 - THE HALOGENS 


Cl, + F, (equal volumes) TAPENE REYON 


300°C 
Cl; + 3F; (excess F5) —— — ————  2CIF: 


I, + Ch liquid (equimolar) ——— ICI 
I; + Cl, liquid (excess Ch) ———> (ICl;)s 
Br, + F, (diluted with dinitrogen) > BrF; 


Br; + F, (excess F;) BrFs 
138 aR, (in CCHF solution at —45°C) orp 
Ls) +:5F> cus Hie 


iG) ae 250-300*C IF, 

There are never more than two different halogens in a molecule. The 
bonds are essentially covalent because of the small electronegativity 
difference, and the melting and boiling points increase as the difference in 
electronegativity increases. 

The compounds formed in the AX and AX; groups are those where the 
electronegativity difference is not too great. The higher valencies AX« and 
AX; are shown by large atoms such as Br and I associated with small atoms 
such as F. This is because it is possible to pack more small atoms round a 
large one. 

The interhalogens are generally more reactive than the halogens (except 
F»). This is because the A—X bond in interhalogens is weaker than the 
X— X bond in the halogens. The reactions of interhalogens are similar to 
those of the halogens. Hydrolysis gives halide and oxohalide ions. Note 
that the oxohalide ion is always formed from the larger halogen present. 


ICI + H:O — HCI + HOI (hypoiodous acid) 
BrF; + 3H;0 — SHF + HBrO; (bromic acid) 
Interhalogen compounds will fluorinate many metal oxides. metal halides 
and metals. 


3UO: + 4BrF; > 3UF, + 2Br; + 305 
UF, + CIF; > UF, + CIF 


AX compounds 


All six compounds can be made by controlled reaction of the elements. 
CIF is very reactive. ICI and IBr are the most stable and can be obtained 
pure at room temperature. The compounds have properties intermediate 
between those of the constituent halogens. 
CIF fluorinates many metals and non-metals: 
6CIF + 2Al-» 2AIF; + 3Cl, 
6CIF + U — UF, + 3Cl, 


6CIF + S — SF, + 3Cl; 


E INTERHALOGEN COMPOUNDS 
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It can simultaneously chlorinate and fluorinate a compound either by 
oxidizing the element or adding to a double bond. 


CIF + SF, — SF;CI 
CIF + CO — COFCI 
CIF + SO; — CISO;F 


lodine monochloride ICI is well known. It is used as Wij's reagent in the 
estimation of the iodine number of fats and oils. The iodine number is a 
measure of the number of double bonds, i.e. the degree of unsaturation of 
the fat. The ICI adds to double bonds in the fat. The ICI solution is brown 
coloured, and when it is added to an unsaturated fat the colour disappears 
until all the double bonds have reacted. The iodine number is simply the 
volume (ml) of a standard solution of ICI which reacts with a fixed weight 
of fat. 


CH=CH— + ICI — —CH—CH 


| is] 
igo 


When ICI reacts with organic compounds it often iodinates them, though 
chlorination may occur depending on the conditions. 


* ICI vapour 


AE chlorination 
salicylic acid + M ARCA 
iodination 


+ ICI in nitrobenzene 


It is thought that the attacking species is I^, since the I atoms substitute 
in positions where there is an excess of electrons. Both ICI and IBr are 
partially ionized in the fused state. Conductivity measurements show that 
ICI ionizes to the extent of about 1%. Rather than form the simple ions 
I* and CI“, the ions are solvated. 


3ICI = [I;CI]* + [ICh] 


Both ICI and IBr can be used as non-aqueous ionizing solvents. 
The interhalogens also form addition compounds with alkali halides. 
These compounds are ionic, and are called polyhalides. 


NaBr + ICI — Na* [BrlCI]- 
KI + ICI — K* [bCI]- 


AX; compounds 

The compounds CIF;, BrF;, IF; and (ICl;); can all be made by direct 
combination of the elements if the conditions are chosen with care. CIF; is 
a liquid (b.p. 11.8°C), and is commercially available. It is produced by 
direct action: 
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CUBE QOEM CIE 


or CIF + F, > CIF; 
CIF; reacts with excess Cl, forming CIF. BrF; behaves similarly. 
CIF; + Cl, > 3CIF 


IF; is only stable below —30°C, and tends to form the more stable IFs. It 
can also be made using XeF; to fluorinate I>. 


3XeF; + I; > 2IF; + 3Xe 


LCl, is easily made by adding I, solid to liquid Cl;, but on warming to 
room temperature it dissociates: 


LCl, — 2ICI + 2Cl; 


Both CIF; and BrF; are well known as covalent liquids. CIF, is one of the 
most reactive compounds known, and its properties are aggressive. It 
catches fire spontaneously with wood and most building materials — even 
asbestos. It was used in incendiary bombs in World War II. Despite the 
dangers, peace time production of CIF, runs into hundreds of tonnes per 
year. It is available in steel cylinders. It is mainly used by the nuclear 
industry for fuel processing. It is used to make gaseous UF,, which is 
useful in making enriched "^U fuel. It is also important in separating 
the fission products from spent fuel rods. Pu and most of the fission pro- 
ducts form involatile tetrafluorides like PuF,, whilst U forms volatile UF,. 


3CIF; + U — UF, + 3CIF 
4CIF, + 3Pu — 3PuF, + 2Cl; 
CIF; reacts explosively with water, stopcock grease and many organic 
compounds, including cotton and paper. It is a powerful fluorinating 
agents for inorganic compounds. 
4CIF; + 6MgO — 6MgF; + 2Cl, + 30, 
4CIF, + 2Al,0O; — 4AIF; + 2Cl + 30, 
2CIF, + 2AgCI — 2AgF, + Cl, + 2CIF 
2CIF, + 2NH; — 6HF + Cl, + Nz 
CIF, + BF; — [CIF2]* [BF,]~ 
CIF; + SbF; — [CIF;]* [SbF.]~ 
CIF; + PtF; — [CIF;]* [PtF,]~ 
CIF; can be used to fluorinate organic compounds provided it is diluted 
with dinitrogen to moderate the reaction. CIF; has been used as fuel in 
short range rockets, reacting with hydrazine. This is technically easier 


than using liquid O, or F», since the reactants can be stored without 
refrigeration, and they ignite spontaneously on mixing. 


4CIF; + 3N;H, — I2HF + 3N, + 2Cl, 


[ INTERHALOGEN COMPOUNDS 


[6 


Bromine trifluoride BrF; is a red liquid, and can be made from the 
clements at or near room temperature. It is manufactured in multi-tonne 
quantities. It is less violent in its reactions than CIF;, but it reacts in an 
analogous manner. The order of reactivity of the interhalogens is: 


CIF; > BrF; > IF; > CIF > BrF; > IF; > BrF > IF, > IF 
Like CIF}, BrF is used in nuclear processing and reprocessing to make 
UF,, and it is used to make many other fluorides. It liberates dioxygen 
quantitatively from many oxides (B204, SiO», As205, 1,0;, CuO, TiO;), 
and also from oxosalts such as carbonates and phosphates. Measuring the 
O» evolved is used as a method of analysis. 


4BrF, + 3SiO, — 3SiF, + 2Br; + 30, 
4BrF, + 3TiO, — 3TiF, + 2Br; + 30, 
The interhalogens are all potential non-aqueous ionizing solvents. BrF, 


has been more widely used as a solvent than the others. This is for three 
main reasons: 


1. It has a convenient liquid range (m.p. 8.8°C, b.p. 126°C). 

2. It is a good, but not too violent, fluorinating agent. 

3. It self-ionizes considerably, and much more than CIF;. 
2BrF; = [BrF;]* + [BrF,]~ 


Thus substances producing [BrF;]* ions are acids and [BrF,]~ ions are 
bases in this solvent. 


The structure of the AX; type of interhalogen molecule is of interest. In 
CIF;, Cl is the central atom (Figure 16.10). 


3s 3d 
Electronic structure of full 
chlorine atom — excited inner REESE 
state shell 


Three unpaired electrons form bonds with 
three fluorine atoms, plus two lone pairs, 
giving a total of five electron pairs. Shape 
trigonal bipyramid with two positions 
occupied by lone pairs 


The way to predict which of the three possible arrangements will be 
formed is described in Chapter 4. 

A structural study of CIF; by microwave spectroscopy shows that the 
molecule is T-shaped, with bond angles of 87°40’. This is close to 90°, and 
suggests structure 3. The distortion from 90° is because of repulsion 
between the lone pairs. Note that two of the bond lengths are the same 
and are different from the third. This is to be expected because a trigonal 
bipyramid is not a regular shape. Equatorial bonds (those in the triangle) 
are different from apical bonds (those pointing up and down). The X-ray 
structure of crystalline CIF; shows that the molecule is T-shaped, with a 
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Figure 16.11 Structure of. 
LCl,. 


ES 
^" 
^" 


.. F 
a) (2) (3) 


Figure 16.10 Possible structures for chlorine trifluoride CIF;. 


bond angle of 87°0’ and bond lengths 1.716A and 1.621 A. The structure 
of BrF; (by microwave) is also T-shaped, with a bond angle of 86°12’ and 
bond lengths of 1.810A and 1.721 A. 

ICI, does not exist, but the dimer L;Cl, is a bright yellow solid. Its 
structure (Figure 16.11) is planar. The terminal I—CI bonds are normal 
single bonds of length 2.38 A and 2.39 A. The bridging I—CI bonds are 
appreciably longer (2.68 A and 2.72 A), suggesting delocalized bonding 
rather than simple halogen bridges formed by coordinate bonds from CI 
to I. The liquid has an appreciable electrical conductivity, due to self- 
ionization: 


LCi, = [ICt5]* + [ICL]" 


It has been less studied as an ionizing solvent than the others because the 
gas decomposes into IC] and Cla. 


AX; compounds 


Three compounds are known: CIF;, BrF; and IFs. CIF; and BrFs react 
extremely vigorously, but they are exceeded in violence by CIF;. (See the 
order of reactivity given earlier.) IF; is a little less reactive, and unlike the 
others it can be used in glass apparatus. Production is several hundred 
tonnes per year. They fluorinate many compounds, react explosively with 
water, attack silicates, and form polyhalides. 

CIF; + 2H2O — FCIO, + 4HF 

BrF,  3H;O — HBrO, + SHF 

2BrF; + SiO; > SiF, + 2BrF, + O; 

BrF, + CsF — Cs*[BrF,]~ 
IFs + Kl — K* [IF,]- 


Liquid IF; self-ionizes, and therefore conducts electricity. 


QF sis IR] a= DES 
The AX; compounds all have structures based on a square based pyramid, 
that is octahedral with one position unoccupied. The central atom is dis- 
placed slightly below the plane. The structure may be understood by 
considering IFs. I is the central atom in the molecule (Figure 16.12). 


| POLYHALIDES 
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five unpaired electrons form bonds with 
five fluorine atoms, plus one lone pair 
giving a total of six electron pairs 
structure is octahedral with one position 
occupied by a lone pair (alternatively 
described as square based pyramid) 


full 
inner 
shell 


Electronic structure of 
iodine atom — excited 
state 


Rather surprisingly, IF; reacts with the xenon halides, forming adducts 
XeF>:2IFs and XeF,- IFs. 


AX, compounds 
IF; is formed by direct combination of the elements at 250-300°C, by 
heating IF; with F», or by treating iodides with F. 
KI + 4F, — IF; + KF 
Pdl, + 8F, — 2IF; + PdF, 
IF; is a violent fluorinating agent, and reacts with most elements. It also 
reacts with water, SiO» and CsF. 
IF; + H20 — IOFs + 2HF 
2IF; + SiO; — 2IOF; + SiF; 
IF; + CsF — Cs* [IF] 
The structure of IF; is unusual — a pentagonal bipyramid (Figure 16.13). 


It is probably the only known example of a non-transition element using 
three d orbitals for bonding. 


Electronic structure of full 

iodine atom — excited inner 

state shell 
seven unpaired electrons form bonds with 
seven fluorine atoms 
seven pairs of electrons form a pentagonal 
bipyramid ` 

POLYHALIDES 


Halide ions often react with molecules of halogens or interhalogens and 
form polyhalide ions. Iodine is only slightly soluble in water (0.34 g17). 
Its solubility is greatly increased if some iodide ions are present in the 
solution. The increase in solubility is due to the formation of a polyhalide 
ion, in this case the triiodide ion I5 . This is stable both in aqueous solution 


and in ionic crystals. 


F F 


Figure 16.12 Structure of IFs. 


F 


F 
Figure 16.13 Structure of IF). 
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gure 16.14 Structure of [IC] 
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The I-I distances in [Me4N]^[I]- are 2.92 À. If the bond length of 
2.66 À in I; is taken as a normal single bond, the bonds in I3 are very 
weak, and the VSEPR theory provides no explanation why. The molecular 
orbital approach is more helpful. Assuming that bonding in I5 arises from 
singly occupied Sp, orbitals on two I atoms and a full 5p. orbital on I~ 
then there are three atomic orbitals involved. Thus three molecular orbitals 
are formed, one bonding, one non-bonding and one antibonding. There 
are 4 electrons, and 2 occupy the bonding MO and 2 occupy the non- 
bonding MO, This gives one bond, spread over two positions, i.e. a bond 
order of 0.5, and explains the very long bonds. 

More complex ions such as pentaiodide I5 , heptaiodide I7 and enneaio- 
dide Ij; have also been prepared. Crystalline compounds containing the 
larger polyiodide ions generally contain large metal ions such as Cs” or 
large complex cations such as R4N*. This is because a large anion together 
with a large cation give a high coordination number and hence a high 
lattice energy. Polyhalides such as KI;-H2O, RbI;, NH,Is, [((C2Hs) aN] 
and Rbly-2C,H, may be formed by the direct addition of I; to I”, either 
with or without a solvent. 

The Br; ion is much less stable and less common than I5. A few un- 
stable Cl; compounds are known, and the ion is formed in concentrated 
solution. No F3 compounds are known. 

Many polyhalides are known which contain two or three different 
halogens, for example K[ICl;], K[ICI;]. Cs[IBrF] and K[IBrCI]. These 
are formed from interhalogens and metal halides. 


ICI + KCl. > K*[ICL]- 
ICl + KCI > K*[ICL]^ 
IF, + CsF > Cs*[IF,]^ 
ICI + KBr — K*[BrICl]~ 


Polyhalides are typical ionic compounds (crystalline, stable and soluble 
in water, conduct electricity when in solution), though they tend to de- 
compose on heating. The products of the decomposition (that is which 
halogen remains attached to the metal) are governed by the lattice energy 
of the products. The lattice energy of the alkali metal halides is highest 
for the smaller halide ions, so the smaller halogen remains bonded to the 
metal. 
heat 


Cs[I,]—=> CsI + I, 
Rb[ICI.] "> RbCI + ICI 
The structures of the polyhalides are known. The trihalides K{Is], 
K[ICI] and Cs[IBrF] all contain a linear trihalide ion. This may be ex- 
plained by considering the orbitals used. For example, see [ICl.]~ 
Figure 16.14. 


BASIC PROPERTIES OF THE HALOGENS 
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Structure of iodine having formed 
one- covalent and one coordinate 


bond in [ICI] 
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five electron pairs — trigonal bipyramid with Ct Ct 
three positions occupied by lone pairs 


shell 


Similarly the structures of the pentahalide ions [ICl;]- and [BrF;]- are 
square planar (see Figure 16.15). Figure 16.15 Structure of [ICI] 


ion. (The structure of the [Is] 
ion is different.) 


Electronic structure of full 
iodine atom — excited inner 
state shell 


Structure of iodine having formed 
three covalent and one coordinate [n] 


bonds in [ICI] 


v re nare 


six electron pairs — octahedral shape 
with two positions occupied by lone pairs 


BASIC PROPERTIES OF THE HALOGENS 


Elements typically become more metallic or basic on descending a main 
group. Thus in Groups 14, 15 and 16 the first elements C, N and O are 
non-metals, but the heavier members Sn, Pb, Bi and Po are metals. 
Metallic properties decrease on crossing a period. Little is known about 
astatine, though it would be expected to show more tendency to form 
cations than the other members of the group. Thus the trend to metallic 
properties is less obvious in Group 17. The increasing stability of positive 
ions indicates an increasing tendency to basic or metallic character. It must 
be emphasized that iodine is not a metal. 

Fluorine is the most electronegative element and has no basic properties 
(that is, it has no tendency to form positive ions). 

Iodine dissolves in oleum and other strongly oxidizing solvents, forming 
bright blue solutions which are paramagnetic. For a long time these solu- 
tions were thought to contain I*, but they are now known to contain the 
[I,]* cation. (The Group 16 elements S, Se and Te behave in a similar 
way. Thus S dissolves, forming blue coloured paramagnetic solutions 
containing various [S,]^* cations such as [S4]^*. [S]^" and [S,,]?*.) 
[Br;]* is also formed in oleum and is bright red coloured and paramag- 


netic. [Cl;] * 


has been observed spectroscopically in discharge tubes. 


Several crystalline compounds containing [LI;]* or [Br;]* have been 


prepared. 
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SO; solvent 


21, + 5SbF; SENS [T,]*[Sb;Fi]"  SbFs 
21, + S:09F 9*5 op] [SOF] -ES [L] 2[S03F]- 


Br; + SbF; 25 [Br] [SbsFis]- 


The bond length in the [Br;] * cation is 2.15 À compared with 2.27 Á in 
Br>. The bond in the cation is shorter and stronger than in the element, 
and shows that the electron removed came from an antibonding orbital. 
In a similar way the bond in [;] ^ is stronger than in D. 

Many other compounds containing cations such as [Cl;] *. [Bra] ^. [h]". 
[Brs]* and [I;]* have been prepared. 

Cl; + CIF; + AsFs — [Cl] [AsF,]" + F2 
Br; + BrF, + AsF; — [Br;]*[AsE;] + F2 
I; + ICI + AICI; > [I] [AIC] 
2L, + ICI + AICI, — [Is] * [AIC] 

The structures of several compounds containing the cationic halogen 
ions [Br3]* and [I,]* have been established by X-ray crystallography or 
Raman spectroscopy. These ions are always bent, in contrast to the 
triiodide ion [I5] which is linear. The structures of the other ions are 
not known with certainty. A compound 1,SO;F has been reported (as 
a maximum on a phase diagram). It is a black solid but it is not known 
whether it contains [E]. 

Positive bromine also exists in other complexes such as Br(pyridine);NO; 
and BrF;. These ionize and give: 

Br(pyridine)»NO, = [Br(pyridine);]* + NO; 
2BrF, = [BrF;]* + [BrFs]~ 

Complexes containing positive iodine are more numerous. ICI and IBr 


both conduct electricity when molten. Electrolysis of ICI liberates I, and 
Cl; at both electrodes. This is consistent with the following ionization: 


3ICI = [bCl]* + [ICh] 
Molten ICN behaves in a similar way to ICI. 
3ICN = [LCN]* + [I(CN)2]}> in melt 


However, electrolysis of ICI dissolved in pyridine gives Iz only at the 
cathode. This suggests the more simple type of ionization: 


pyridine 


21C] P= [A(pyridine)2]* + [ICl;]" 


The addition of AICI; to a melt of ICI greatly increases its conductivity. 
and is explained by the formation of complex ions: 


AICI, + 2ICI > [ECI]* + [AICLu]" 
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ICI behaves as an electrophilic iodinating agent. It converts acetanilide 
to 4-iodoacetanilide, and salicylic acid to 3,5-diiodosalicylic acid. Because 
the attacked sites have an electron excess, the iodine must be positive. 

If a solution of iodine in an inert solvent is passed down a cationic ion- 
exchange column, some iodine is retained in the resin. 


H'Resin + h — I'Resin + HI 


The positive ion retained may be eluted with KI: to estimate the amount 
of I”, or it may be allowed to react with various reagents. 


I*Resin. + KI > I, + K*Resin™ 
I*Resin” + anhydrous H,SO, — 1,80, + H* Resin 
I* Resin” + alcoholic HNO, — INO; + H*Resin~ 
I” reacts with OH” in aqueous solutions. 


I* + OH” > HOI 
2HOI + OI > 10; + 2I + 2H* 


For this reason I* will only exist in water if it is stabilized by coordination 
to some other molecule. A large number of compounds are known which 
contain I* stabilized in a complex ion. Many pyridine complexes are 
known such as [I(pyridine);]NO:. [I(pyridine)>]ClO,, [I(pyridine)Jacetate 
and [Kpyridine)]benzoate. 

Molten ICI, has a high conductivity (8.4 x 10^ ^ohm 'cm '). When 
ICI, is electrolysed both I; and Cl, are liberated at both electrodes. This 
suggests ionization: 


ACh = [IC] * + [IG] 


Treatment of I; with fuming HNO, and acetic anhydride gives the ionic 
compound l(acetate)i. If a saturated solution of l(acetate), in acetic 
anhydride is electrolysed using silver electrodes, one equivalent of Agl is 
formed at the cathode for every three Faradays of electricity passed. This 
would seem to indicate ionization giving P*: 


I(acetate); = P* + 3(acetate" ) 


There is no structural evidence for the presence of I^*. Other ionic com- 
pounds which may contain I** are iodine phosphate IPO, and iodine 
fluosulphonate I(SO3F);. 


PSEUDOHALOGENS AND PSEUDOHALIDES 


A few ions are known, consisting of two or more atoms of which at least 
one is N, that have properties similar to those of the halide ions. They 
are therefore called pseudohalide ions. Pseudohalide ions are univalent, 
and these form salts resembling the halide salts. For example, the sodium 
salts are soluble in water, but the silver salts are insoluble. The hydrogen 
compounds are acids like the halogen acids HX. Some of the pseudohalide 
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Table 16.17 The important pseudohalogens 


Anion Acid Dimer 
CN' cyanide ion HCN hydrogen cyanide (CN). cyanogen 
_ SCN- thiocyanate ion HSCN thiocyanic acid (SCN)2 thiocyanogen 
SeCN™ selenocyanate ion (SeCN)> selenocyanogen 
OCN- cyanate ion HOCN cyanic acid 
NCN?> cyanamide ion H3NCN cyanamide 
ONC- fulminate ion HONC fulminic acid 
Ny azide ion HN, hydrogen azide 


Ea 


ions combine to form dimers comparable with the halogen molecules X;. 
These include cyanogen (CN)>, thiocyanogen (SCN). and selenocyanogen 
(SeCN)>. 

The best known pseudohalide is CN ^. This resembles Cl”, Br and 
I” in the following respects: 


It forms an acid HCN. 

It can be oxidized to form a molecule cyanogen (CN)». 

It forms insoluble salts with Ag*. Pb^* and Hg”. 
‘Interpseudohalogen’ compounds CICN, BrCN and ICN can be formed. 
AgCN is insoluble in water but soluble in ammonia, as is AgCl. 

It forms a large number of complexes similar to halide complexes, 
e.g. [Cu(CN) 3]? and [CuCl]. and [Co(CN),]?- and [CoCl,}*~ 
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PROBLEMS 


1. Describe how fluorine is produced, the apparatus used and any pre- 
cautions you consider necessary. Is elemental fluorine widely used in 


reactions? 


[S 


Why is it not possible to obtain F» by electrolysis of aqueous NaF, 
aqueous HF or anhydrous HF? 


3. What fluorinating agents are often used instead of F5? Give equations 
to show their use. 


4. What are the main uses of fluorine? 


5. Write balanced equations to show the reactions between HF and 
'(a) SiO». (b) CaO, (c) KF. (d) CCl;. (e) U, (f) graphite. 
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10. 


1. 


12. 


13. 
14. 


15. 


16. 


17. 


18. 


. What are the common sources of chlorine, bromine and iodine in 


salts? Where do they occur and how are the elements extracted from 
the appropriate salts? 


. What are the main uses of Cl? 


Give equations to show how the halogen acids HF, HCl, HBr and 
HI may be prepared in aqueous solution. Why is HF a weak acid 
compared with HI in water? 


HCl) can be prepared from NaCl and H;SO.;. HBr) and Hl, 
cannot be made in a similar way from NaBr and Nal. Explain why this 
is so. 


Write equations for the reactions between Cl; and (a) H2, (b) CO, 
(c) P, (d) S, (e) SO», (f) Bra). (g) NaOH. 


Explain what happens when an aqueous solution of AgNO; is added 
to solutions of NaF, NaCl, NaBr and Nal. What change (if any) occurs 
when ammonia is added to each of these mixtures? 


(a) Draw the structures of OF, ClO, OF; and 1,0s. 

(b) Explain the bond angle in OF; and give a reason why it is different 
in CO. 

(c) Why are the O—F bonds in O;F; longer than in OF,, whereas the 
O—O bond in O;F; is short compared with that in H;0;? 


Describe the preparation and an analytical use of 1:05. 


(a) Give the names of four different types of oxoacid of the halogens 
and give the formula of either an acid or a salt derived from the 
acid for each type. 

(b) Describe the preparation of the following compounds and give 
one use of each: NaOCl, NaCIO;, NaClO;, HIO,. 


Iodine is almost insoluble in water, but it dissolves readily in an 
aqueous solution of KI. Explain why this is so. 


(a) Explain the shape of the I5 '* ion. 
(b) Explain why solid Cs; is stable but solid Nal; is not. 


(a) Give the formulae of 11 interhalogen compounds. 
(b) Draw the shapes of the following molecules and ions, showing the 
positions of the lone pairs of electrons: 


CIF, BrF3, IFs, IE;, I3. ICl; and I5. 


List differences between the chemistry of fluorine and the other 
halogens and give reasons for these differences. 


Group 18 - the noble gases 


Table 17.1 Electronic structures 


Element Symbol Electronic structure 
Helium He Is? 

Neon Ne [He] 2s 2p^ 

Argon Ar [Ne] 3s 3p" 

Krypton Kr [Ar] 3d" 4s? 4p' 
Xenon Xe [Kr] 4d" Ss? Sp" 
Radon Rn [Xe] 4f" sd" 6y 6p" 


NAME OF GROUP AND THEIR ELECTRONIC STRUCTURES 


The elements of Group 18 have been called ‘the inert gases’ and ‘the rare 
gases’. Both are misnomers, since the discovery of the xenon fluorides in 
1962 shows that xenon is not inert, and argon makes up 0.9% by volume 
of the atmosphere. The name ‘noble gases’ implies that they tend to be 
unreactive, in the same way that the noble metals are often reluctant to 
react and are the least reactive metals. 

Helium has two electrons which form a complete shell 1s". The other 
noble gases have a closed octet of electrons in their outer shell ns^np^. This 
electronic configuration is very stable and is related to their chemical 
inactivity. These atoms haye an electron affinity of zero (or slightly nega- 
tive), and have very high ionization energies — higher than any other 
elements. Under normal conditions the noble gas atoms have little ten- 
dency to gain or lose electrons. Thus they have little tendency to form 
bonds. and so they exist as single atoms, 


OCCURRENCE AND RECOVERY OF THE ELEMENTS 


The gases He, Ne, Ar, Kr and Xe all occur in the atmosphere. A mixture 
of the noble gases was first obtained by Cavendish in 1784. Cavendish 
removed N; from air by adding excess Oz and sparking. The NO; formed 
was absorbed in NaOH solution. The excess O, was removed by burning 

continued overleaf 
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with S, and absorbing the SO; in NaOH solution. This gave a small volume 
of unreactive gas. 

Ar is quite abundant and can be recovered by fractional distillation of 
liquid air (see under ‘Nitrogen’, Chapter 14). Ar constitutes 0.93% by 
volume of air (i.e. 9300 ppm). It originates in the air mostly from electron 
capture (B+ decay) of potassium: 

UK + Ye — Ar 
World production of Ar is over 700000 tonnes/year. 

The other noble gases are much less abundant. The abundance of He in 
the atmosphere is only about 5ppm by volume and recovery from air 
would be very expensive. A cheaper source is from natural gas deposits, 
where the hydrocarbons are liquified, leaving He gas. The He has been 
produced by radioactive decay, and trapped underground. The richest 
source is in southwest USA, where the natural gas contains 0.5-0.8% He. 
This provides most of the world's supply of He. Other natural gas deposits 
containing appreciable amounts of He-have been found in Algeria, Poland, 
the USSR and Canada. World production was 18800 tonnes in 1993. 

The non-radioactive noble gases are all produced industrially by frac- 
tional distillation of liquid air. This gives large amounts of dinitrogen and 
dioxygen, and only a small amount of the noble gases. (The dioxygen is 
mainly used for steel making.) Of the noble gases, Ar is obtained in the 
largest amounts, and it is the cheapest. 

Rn is radioactive and is produced by the decay of radium and thorium 
minerals. A convenient source is "^Ra, and 100g of radium yields about 
2 ml of radon per day: 

26Ra — "Rn 3He 
The most stable isotope ™?Rn is itself a active and has a half life of only 3.8 
days, so only tracer studies have been made. 


USES OF THE ELEMENTS 


The largest use of Ar is to provide an inert atmosphere for metallurgical 
processes. This includes welding stainless steel. titanium, magnesium and 
aluminium, and in the production of titanium (Kroll and IMI processes). 
Smaller amounts are used in growing silicon and germanium crystals for 
transistors. and in electric light bulbs, fluorescent lamps, radio valves and 
Geiger- Müller radiation counters. 

Helium has the lowest boiling point of any liquid, and it is used in 
cryoscopy to obtain the very low temperatures required for superconduc- 
tivity, and lasers. It is used as the cooling gas in one type of gas cooled 
nuclear reactor. and as the flow-gas in gas-liquid chromatography. It is 
also used in weather balloons and airships. Though H has a lower density 
and is cheaper and more readily available than He. Hz is highly flammable. 
Thus on safety grounds He is used in preference to Hz in airships. He is 


much less dense than air. One cubic metre of He gas at atmospheric 
continued overleaf 
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pressure can lift 1 kg. Helium is used in preference to dinitrogen to dilute 
dioxygen in the gas cylinders used by divers. This is because dinitrogen is 
quite soluble in blood, so a sudden change in pressure causes degassing 
and gives bubbles of N; in the blood. This causes the painful (or fatal) 
condition called ‘bends’. Helium is only slightly soluble so the risk of 
| ‘bends’ is reduced. 

Small amounts of Ne are used in neon discharge tubes which give the 
| familiar reddish orange glow of ‘neon’ signs. The other gases are also used 
| in discharge tubes to give different colours. 


PHYSICAL PROPERTIES 


The elements are all colourless, odourless monatomic gases. The enthalpy 
of vaporization is a measure of the forces holding the atoms together. The 
values are very low because the only forces between the atoms are very 
weak van der Waals forces. The enthalpy of vaporization increases down 
the group as the polarizability of the atoms increases. 


Table 17.2 Physical properties of the noble gases 


First Enthalpy of Melting Boiling Atomic Abundance in 
ionization vaporization point point radii atmosphere 
energy 
(kJ mol!) (kJ mol”) (C) (°C) (À) (? volume) 
He 2372 0.08 —269.0 1.20 Sax 1024 
Ne 2080 zn —248.6  —2460 1.60 1.5 x 107* 
Ar 1521 6.5 —189.4  —186.0 1.91 0.93 
Kr 1351 9.1 IST 53:6 2,00 1.1 x 107* 
Xe 1170 12.7 -HLbS 0-108. 2.20 8.7 x 107^ 


Rn 1037 18.1 -71 -62 


Because the interatomic forces are very weak. the melting points and 
boiling points are also very low. The boiling point of He is the lowest of 
any element, only four degrees above absolute zero. 

The atomic radii of the elements are all very large. and increase on 
descending the group. It must be noted that these are non-bonded radii, 
and should be compared with the van der Waals radii of other elements 
rather than with covalent (bonded) radii. 

The noble gases are all able to diffuse through glass, rubber and plastic 
materials, and some metals. This makes them difficult to handle in the 
laboratory. particularly since glass Dewar flasks cannot be used for low 


temperature work. 


SPECIAL PROPERTIES OF HELIUM 


Helium is unique. It has the lowest boiling point of any substance known, 
All other elements become solids on cooling. but cooling only produces 
helium liquid. It only forms a solid under high pressure (about 25 atmos- 
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pheres). There are two different liquid phases. Helium I is a normal liquid, 
but helium II is a superfluid. A superfluid is a most unusual state of matter. 
Normally atoms are free to move in a gas, can move in a more restricted 
way in a liquid, and can only vibrate about fixed positions in a solid. As the 
temperature decreases, the amount of thermal motion of atoms decreases, 
and gases become liquids, and eventually solids. When the temperature of 
helium gas is lowered to 4.2K it liquifies as helium I. Rather surprisingly 
the liquid continues to boil vigorously. At 2.2 K, the liquid suddenly stops 
boiling (which with normal materials is when a solid is formed). In this case 
helium II is formed. This is still a liquid because the interatomic forces are 
not strong enough to form a solid, but thermal motion of the atoms has 
actually stopped. Helium I is a normal liquid, and when it changes to 
helium II at the A-point temperature, many physical properties change 
abruptly. The specific heat changes by a factor of 10. The thermal conduc- 
tivity increases by 10° and becomes 800 times greater than for copper. It 
becomes a superconductor (i.e. shows zero electrical resistance). The 
viscosity becomes effectively zero and 1/100th of that of gaseous hydrogen. 
It spreads to cover all surfaces at temperatures below the X-point. Thus the 
liquid can actually flow up the sides of the vessel and over the edge until the 
levels on both sides are the same. The surface tension and compressibility 
are also anomalous. 


CHEMICAL PROPERTIES OF THE NOBLE GASES 


The noble gases were isolated and discovered because of their lack of 
reactivity. For a long time it was thought that they really were chemically 
inert. Before 1962, the only evidence for compound formation by the 
noble gases was some molecular ions formed in discharge tubes, and 
clathrate compounds. 


Molecular ions formed under excited conditions 


Several molecular ions such as Hey, HeH*. HeH^* and Ar? are formed 
under high energy conditions in discharge tubes. They only survive mo- 
mentarily and are detected spectroscopically, Neutral molecules such as 
He; are unstable. 


Clathrate compounds 


Clathrate compounds of the noble gases are well known. Normal chemical 
compounds have ionic or covalent bonds. However, in the clathrates 
atoms or molecules of the appropriate size are trapped in cavities in the 
crystal lattice of other compounds. Though the gases are trapped, they do 
not form bonds. 

If an aqueous solütion of quinol (1,4-dihydroxybenzene) is crystallized 
under a pressure of 10—40 atmospheres of Ar, Kr or Xe, the gas becomes 
trapped in cavities of about 4A diameter in the B-quinol structure. When 


CHEMISTRY OF XENON 


the clathrate is dissolved, the hydrogen bonded arrangement of B-quinol 
breaks down and the noble gas escapes. Other small molecules such as O3, 
SO», H2S, MeCN and CH30H form clathrates as well as Ar, Kr and Xe. 
The smaller noble gases He and Ne do not form clathrate compounds 
because the gas atoms are small enough to escape from the cavities. The 
composition of these clathrate compounds corresponds to 3 quinol: 1 
trapped molecule, though normally all the cavities are not filled 

The gases Ar, Kr and Xe may be trapped in cavities in a similar way 
when water is frozen under a high pressure of the gas. These are clathrate 
compounds, but are more commonly called ‘the noble gas hydrates’. They 
have formulae approximating to 6H2O:1 gas atom. He and Ne are not 
trapped because they are too small. The heavier noble gases can also be 
trapped in cavities in synthetic zeolites, and samples have been obtained 
containing up to 20% of Ar by weight. Clathrates provide:a convenient 
means of storing radioactive isotopes of Kr and Xe produced in nuclear 
reactors. 


CHEMISTRY OF XENON 


The first real compound of the noble gases was made in 1962. Bartlett and 
Lohman had previously used the highly oxidizing compound platinum 
hexafluoride to oxidize dioxygen. 


PIF, + Oz — OF [PtF,]- 


The first ionization energy for O; > Ož is 1165 kJ mol~!, which is almost 
the same as the value of 1170kJ mol"! for Xe > Xe*. It was predicted 
that xenon should react with PtF,. Experiments showed that when deep 
red PtF, vapour was mixed with an equal volume of Xe, the gases com- 
bined immediately at room temperature to produce a yellow solid. They 
(incorrectly) thought the product obtained was xenon hexafluoropla- 
tinate(V), Xe*[PtF,]~. The reaction has since been shown to be more 
complicated, and the product is really [XeF] *[PtoF,,] 

Xe[PtE,]  PtF, 5 [XeF]*[PtF,]- + PrF; "€ Dxer]^[pcF,, | 

Soon after this it was found that Xe and F, reacted at 400°C to give 
a colourless volatile solid XeF,. This has the same number of valency 
electrons as, and is isostructural with, the polyhalide ion [ICI,]^. Follow- 
ing these discoveries there was a rapid extension of the chemistry of the 
noble gases, and in particular of xenon. 

The ionization energies of He, Ne and Ar are much higher than for Xe, 
and are too high to allow the formation of similar compounds. The ion- 
ization energy for Kr is a little lower than for Xe, and Kr does form KrF;. 
The ionization energy of Rn is less than for Xe, and Rn might be expected 
to form compounds similar to those of Xe. Rn is radioactive, has no stable 
isotopes, and all the isotopes have short half lives. This has limited work 
on radon compounds, and only RnF; and a few complexes are known. 
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Table 17.3 Structures of some xenon compounds 


A el 


Formula Name Oxidation | m.p. (^C) Structure 
state 

XeF; xenon difluoride (1I) :129 linear 
(RnF; and XeCl; 
are similar) 

XeF,y xenon tetrafluoride (+IV) 117 square planar 
(XeCl, is similar) 

XeFg xenon hexafluoride ¢+VI) 49.6 distorted octahedron 

XeO; xenon trioxide (* VD explodes pyramidal 
(tetrahedral 


with one corner 
unoccupied) 

XeO;F; (*- VI) 30.8 trigonal bipyramid 
(with one position 
unoccupied) 

XeOF, (+VII) - -46 square pyramidal 
(octahedral with one 
position unoccupied) 


XeO, xenon tetroxide (+VII) —35.9 tetrahedral 
XeO3F> , (+VII) —54.  trigonal bipyramid 
Ba,[XeO,]*~ barium perxenate (XVIII) dec. 300 octahedral 


Xe reacts directly only with Fz. However, oxygen compounds can be 
obtained from the fluorides. There is some evidence for the existence of 
XeCl; and XeCl,, and one compound is known with a Xe—N bond. Thus 
there is quite an extensive chemistry of Xe. The principal compounds are 
listed in Table 17.3. 

Xenon reacts directly with fluorine when the gases are heated at 400°C 
in a sealed nickel vessel, and the products depend on the F;/Xe ratio. 


2:1 mixture > XeF; 
7 
Xe + F — 1:5 mixture > XeF, 


N 
1:20 mixture > XeF, 


The compounds XeF;, XeF; and XeF, are all white solids. They can be 
sublimed at room temperature, and can be stored indefinitely in nickel or 
Monel containers. The lower fluorides form higher fluorides when heated 
with F> under pressure. The fluorides are all extremely strong oxidizing 
and fluorinating agents. They react quantitatively with hydrogen as 
follows: 


XeF, + Hə — 2HF + Xe 
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XeF, + 2H; > 4HF + Xe 
XeF, + 3H;  6HF + Xe 


They oxidize CI^ to Cb, I~ to I; and cerium(III) to cerium(IV): 


XeF, + 2HCI > 2HF + Xe + Cl; 
XeF,; + 4KI > 4KF + Xe + 21, 
SOj” + XeF, + Cel (SO), > 2Ce!Y(SO;); + Xe + F; 
They fluorinate compounds: 
XeF,  28F, — Xe + 2SF, 
XeF, + Pt— Xe + PtF, 
XeF; is now commercially available and is quite widely used in synthetic 
organic chemistry. It can oxidize and fluorinate the ‘hetero element’ in an 
organometallic compound, but does not attack the alkyl or aryl groups. 
CHyI + XeF; > CH3IF, + Xe 
C&HsI + XeF; — CyHsIF + Xe 
(C6Hs)28 + XeF; — (CoHs)2SF, + Xe 
If XeF, is mixed with anhydrous HF its reactivity is greatly increased, 
possibly due to the formation of XeF*. 
Pt + 3XeF;//HF — PtF, + 3Xe 
Sg + 24XeF;/HF — 8SF, + 24Xe 
CrF; + XeF,/HF > CrF; + Xe > CrF, + Xe 
MoO; + 3XeF;/HF — MoF, + 3Xe + 140, 
Mo(CO), + 3XeE;/HF — MoF, + 3Xe + 6CO 


The fluorides differ in their reactivity with water. XeF; is soluble in water, 
but undergoes slow hydrolysis. Hydrolysis is more rapid with alkali. 
2XeF; + 2H;0 > 2Xe + 4HF + Oz 


XeF, reacts violently with water, giving xenon trioxide XeO;. 
3XeF, + 6H;0 — 2Xe + XeO; + 12HF + 140, 


XeF, also reacts violently with water, but slow hydrolysis by atmospheric 
moisture gives the highly explosive solid XeO;. 


XeF, + 6H;O — XeO; + 6HF 


With small quantities of water, partial hydrolysis occurs, giving a colour- 
less liquid xenon oxofluoride XeOF,. The same product is formed when 


XeF, reacts with silica or glass: 
XeF, + H;O — XeOF, + 2HF 
2XeF + SiO; — XeOF, + SiF, 
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XeO, is an explosive white hygroscopic solid. It reacts with XeF, and 
XeOF,. 


XeO; + 2XeF, — 3XeOF, 
XeO; + XeOF, — 2XeO;F; 


XeO; is soluble in water, but does not ionize. However, in alkaline solu- 
tion above pH 10.5 it forms the xenate ion [HXeO,] . 
XeO; + NaOH — Na* [HXeO,]- 
sodium xenate 
Xenates contain Xe(-- VI) and they slowly disproportionate in solution to 
perxenates (which contain Xe(+VIII)) and Xe. 
2[HXeO,]- + 20H- —> [XeO,]^- + Xe + O, + 2H;O 
perxenate ion 
Several perxenates of Group 1 and 2 metals have been isolated, and the 
crystal structures of Na4;XeOs- 6H;O and Na4,XeO,-8H;,O have been 
determined by X-ray crystallography. The solubility of sodium perxenate 
in 0.5M NaOH is only 0.2 grams per litre, so precipitation of sodium 
perxenate could be used as a gravimetric method of analysis for sodium. 
Perxenates are extremely powerful oxidizing agents, which will oxidize 
HCI to Cb, H2O to O}, and Mn?* to MnO;. With concentrated HSO, 
they give xenon tetroxide XeO,, which is volatile and explosive. 


Xenon fluoride complexes 


XeF, acts as a fluoride donor and forms complexes with covalent penta- 
fluorides including PFs, AsF;, SbF; and the transition metal fluorides 
NbFs, TaFs, RuFs, OsF;, RhFs, IrFs and PtF;. These are thought to have 
the structure 


XeF,-MF; [XeF]* [MF,]~ 
XeF,-2MF; = [XeF]* [MF] 


and 


‘Figure 17.1 Structure of XeF;-2SbF;. (From Mackay and Mackay, Introduction to 
Modern Inorganic Chemistry, 4th ed., Blackie, 1989.) 
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2XeF,:MF; — [Xe2F3]* [MF,]~ 


The structures of some of the XeF; complexes in the solid state are known. 
In the complex XeF;-2SbF; (Figure 17.1) the two Xe-F distances dif- 
fer greatly (1.84 À and 2.35 À). This suggests the formulation [XeF] * 
[Sb;F;;] . However, the Xe-F distance of 2.35 Å is much less than the 
van der Waals (non-bonded) distance of 3.50 Å. This suggests that one 
fluorine atom forms a fluorine bridge between Xe and Sb. In fact the 
structure is intermediate between that expected for the ionic structure, 
and that for the fully covalent bridge structure. 

XeF, forms only a few complexes, for example those with PFs, AsFs and 
SbF;. XeF, can act as a fluoride donor, forming complexes such as: 


XeF,- BF; 
XeF, - GeF, 
XeF,: 2GeF; 
XeF, : 4SnF; 
XeF,- AsFs 
XeF,: SbFs 


XeF, may also act as a fluoride acceptor. With RbF and CsF it reacts as 
follows: 


XeF, + RbF — Rb*[XeF;]^ 
On heating, the [XeF;]" ion decomposes: 


2Cs*[XeF;]^ > XeF, + Cso[XeFx] 


STRUCTURE AND BONDING IN XENON COMPOUNDS 


The structures of the more common xenon halides, oxides and oxoions are 
given in Table 17.4 (on page 647), The nature of the bonds and the 
orbitals used for bonding in these compounds are of great interest and 
have been the subject of considerable controversy. 


XeF; 


XeF; is a linear molecule with both Xe-F distances 2.00 À. The bonding 
may be explained quite simply by promoting an electron from the 5p level 
of Xe to the 5d level. The two unpaired electrons form bonds with fluorine 
atóms. The five electron pairs point to the corners of a trigonal bipyramid. 
Of these, three are lone pairs and occupy the equatorial positions, and two 
are bond pairs and occupy the apical positions. The atoms thus form a 
linear molecule (Figure 17.2). 


F 
Figure 17.2 XcF; molecule. 
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5s 5p 5d 
YARN UN [S] fS LET TT] 
cn [s] 


E—————T————Àà 


two unpaired electrons form bonds with fluorine atoms 
five electron pairs — trigonal bipyramid 


This explains the observed structure, but an objection is that the 5d 
orbitals of Xe appear to be too large for effective overlap of orbitals. The 
maximum in the radial electron distribution function for a 5d orbital in a 
Xe atom occurs at a distance of 4.9 À from the nucleus. It has been noted 
in Chapter 4 in the section ‘The extent of d orbital participation in mole- 
cular bonding' that highly electronegative atoms like fluorine cause a large 
contraction in the size of d orbitals. If this contraction is big enough, the 
valence bond explanation will suffice. 

A second objection is over the mixing of orbitals (sp*d hybridization). 
Mixing is only effective between orbitals of similar energy, and the Xe 5d 
orbitals would seem too high in energy to contribute to such a scheme of 
hybridization. (The difference in energy between a 5p and a Sd level is 
about 960 kJ mol~!.) 

The molecular orbital explanation involving three-centre bonds is more 
acceptable. The outer electronic configurations of the atoms are 


5s 2s 


Xe 


Assume that bonding involves the Sp. orbital of Xe and the 2p, orbitals of 
the two F atoms. For bonding to occur, orbitals with the same symmetry 
must overlap. These three atomic orbitals combine to give three molecular 
orbitals, one bonding, one non-bonding and one antibonding. Thiz is 
represented in a simple way in Figure 17.3. The original three atomic 
orbitals contained four electrons (two in the Xe 5p. and one in each of 
the F 2p.)./These electrons will occupy the molecular orbitals of lowest 
energy. The order of energy is: 


bonding MO < non-bonding MO < antibonding MO 


Thus two electrons occupy the bonding MO, and this pair of electrons is 
responsible for binding all three atoms. The remaining two electrons 
occupy the non-bonding MO. These electrons are situated mainly on the 
F atoms, and confer some ionic character. The bonding may be described 
as three-centre. four-electron c bonding. A lincar arrangement of the 
atoms gives the best overlap of orbitals, in agreement with the observed 
structure. These bonds should be compared with the three-centre two- 
electron bonds described for BH, (see Chapter 12). 
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F Xe F Antibonding (orbitals have 
wrong symmetry for overlap 
SOD 66> SEEN S: 
A gez Nu hand sides, indicated by 


+ and ~- signs) 


Non-bonding (the Xe 5p orbital 
has no net contribution to 


bonding, since the bonding 
effect on the right hand side is 
cancelled by the antibonding 
effect on the left hand side) 


Bonding (orbitals on both the 
29 CX (Y left and right hand sides have 
correct symmetry for overlap) 


Figure 17.3 Possible combinations of atomic orbitals in XeF;. 


Energy. 


Molecular 
orbitals 


Antibonding 


Figure 17.4 Molecular orbitals in XeF;. 


XeF, 


The structure of XeF, is square planar, with Xe—F distances of 1.95 A. 
The valence bond theory explains this by promoting two electrons as 


shown: 
5d 
Electronic structure of [I+] [ 7] 
Xe — excited state 
four unpaired electrons form bonds to four fluorine atoms 


six electron pairs form octahedral structure 
with two positions occupied by lone pairs 


5s 5p 
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Figure 17.5 XeF, molecule. 


The problem of whether the size of the xenon 5d orbitals will allow effec- 
tive overlap, or their energy will allow mixing and hybridization, is the 
same as in XeF;. The molecular orbital explanation of XeF, is similar to 
that for XeF;. The Xe atom bonds to four F atoms. The xenon 5p, orbital 
forms a three-centre MO with 2p orbitals from two F atoms just as in 
XeF;. The Sp, orbital forms another three-centre MO involving two more 
F atoms. The two three-centre orbitals are at right angles to each other, 
thus giving a square planar molecule. 


Table.17.4 Possible explanation of structures 


Formula Structure — Number of Number VSEPR 
electron of lone explanation 
pairs pairs of structure 
XeF; linear 5 3 five electron pairs form 
trigonal bipyramid with 
three lone pairs in 
equatorial positions 
XeF, square 6 2 six electron pairs form an 
planar octahedron with two 
positions occupied by 
lone pairs 
XeF, distorted 7 I pentagonal bipyramid, or 
octahedron capped octahedron with 
one lone pair 
XeO; pyramidal 7 1 three bonds so the 
remaining four electron 
pairs form a tetrahedron 
with one corner occupied 
by a lone pair 
XeO;F; trigonal 7 1 two x bonds so remaining 
bipyramid five electron pairs form 
trigonal bipyramid with 
One equatorial position 
occupied by a lone pair 
XeOF, square 3 1 one z bond so remaining 
pyramidal six electron pairs form an 
octahedron with one 
position occupied by a 
lone pair 
XeO, tetrahedral 8 0 four x bonds so remaining 
four electron pairs form a 
tetrahedron 
XeO;F; trigonal 8 0 three x bonds so 
bipyramid remaining five electron 
pairs form a trigonal 
bipyramid 
Ba,[XeQ,]*- octahedral 8 0 two x bonds so remaining 


six electron pairs form an 
octahedron 
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XeF, 


The structure of XeF, is a distorted octahedron. The bonding in XeF, has 
caused considerable controversy which is not completely resolved. The 
structure may be explained in valence bond terms by promoting three 
electrons in Xe: 


5s 5p 5d 
vo led d [tr [rT TY 


The six unpaired electrons form bonds with fluorine atoms. The distri- 
bution of seven orbitals gives either a capped octahedron or a pentagonal 
bipyramid (as in IF;). (A capped octahedron has a lone pair pointing 
through one of the faces of the octahedron.) Since there are six bonds and 
one lone pair, a capped octahedron would give a distorted octahedral 
molecule. The molecular orbital approach fails with XeFy, since three 
three-centre molecular orbital systems mutually at right angles would give 
a regular octahedral shape. 

The vibrational spectrum of gaseous XeF, indicates C;, symmetry, i.e. 
an octahedron distorted by the lone pair at the centre of one triangular 
face. The structure of the molecule rapidly fluctuates between structures 
where the lone pair occupies each of the eight triangular faces. In various 
non-aqueous solvents, xenon hexafluoride forms a tetramer Xe,F»,. Solid 
xenon hexafluoride is polymorphic. Except at very low temperatures it 
contains tetramers, where four square pyramidal XeF? ions are joined to 
two similar ions by means of two bridging F~ ions. The XeF distances are 
1.84 À on the square pyramidal units and 2.23 A and 2.60 À in the bridging 
groups. 

The shapes of oxygen containing compounds of Xe are correctly pre- 
dicted by the valence bond method. (Electrons in x bonds (double bonds) 
must be subtracted before counting the number of electron pairs which 
determine the primary shape of the molecule.) 


VALEDICTION 


For many years the noble gases were thought to be completely unreactive. 
This was associated with the concept that an octet of electrons is the only 
stable arrangement. The octet rule has done much to help the understand- 
ing of why atoms react, how many bonds they will form, and the shape of 
the periodic table. The discovery of the noble gas compounds has shown 
that though the ‘octet’ arrangement is very stable. it can be broken, and 
that there are other stable arrangements of electrons. 
Two important points emerge: 


1. Only the heavier noble gases (Kr, Xe and Rn) form these compounds. 
This is related to their lower ionization energies. 
2. Compounds are only formed with electronegative ligands. 


Figure 17.6 Capped 
octahedron. 
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square pyramidal 
(octahedral with one 


slightly distorted pyramidal position unoccupied) 
octahedron Xenon trioxide Xenon oxyfluoride 
Xenon hexafluoride XeOs 'eOF, 
XeFe 
F ? ^ 
o s O, o 


L 
Y 


o 
o o 
f a tetrahedral 
Octahedral 
Perxenate ion Xenon tetroxide 
XeO2F2 [XeO,]* XeO, 


Figure 17.7 Structures of some xenon compounds. 


The discovery of the noble gas compounds led to a flurry of practical 
work attempting the synthesis of new compounds. There was also much 
theoretical work attempting to explain the structure and bonding in these 
compounds. This involved calculations on large computers on the extent 
of d orbital participation in bonding by elements in the s- and p-blocks. 
These conclusions may be summarized as follows: 


1. In compounds of high coordination number with elements of high 
electronegativity, such as PFs, SF,. IFs and XeF,, the d orbitals appear 
to be significantly involved in o bonding, (These compounds may all be 
described without using d orbitals if three-centre bonds are formed.) 

2. In compounds with elements of low electronegativity such as H5S and 
PH;. the d orbital population is very low (1-296). However, this 
small contribution considerably improves the agreement between 
the observed and calculated values for the dipole moments and the 
energy levels. 

3. The use of d orbitals makes a very significant contribution to rt bonds, 
for example px—dn bonding in the phosphates and oxoacids of sulphur, 
and in PF}. 


PROBLEMS 
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PROBLEMS 


1. Where did the helium present in the earth and its atmosphere come 
from? How is He obtained commercially, and what is it used for? What 
is the boiling point of He in °C and K? 


2. How much argon is present in the earth's atmosphere? How is Ar 
obtained commercially, and what is it used for? 


3. Explain why Ar is used in the Kroll process to extract Ti, for welding, 
and in electric light bulbs. 


(a) Draw the structures of XeF;, XeF, and XeF,. 

(b) How may these compounds be prepared from Xe? 

(c) Give balanced equations to show how these three compounds react 
with water. 


4. How did Bartlett interpret the reaction between Xe and PtF,, and how 
is this reaction now interpreted? 


5. (a) Draw the structures of XeF2, XeF, and XeF,. 
(b) How may these compounds be prepared from Xe? 


[650] | 


GROUP 18 - THE NOBLE GASES | 


(c) Give balanced equations to show how these three compounds react 
with water. 


. How may the compounds XeO;, XeOF, and Ba,XeO, be prepared, 


and what are their structures? 


. ‘In some ways the discovery of the noble gas compounds has created 


more problems than it has solved.’ Discuss this statement with par- 
ticular reference to the stability of a closed electron shell and the 
participation of d orbitals in bonding by elements of the s- and p-blocks. 


. Suggest reasons why the only binary compounds of the noble gases are 


fluorides and oxides of Kr, Xe and Rn. 


The d-Block Elements 
Four 


An introduction to the 


transition elements 


Table 18.1 The elements 


Group 
3 4 5 ul 6 7 8 9 10 3| 
|i bin 11 12 
Sc Ti v Cr Mn Fe Co Ni Cu Zu 


Cobalt | Nickel |Copper| Zinc 


Rh Pd Ag | Cd 


Yttrium| Zir- | Nio- denum | Tech- | Ruthe- | Rho- | Palla- | Silver | Cad- 


Scan- | Tita- | Vana-| Chro- Man- Iron 
dium fi nium | dium mium | ganese pat 


Y Zr Nb Mo Tc 


conium| bium | denum | netium | nium | dium | dium mium 


Ir |. Pt | .Au He | 


ium|Iridium| Platinum] Gold | Mer- 


La Hf Ta w Re 


Lan- Haf- | Tan- |Tungsten| Rhenium | Osmi 


thanum| nium talum | cury 
Ac 
Acti- 
nium 

INTRODUCTION 


Three series of elements are formed by filling the 3d, 4d and Sd shells of 
electrons. Together these comprise the d-block elements. They are often 
called ‘transition elements’ because their position in the periodic table is 
between the s-block and p-block elements. Their properties are transi- 
tional between the highly reactive metallic elements of the s-block, which 
typically form ionic compounds, and the elements of the p-block, which are 
largely covalent. In the s- and p-blocks, electrons are added to the outer 
shell of the atom. In the d-block, electrons are added to the penultimate 
shell, expanding it from 8 to 18 electrons. Typically the transition elements 
have an incompletely filled d level. Group 12 (the zinc group) has a d'° 
configuration and since the d shell is complete, compounds of these 
elements are not typical and show some differences from the others. The 
elements make up three complete rows of ten elements and an incomplete 
fourth row. The position of the incomplete fourth series is discussed with 


the f-block elements. 
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METALLIC CHARACTER 


In the d-block elements the penultimate shell of electrons is expanding. 
Thus they have many physical and chemical properties in common. Thus 
all the transition elements are metals. They are therefore good conductors 
of electricity and heat, have a metallic lustre and are hard, strong and 
ductile. They also form alloys with other metals. 


VARIABLE OXIDATION STATE 


One of the most striking features of the transition elements is that the 
elements usually exist in several different oxidation states. Furthermore, 
the oxidation states change in units of one, e.g. Fe?* and Fe^*, Cu^* and 
Cu*. 

The oxidation states shown by the transition elements may be related to 
their electronic structures. Calcium, the s-block element preceding the first 
row of transition elements, has the electronic structure: 


Ca 15?2s?2p°3s?3p°4s? 
It might be expected that the next ten transition elements would have this 
electronic arrangement with from one to ten d electrons added in a regular 
way: 3d! , 3d?, 3d? . . .3d'°. This is true except in the cases of Cr and Cu. In 
these two cases one of the s electrons moves into the d shell, because of the 


additional stability when the d orbitals are exactly half filled or completely 
filled (Table 18.2). 


Table 18.2 Oxidation states 


Sc Ti V Cr Mn Fe Co Ni Cu Zn 
Electronic d's? d^? d PE du ds? d? dS PE que 


structure d5s! dog! 
Oxidation I I 
states II II II I II II Il II II II 


IH HEATERS TERRE S E VAE) Fic EN IIT 
VHE REVERE ORV Fe DVRS! 
IV M v v v 


Thus Sc could have an oxidation number of (+II) if both s electrons are 
used for bonding and (+III) when two s and one d electrons are involved. 
Ti has an oxidation state (+II) when both s electrons are used for bonding, 
(+III) when two s and one d electrons are used and (+IV) when two s and 
two d electrons are used. Similarly, V shows oxidation numbers (+II), 
(+III), (+IV) and (+V). In the case of Cr, by using the single s electron 
for bonding, we get an oxidation number of (+1): hence by using varying 


VARIABLE OXIDATION STATE _ 
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numbers of d electrons oxidation states of (+11), (+111), (41V), (+V) and 
(* VI) are possible. Mn has oxidation states (+11), (+11), (+1V), (+V), 
(+VI) and (+VII). Among these first five elements, the correlation 
between electronic structure and minimum and maximum oxidation states 
in simple compounds is complete. In the highest oxidation states of these 
first five elements, all of the s and d electrons are being used for bonding. 
Thus the properties depend only on the size and valency, and consequently 
show some similarities with elements of the main groups in similar 
oxidation states. For example, SO2- (Group 16) and CrOj^ (Group 6) are 
isostructural, as are SiCl, (Group 14) and TiCl, (Group 4). 

Once the d* configuration is exceeded, i.e. in the last five elements, the 
tendency for all the d electrons to participate in bonding decreases. Thus 
Fe has a maximum oxidation state of. (* VI). However, the second and 
third elements in this group attain a maximum oxidation state of (+VII), 
in RuO, and OsO,. This difference between Fe and the other two elements 
Ru and Os is attributed to the increased size. 

These facts may be conveniently memorized, because the oxidation 
states form a regular ‘pyramid’ as shown in Table 18.2. Only Sc(--II) and 
Co(+V) are in doubt. The oxidation number of all elements in the 
elemental state is zero. In addition, several of the elements have zero- 
valent and other low-valent states in complexes. Low oxidation states 
occur particularly with x bonding ligands such as carbon monoxide and 
dipyridyl. 

Similar but not identical pyramids of oxidation states are found in the 
second and third rows of transition elements. The main differences are as 
follows: 


1. In Group 8 (the iron group) the second and third row elements show a 
maximum oxidation state of (-- VIII) compared with (4 VI) for Fe. 

2. The electronic structures of the atoms in tlre second and third rows do 
not always follow the pattern of the first row. The structures of Group 
10 elements (the nickel group) are: 


Ni 3d* 4s 
Pd 4d'^ 55° 
Pt 5d? 6s! 


Since a full shell of electrons is a stable arrangement, the place where 


this occurs is of importance. I : 1 
The d levels are complete at copper, palladium and gold in their 


respective series. 


Ni Cu 34" 4$ Zn 34" 4s? 
Pd 4d'" 559 Ag Cd 34" 4s? 
Pt Au 5d' 6; Hg 34" 4s? 


Even though the ground state of the atom has a d'^ configuration, Pd and 
the coinage metals Cu, Ag and Au behave as typical transition elements. 
This is because in their most common oxidation states Cu(II) has a d? 
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configuration and Pd(II) and Au(III) have d* configurations, that is they 
have an incompletely filled d level. However, in zinc, cadmium and 
mercury the ions Zn?*, Cd?* and Hg?* have a d" configuration. Because 
of this, these elements do not show the properties characteristic of 
transition elements. 


Stability of the various oxidation states 


Compounds are regarded as stable if they exist at room temperature, are 
not oxidized by the air, are not hydrolysed by water vapour and do not 
disproportionate or decompose at normal temperatures. Within each of 
the transition Groups 3-12, there is a difference in stability of the various 
oxidation states that exist. In general the second and third row elements 
exhibit higher coordination numbers, and their higher oxidation states are 
more stable than the corresponding first row elements. This can be seen 
from Table 18.3. This gives the known oxides and halides of the first, 
second and third row transition elements. Stable oxidation states form 


Table 18.3 (a) Oxides and halides of the first row 


Sc Ti v Cr Mn Fe Co Ni Cu Zn 
+i o TiO vo" co MnO — KO CoO NiO CwO  Za0 
F VF: Cr) Maf} — FEES — CoF; Ni; CuF; Zaf; 
e Ch VCs CrCh — MaCh — FeCl; CoCh NiCl; CuCl — ZnCh 
Br TiBr VBre CrBr;— MnBr; — FeBr; — CoBr; NiBr; CuBr — ZnBr 
1 Tih — Vh Cry Mnl, — Fel Coly Nil; Zah 
no Sex, TiO, VjOy. CrO MmOs FeO, (Co:0)"— (NIGO)" 
F Sc, — TiF: — Vc. Cr: MnFs  FeFy Cofi 
Cl SCh — TiCh — VCh E FeCh 
Br — SBr — TiBn — VBr. FeBr: 
1 Sely — Tib — Viy Crh; 
+1V 0 TiO, VO: CrO; MnO: (Co0:)^ NiO." 
F TiF, VF, CF; MnF; 
e Ticü VOL Crt 
Br Tibr, VBu CrBrf 
1 Til, [vn 
sv o Vi0« 
F VEs Cr 
e 
Br 
1 
+V1 O CrO: 
F ACTF) 
a 
Br 
1 
*VILO Mn:0; 
F 
ce 
Br 
1 
Other MnO, FeO, CoO, Cu;O 
compounds Cuci 
CuBr 
Cul 


COMPLEXES 
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(b) Oxides and halides of the second row 


S Ops Nb Mo Te Ru Rh Pd Ag Cd 
+ o NbO RhO Pao AgO* 
F PAF, ARF) 
c ZrCls IMoCl,JCL* Pach; 
Br ZrBry? [MosBry]Br,* Pr, 
1 Zn? [Mol] Pdl, 
+I O YO RoO?  Rh0,  (PáO)"  (AgO)) 
F YR (NbEQ* MoF) ReF, — RhF, — Pd[PdFi] 
CI YCh ZrCh  NbChé Moch" RuCl — RhCl 
Br YBn ZrBr, o NbBré MoBry ReBr, — RhBry 
| — Yh Zr Nb — Mol Rol, Rhi 
+v O ZrO NbO:  MoO;" TcO™ — ReO; — RhO;  (PdOj" 
F ZrF,  NbF,  MoF; Ru, — RhF, PaF; 
cl ZrCla |NbCL" MoC" TeC — RuC 
Br ZrBr,  NbBr,"  MoBr, 
1 Zr Nel" Mol? 
+v 0 NbjO. — Mo:O« 
F NbF. — MoFs TcF,  RuFs — (RhF) 
e NbCk — MoCk 
Br NbBrs 
1 Nbls 
+V O Mo0, TeO; — (RuO3" 
F MoF, TcF, — RuF, — RhF, 
a (MoCly) (TeCh,)? 
Br 
1 
*VILO Tc0; 
F 
e 
Br 
1 
Other NF Rud, ^no 
compounds Nili Age 
AgCI 
AgBr 
Agl 


oxides, fluorides, chlorides, bromides and iodides. Strongly reducing states 
probably do not form fluorides and/or oxides, but may well form the 
heavier halides. Conversely, strongly oxidizing states form oxides and 
fluorides, but not iodides. 


COMPLEXES 


A The transition elements have an unparalleled tendency to form 
coordination compounds with Lewis bases, that is with groups which are 
able to donate an electron pair. These groups are called ligands. A ligand 
may be a neutral molecule such as NH3, or an ion such as Cl” or CN^ 
Cobalt forms more complexes thari any other element, and forms more 
compounds than any other element except carbon. 


Co?* + 6NH; > [Co(NH3).]* 
Fe?* + 6CN- 5 [Fe(CN)4J- 
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Table 18.3 (continued) (c) Oxides and halides of the third row 


La Hf Ta w Re Os n Pt Au He 
+1 o (TaO) (PtO)" HgO 
F HgF: 
[s] HCI? WiChs — (ReCl) (IC)? — PCI; HgCls 
Br HBr? W&Bri  (ReBrj) PtBr; HeBrs 
1 Way — (Rel) Pil, Hels 
+i O LaO: Re;Os^ IO (PLO)? Au: 
Fol (Tas) IF; AuFy 
Ci  LaCh HICh  TaCh* = WiCly® — RexCht iC — PiCh? — AuCh 
Br  LaBn 'HfBn  TaBn WaBr® RexBro IrBry PiBn? — AuBn 
1 ial — Hfh Wa — Red irh Pih? 
+v 0 HO: TO, WO™ ReO  Os0; IrO PO: 
F HF: WE, ReFy OsF, IF, PIF; 
[s] HCI, — TaCL^ WC — ReCu? — OsCh — (IrCh) — PC 
Br HfBr,  TaBr^ WBr, — ReBr, — OsBr, PtBra 
1 HA, — Tal? — WI? Reu Osl; Pil; 
+ 0 TajO, (WO)  (Re;O9 
F TaFs — WF ReF« OsF« (rF) — (PIE 
[s] TaCls WC — ReCk — OsCk 
Br TaBr, — WBr.— ReBre 
1 Tals 
+v O WO; ReO: (OsO3" (HO) — (PO 
F WF, ReFa OsF, rF, PIF 
e WCh — (ReCl)? 
Br WBry. 
1 
*VILO Re;05 
F ReF; (OsF:) 
a 
Br 
1 
Other 0504 PhO: AuO — Hg; 
compounds OsCh « AuCl ^ HgjCl" 


Aul Hg:Br;" 


In Table 18.3 the most stable compounds are bold, unstable compounds are in 
parentheses, h indicates hydrated oxides, g indicates that it occurs only as a gas, 
m indicates metal-metal bonding, c indicates cluster compounds, x indicates mixed 
oxide and d indicates that it disproportionates. 


This ability to form complexes is in marked contrast to the s- and p-block 
elements which form only a few complexes. The reason transition elements 
are so good at forming complexes is that they have small, highly charged 
ions and have vacant low energy orbitals to accept lone pairs of electrons 
donated by other groups or ligands. Complexes where the metal is in the 
(+III) oxidation state are generally more stable than those where the metal 
is in the (+II) state. 

Some metal ions form their most stable complexes with ligands in which 
the donor atoms are N, O or F, Such metal ions include Group 1 and 2 
elements, the first half of the transition elements, the lanthanides and 
actinides, and the p-block elements except for their heaviest member. 
These metals are called class-a acceptors, and correspond to 'hard' acids 
(see ‘Acids and bases’, Chapter 8). In contrast the metals Rh, Ir, Pd, Pt, 
Ag, Au and Hg form their most stable complexes with the heavier 


SIZE OF ATOMS AND IONS 


elements of Groups 15, 16 and 17, These metals are called class-b ac- 

ceptors, and correspond to ‘soft’ acids, The rest of the transition metals, 

and the heaviest elements in the p-block, form complexes with both types 

E. MA and are thus ‘intermediate’ in nature. These are shown (a/b) in 
able 18.4. 


Table 18.4 Class-a and class-b acceptors 


Li | Be 
(a) | (a) 
Na | Mg 
(a) | (a) 


K |Ca| Sc | i | V | Cr} Mn | Fe C Ni Ci Z 
(a) | (a) | (a) | (3) | (a) | (a)| @ | (a/) (uo) (ab) (ub) (2) 


Rb|Sr | Y | Zr | Nb| Moj Tc | Ru | Rh | Pd | Ag | Cd 
(a) | (a) | (3) | () | (2) | (3) | (ab)| (ab)| (b) | (b) () (a/b) 


Cs | Ba | La | Hf | Ta | W | Re Os Ir Pt Au | Hg 


(a) | (a) (a) (a) | (a) | (a) | (a/b)| (ab)| (b) | (b) | (b) | (b) 
Fr | Ra | Ac 
(a) | (a) | (a) 


Ce | Pr | Nd | Pm | Sm | Eu Gd | Tb Dy 
(a)} (3 | @) |(a2 | @) |(a |(a |) 


Th| Pa|U | Np | Pu Am | Cm | Bk Cf 
G)[ LG) 1) 1@ EC 1G) |@ C) 


The nature of coordination complexes and the important crystal field 
theory of bonding are discussed in Chapter 7. 


SIZE OF ATOMS AND IONS 


The covalent radii of the elements (Table 18.5) decrease from left to right 
across a row in the transition series, until near the end when the size 
increases slightly. On passing from left to right, extra protons are placed in 
the nucleus and extra orbital electrons are added. The orbital electrons 
shield the nuclear charge incompletely (d electrons shield less efficiently 
than p electrons, which in turn shield less effectively than s electrons). 
Because of this poor screening by d electrons, the nuclear charge attracts 
all of the electrons more strongly: hence a contraction in size occurs. 
Atoms of the transition elements are smaller than those of the Group 1 
or 2 elements in the same horizontal period. This is partly because of the 
usual contraction in size across a horizontal period discussed above, and 


C 
(a) 
Si 
(a) 


Ge 
(a) 


Sn 
(a) 


Pb 
(a/b) 


Er 
(a) 


Fm 
(a) 
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(a) 
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(a) 


(a/b) 


(a) 
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Table 18.5 Covalent radii of the transition elements (À) 


K Ca Sc Ti v Gr. |i Maau Fee Go) Ni COPAY 
1.57: 1.74 | LIAT 1:32: 11:22 PT Na dee Otel SI" TT. 7.1.25 


Y Zr Nb Mo Tc Ru Rh Pd Ag Cd 
1.62 1.45 1.34 1.29 - 124 1.25 1.28 1.34 1.41 


Rb Sr 
2.16 1.91 


Cs Ba La s Hio Ta w Re Os Ir Pt Au Hg 
2.35 1.98 une L34 1.30 128 1.26 1:26 1.29 1.34 1.44 


14 Lanthanide elements 


partly because the orbital electrons are added to the penultimate d shell 
rather than to the outer shell of the atom. 

The transition elements are divided into vertical groups of three (triads) 
or sometimes four elements, which have similar electronic structures. On 
descending one of the main groups of elements in the s- and p-blocks, the 
size of the atoms increases because extra shells of electrons are present. 
The elements in the first group in the d-block (Group 3) show the expected 
increase in size Sc — Y — La. However, in the subsequent Groups (3-12) 
there is an increase in radius of 0.1 — 0.2 A between the first and second 
member, but hardly any increase between the second and third elements. 
This trend is shown both in the covalent radii (Table 18.5) and in the ionic 
radii (Table 18.6). Interposed between lanthanum and hafnium are the 14 
lanthanide elements, in which the antepenultimate 4f shell of electrons is 
filled. 


Table 18.6 The effect of the lanthanide contraction on ionic radii 


Ca^* 1.00 Sc** 0.745 Ti^* 0.605 V^. 0.64 
Srt 1.18 Y 0.90 Zr** 0.72 Nb?* 0.72 
Ba^* 1.35 La 1.032. * — Hf'* 0.71 Ta^* 0.72 


14 Lanthanides 


There is a gradual decrease in size of the 14 lanthanide elements from 
cerium to lutetium. This is called the lanthanide contraction, and is dis- 
cussed in Chapter 29. The lanthanide contraction cancels almost exactly 
the normal size increase on descending a group of transition elements. The 
covalent radius of Hf and the ionic radius of Hf^* are actually smaller than 
the corresponding values for Zr. The covalent and ionic radii of Nb are the 
same as the values for Ta. Therefore the second and third row transition 
elements have similar radii. As a result they also have similar lattice 
energies, solvation energies and ionization energies. Thus the differences 
in properties between the first row and second row elements are much 
greater than the differences between the second and third row elements. 
The effects of the lanthanide contraction are less pronounced towards the 
right of the d-block. However, the effect still shows to a lesser degree in the 
p-block elements which follow. 


IONIZATION ENERGIES 


[ss] 


DENSITY 


The atomic volumes of the transition elements are low compared with 
elements in neighbouring Groups 1 and 2. This is because the increased 
nuclear charge is poorly screened and so attracts all the electrons more 
strongly. In addition, the extra electrons added occupy inner orbitals. 
Consequently the densities of the transition metals are high. Practically 
all have a density greater than Sgcem~*. (The only exceptions are Sc 3.0g 
cm™ and Y and Ti 4.5gcm ?.) The densities of the second row are high 
and third row values are even higher. (See Appendix D.) The two 
elements with the highest densities are osmium 22.57 g cm^? and iridium 
22.61 g cm". To get some feel for how high this figure really is, a football 
made of osmium or iridium measuring 30cm in diameter would weigh 
320kg or almost one third of a tonne! 


MELTING AND BOILING POINTS 


The melting and boiling points of the transition elements are generally very 
high (see Appendices B and C). Transition elements typically melt above 
1000°C. Ten elements melt above 2000*C and three melt above 3000*C 
(Ta 3000°C, W 3410°C and Re 3180*C). There are a few exceptions. The 
melting points of La and Ag are just under 1000*C (920*C and 961*C 
respectively). Other notable exceptions are Zn (420°C), Cd (321 *C) and 
Hg which is liquid at room temperature and melts at —38?C. The last three 
behave atypically because the d shell is complete, and d electrons do not 
participate in metallic bonding. The high melting points are in marked 
contrast to the low melting points for the s-block metals Li (181°C) and Cs 
(298G); 


REACTIVITY OF METALS 


Many of the metals are sufficiently electropositive to react with mineral 
acids, liberating H». A few have low standard electrode potentials and 
remain unreactive or noble. Noble character is favoured by high enthalpies 
of sublimation, high ionization energies and low enthalpies of solvation. 
(See 'Born-Haber cycle’, Chapter 6.) The high melting points indicate high 
heats of sublimation. The smaller atoms have higher ionization energies, 
but this is offset by small ions having high solvation energies. This tendency 
to noble character is most pronounced for the platinum metals (Ru, Rh, 
Pd, Os, Ir, Pt) and gold. 


IONIZATION ENERGIES 


The ease with which an electron may be removed from a transition metal 
atom (that is, its ionization energy) is intermediate between those of the 
5- and p-blocks. Values for the first ionization energies vary over a wide 
range from 541 kJ mol7! for lanthanum to 1007 kJ mol^' for mercury. 
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These are comparable with the values for lithium and carbon respectively. 
This would suggest that the transition elements are less electropositive than 
Groups 1 and 2 and may form either ionic or covalent bonds depending 
on the conditions. Generally, the lower valent states are ionic and the 
higher valent states covalent. The first row elements have many more 
ionic compounds than elements in the second and third rows. 


COLOUR 


Many ionic and covalent compounds of transition elements are coloured. 
In contrast compounds of the s- and p-block elements are almost always 
white. When light passes through a material it is deprived of those wave- 
lengths that are absorbed. If absorption occurs in the visible region of the 
spectrum, the transmitted light is coloured with the complementary colour 
to the colour of the light absorbed. Absorption in the visible and UV 
regions of the spectrum is caused by changes in electronic energy. Thus the 
spectra are sometimes called electronic spectra. (These changes are often 
accompanied by much smaller changes in vibrational and rotational 
energy.) It is always possible to promote an electron from one energy level 
to another. However, the energy jumps are usually so large that the 
absorption lies in the UV region. Special circumstances can make it 
possible to obtain small jumps in electronic energy which appear as 
absorption in the visible region. 


Polarization 


NaCl, NaBr and Nal are all ionic, and are all colourless. AgCI is also 
colourless. Thus the halide ions CI, Br~ and I~, and the metal ions Na* 
and Ag", are typically colourless. However, AgBr is pale yellow and Agl 
is yellow. The colour arises because the Ag* ion polarizes the halide ions 
This means that it distorts the electron cloud, and implies a greater 
covalent contribution, The polarizability of ions increases with size: thus I- 
is the most polarized, and is the most coloured. For the same reason 
Ag;COs and AgsPO, are yellow, and Ag;O and AgS are black. 


Incompletely filled d or fshell 


Colour may arise from an entirely different cause in ions with incomplete d 
or f shells. This source of colour is very important in most of the transition 
metal ions. 

In a free isolated gaseous ion the five d orbitals are degenerate, that 
is they are identical in energy. In real life situations the ion will be sur- 
rounded by solvent molecules if it i$ in solution, by other ligands if it is in a 
complex, or by other ions if it is in a crystal lattice. The surrounding groups 
affect the energy of some d orbitals more than others. Thus the d orbitals 
are no longer degenerate, and at their simplest they form two groups of 
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orbitals of different energy. Thus in transition element ions with a partly 
filled d shell it is possible to promote electrons from one d level to another 
d level of higher energy. This corresponds to a fairly small energy 
difference, and so light is absorbed in the visible region. The colour of a 
transition metal complex is dependent on how big the energy difference is 
between the two d levels. This in turn depends on the nature of the ligand, 
and on the type of complex formed. Thus the octahedral complex 
[Ni(NH3)5]°* is blue, [Ni(H5O),]** is green and [Ni(NO2).]*~ is 
brown-red. The colour changes with the ligand used. The colour also 
depends on the number of ligands and the shape of the complex formed. 

The source of colour in the lanthanides and the actinides is very similar, 
arising from f — f transitions. With the lanthanides the 4f orbitals are 
deeply embedded inside the atom, and are well shielded by the 5s and 5p 
electrons. The f electrons are practically unaffected by complex formation: 
hence the colour remains almost constant for a particular ion regardless of 
the ligand. The absorption bands are also very narrow. 

Some compounds of the transition metals are white, for example ZnSO, 
and TiO;. In these compounds it is not possible to promote electrons 
within the d level. Zn?* has a d'” configuration and the d level is full. Ti** 
has a d" configuration and the d level is empty. In the series Sc(--III), 
Ti(+IV), V(* V), Cr(- VI) and Mn(-^ VII), these ions may all be con- 
sidered to have an empty d shell: hence d-d spectra are impossible and 
they should be colourless. However, as the oxidation number increases 
these states become increasingly covalent. Rather than form highly 
charged simple ions, oxoions are formed TiO?*, VO}, VO3~, CrOF- and 
MnO;. VOZ is pale yellow, but CrOj- is strongly yellow coloured, 
and MnO; has an intense purple colour in solution though the solid is 
almost black. The colour arises by charge transfer. In MnO; an electron is 
momentarily transferred from O to the metal, thus momentarily changing 
O° to O^ and reducing the oxidation state of the metal from Mn(VII) 
to Mn(VI). Charge transfer requires that the energy levels on the two 
different atoms are fairly close. Charge transfer always produces intense 
colours since the restrictions of the Laporte and spin selection rules do 
not apply to transitions between atoms. (See Chapter 32.) 

The s- and p-block elements do not have a partially filled d shell so there 
cannot be any d-d transitions. The energy to promote an s or p electron to 
2 higher energy level is much greater and corresponds to ultraviolet light 
being absorbed. Thus compounds of s- and p-block elements typically are 
not coloured. 


MAGNETIC PROPERTIES 


When a substance is placed in a magnetic field of strength H, the intensity 
of the magnetic field in the substance may be greater than or less than H. 

If the field in the substance is greater than H, the substance is para- 
magnetic. It is easier for magnetic lines of force to travel through a 
paramagnetic material than through. a vacuum. Thus paramagnetic 
materials attract lines of force. and, if it is free to move, a paramagnetic 
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material will move from a weaker to a stronger part of the field. Para- 
magnetism arises as a result of unpaired electron spins in the atom. 

If the field in the substance is less than H, the substance is diamagnetic. 
Diamagnetic materials tend to repel lines of force. It is harder for magnetic 
lines of force to travel through diamagnetic materials than through a 
vacuum, and such materials tend to move from a stronger to a weaker part 
of a magnetic field. In diamagnetic compounds all the electron spins are 
paired. The paramagnetic effect is much larger than the diamagnetic effect. 

It should be noted that Fe, Co and Ni are ferromagnetic. Ferromagnetic 
materials may be regarded as a special case of paramagnetism in which the 
moments on individual atoms become aligned and all point in the same 
direction. When this happens the magnetic susceptibility is greatly 
enhanced compared with what it would be if all the moments behaved 
independently. Alignment occurs when materials are magnetized, and Fe, 
Co and Ni can form permanent magnets. Ferromagnetism is found in 
several of the transition metals and their compounds. It is also possible to 
get antiferromagnetism by pairing the moments on adjacent atoms which 
point in opposite directions. This gives a magnetic moment less than would 
be expected for an array of independent ions. It occurs in several simple 
salts of Fe’*, Mn?* and Gd**. Since ferromagnetism and antiferro- 
magnetism depend on orientation, they disappear in solution. 

Many compounds of the transition elements are paramagnetic, because 
they contain partially filled electron shells. If the magnetic moment is 
measured, the number of unpaired electrons can be calculated. The 
magnetochemistry of the transition elements shows whether the d electrons 
are paired. This is of great importance in distinguishing between high-spin 
and low-spin octahedral complexes. 

There are two common methods of measuring magnetic susceptibilities: 
the Faraday and the Gouy methods. The Faraday method is useful for 
measurements on a very small single crystal, but there are practical 
difficulties because the forces are very small. The Gouy method is more 
often used. Here the sample may be presented as a long rod of material, a 
solution, or a glass tube packed with powder. One end of the sample is 
placed in a uniform magnetic field and the other end in a very low oi zero 
field. The forces observed here are much larger, and can be measured 
using a modified laboratory balance. 

The volume susceptibility x, of a compound is measured using a 
magnetic balance (Gouy balance). x, is dimensionless, and is readily 
converted into the molar susceptibility ym, which has units mè mol~!. From 
this the magnetic moment of the compound p can be calculated if the 
small diamagnetic contribution is ignored: 


2 _ 3kTym 
CONTR 
where k is the Boltzmann constant (1.3805 x 10-3J K^!) 


Hy is the permeability of free space (4n x 1077H m^!) 
T is the absolute temperature and N? is the Avogadro constant. 
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Thus y has SI units JT~', and 
u = V(3k)/(N°uo) . Vim T 


It is convenient to express the magnetic moment p in units of Bohr 
magnetons Hg, where 

eh 
4nm, 


where e is the electronic charge, h is Planck's constant and m, is the mass 


of an electron. 
Thus the magnetic moment in Bohr magnetons becomes. 


250/273: 10724 TET} 


Hp = 


Hm constant . yw. T (18.1) 
up 


where constant = V(3k)/(N?u,)/ug. = 797.5 m?" mol 2K" 

The magnetic moment of a transition metal can give important 
information about the number of unpaired electrons present in the atom 
and the orbitals that are occupied, and sometimes indicates the structure of 
the molecule or complex. If the magnetic moment is due entirely to the 
spin of unpaired electrons us, then 


us = V4S(S + 1). ug 


Analytical balance 
—— with one pan 
removed 


Tube containing specimen 


Electromagnet 


Figure 18.1 Diagram of a Gouy magnetic balance. 
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where 5 is the total spin quantum number. This gives the magnetic moment 
in SI units of JT~!, and the magnetic moment in Bohr magnetons is given 
by V(45(S + 1)). This equation is related to the number of unpaired 
electrons n by the equation: 


us = yn(n + 2).un 


The object of the experiment is to determine the volume susceptibility x, 
by weighing a sample in and out of a magnetic field, and calculate in turn 
the molar susceptibility xw. the magnetic moment u, the total spin 
quantum number $ and eventually n the number of electrons responsible 
for the paramagnetism. 


Measurement of magnetic moments 


Let us examine how p is obtained. First ym can be determined experi- 
mentally. A sample tube which has a narrow diameter and a flat bottom is 
filled with sample up to the calibration mark. The sample may be a finely 
divided solid, or a solution. The cross-sectional area of the tube is a. The 
sample and tube are weighed in the usual way. Then the apparent mass is 
measured again by weighing in the presence of a strong magnetic field of 
force H. A difference in weight occurs. If g is the acceleration due to 
gravity then the force F acting on the sample is given by: 


F=Am.g (18.2) 


If xı is the volume susceptibility of the sample and x» the volume 
susceptibility of air, then 


F =4(%, — %3).a.p,.H?2 — — (18.3) 
Combining equations (18.2) and (18.3) 
Am. g = 394 = x2) -a pa. H? 


hence 


We wish to calculate the volume susceptibility of the sample xı. The 
volume susceptibility of air xz is known (0.364 x 107'?), but the field 
streugth H and cross-sectional area a are not known. Thus we carry out the 
experiment using a standard whose magnetic susceptibility is known 
accurately. This allows us to caljbrate the apparatus, and thus deduce the 
value of the constant a. H?. The complex mercury(I) tetrathiocyanato- 
cobalt(II) Hg[Co(NCS),] is often used as a solid standard (Xm = 206.6 x 
10° m* mol”! at 293 K). Now that the apparatus has been calibrated. we 
use the same sample tube filled up to the same mark, and the same 
magnetic field, and-measure the weight loss for an unknown compound. 
The volume susceptibility x, of the unknown compound can thus be 


MAGNETIC PROPERTIES 


| [667] 


obtained. This is readily converted into the molar susceptibility of the 
compound yx as follows: 


x.M M mal 
XM = UB ie Se 


D- Dam H? 


where M is the molar mass of the compound, and D is its density. 

Diamagnetic materials have no unpaired electrons, and have a magnetic 
moment u = 0. The external magnetic field induces a small magnetic 
moment which is in opposition to the external field. Thus diamagnetic 
materials repel lines of force, and show a slight decrease in weight. In 
contrast paramagnetism arises where there is one or more unpaired 
electron in a compound. Paramagnetic materials attract lines of force and 
increase in weight, because the sample is pulled down into the gap between 
the pole-pieces of the magnetic balance (see Figure 18.1). For a transition 
metal complex the weight change measured with the Gouy balance is the 
sum of the effects from the paramagnetic metal ion and the diamagnetic 
ligands and ions present. Thus the value of xy, derived from this weight 
change is the net magnetism, which is the sum of %parsmagnetic + Xdiamagnetic® 
Since we wish to measure the paramagnetism of the metal ion, we must 
make a diamagnetic correction. The easiest way to make the correction for 
Xdiamagnetic I$ to add up the diamagnetic corrections (sometimes called 
Pascal's constants) for the atoms and ions in the molecule and contribu- 
tions from multiple bonds. These data are known (Table 18.7). 


Xaiamagnetic = DX (atom corrections) + UX (multiple: bonds) 


"Thus X paramagnetic Can be obtained: 


Xparamagnetic = Xmeasured. T Xdiamagnetic 


Finally Xparamagnetic i$ Converted into magnetic moment of the metal ion in 
Bohr magnetons using equation 18.1: 


E 797.5: Vis. T. 
Hn 
The unpaired electron gives rise to a magnetic field because of its spin, 
and also because of the orbital angular momentum. The general equation 
for the magnetic moments of the first row of transition metal ions is: 


u(S + L) = VAS($ + 1) + E(L + 1). un 


where S is the total of the spin quantum numbers, and L is the resultant of 
the orbital angular momentum quantum numbers of all the electrons in the 
molecule. (See coupling of orbital angular momenta and coupling of spins 
in Chapter 32.) For an electron the spin quantum number m, has a value of 
+4: hence $ = m,- n where n is the number of unpaired electrons. 

In many compounds of the first row transition elements, the orbital 
contribution is quenched by the electric fields of the surrounding atoms. As 
a slight approximation the orbital contributions can be ignored and the 
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Table 18.7 Some diamagnetic corrections (Pascal's constants) (All table va 
must be multiplied by 107”. Units are m mol~') 


lues 


LLLÉÉÉÉLÉBLLÉLLLLLLLL—————————————————————— 


NH} -167 OH- -I5I n vo C g p 
Lit | -12 Oo? b) -75 5 
Na* =85 F- -114 C (aromatic) -79 S a 
K+ —187 Cr -294 N -70 +23 
Rb* -269 Br —435 N (aromatic) -59 N=O +22 
Cote tetas lle —636 P(+V) -33 C +10 
Mg —63 COi -370 O ether/ROH —58 C=N +10 
Ca^ -13l NO; -126 O; (in COOH) p 

Cet -188 NO; -326 S E 

Crò? -138 SO; -478 F -79 

Mn?* -176 SO; -503 cl -253 

Mn** ~126 BF;  —490 Br —395 

Fe?* -161 CN. -163 I —561 

Fe** -126 CNO- -264 acetate —402 

Co?* -161 CNS- -390 oxalate -427 

Cot -126 CIO; —380 ethylenediamine —S78 

Ni* -161 CIO; -402 NH; -226 

Cut -1601 ^ H,O -163 dipyridyl —1319 

Zn —189 PPh; —2098 


us = V4S(S + 1). un 


us = yn(n + 2).un 


Table 18.8 Spin only magnetic moments for numbers of unpaired electrons 
a L N 


Number of unpaired Magnetic moment Total spin 

electrons 1 its (BM) quantum number 
S 

l "TAS 12 

2 2.83 2221 

3 3.87 Ripi 

d 4.90 4222 

5 5.92 5/2 


aT FS eS el eS IES uses 


observed magnetic moment may be considered to arise only from unpaired 
spins. The spin-only magnetic moment {ts may be written: 


The magnetic moment (measured in Bohr magnetons. BM) is related to 
the number of unpaired spins n by the equation: 


The spin-only results are shown in Table 18.8. The simple spin-only 
formula gives good agreement with many high-spin complexes of first row 
transition metals. shown in Table 18.9. 
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Table 18.9 Magnetic moments of some first row complexes 
—————————————————— 


Ion , Number of Experimental Calculated magnetic 
unpaired magnetic moment spin only 
electrons moment (BM) formula us (BM) 

pt 1 1.7-1.8 1.73 

Ma 2 2.8-3.1 2.83 

Cp 3 3.7-3.9 3.87 

Cr?*, Mn?* 4 4.8-4.9 4.90 

Mn?*, Fe?* 5 5.7-6.0 5.92 

Fei 4 5.0-5.6 4.90 

Co** E. 4.3-5.2 3.87 

Ni?* 2 2.9-3.9 2.83 

Cust 1 1.9-2.1 1.73 

An example 


This is best explained by an example. Magnetic measurements on 
CuSO, 5H5O at 293K using a Gouy balance gave a value x, = 1.70 x 
107^. The molecular weight is 250.18, so the molar mass M is 0.250kg 
mol~!. The density D is 2.22gcm ^? = 2.29 x 10 kgm"?. The value for 
xm (not corrected for diamagnetic effects) is: 


1.70 x 107* x 0.250 kg mol! 
XM." = pagina ee EE 
2.29 x 10°kgm 
The diamagnetic correction is obtained by adding together the contribu- 
tions from each of the constituent ions and molecules given in Table 18.7: 
Cu?* —161 x 107? 
SOi- —503 x 107? 
SH;O 5x(-163x107-7) = -815 x 107? 


Xaismagnetic 1479. X T0712 
or —0.148 x 107* 


= 1.858 x 1075 mol~! m? 


The corrected value for xy is thus: 
(1.856 + 0.148) x 107 mol-! m? = 2.004 x 10 * mol"! m? 


Using equation (18.1) the true magnetic moment in Bohr magnetons is: 


+ = 797.5 /2.004 x 10-5 x 293 
uB 


= 1.93 Bohr magnetons 


Assuming the spin-only formula 


u = yn(n + 2). uB 


Ifn=1 u = I 2). ts = 1.73 BM 
Thus Cu?* in CuSO, - 5H;O has one unpaired electron 
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Though the agreement for first row transition metal complexes given in 
Table 18.9 is generally very good, in some cases, for example Co^. the 
observed value for y is higher than calculated by the spin-only formula. 
This suggests that there is also an orbital contribution. To have an orbital 
angular moment it must be possible to transform an orbital into an 
equivalent (degenerate) orbital by rotation. It is possible to transform the 
tog orbitals (dry, d;. and dj.) into each other by rotating 90°. It is not 
possible to transform the e, orbitals in this way (e.g. the dyz- into the 
d.2), since they have different shapes. If the fo, orbitals are all singly 
occupied, then it is not possible to transform the d,, into dyz OT d., since 
they already contain an electron with the same spin. Similarly it is not 
possible to transform the tə, orbitals if they are all doubly occupied. Thus 
configurations, with (t24)? or (i,)* have no orbital contribution, but the 
others all have an orbital contribution. Thus in octahedral complexes the 
following arrangements have an orbital contribution: 


(G9) (e) aE (tg) (e) - (9 Cee)” 
Co?* has the (t2,)° (ep)? configuration: hence the high value of y is due to 


the orbital contribution. In a similar way an orbital contribution arises in 
tetrahedral cases with the following configurations: 


(eX)! (eJ) (O03) (e)* (3) 


In the second and third row transition elements, and particularly in the 
lanthanide elements (where unpaired electrons occupy 4f orbitals), the 
orbital motion is not prevented or quenched. Thus the orbital contribution 
L must be included in the calculations. In some cases there is coupling 
between the spin contribution $ and the orbital contribution L (spin orbit 
coupling, or Russell-Saunders coupling) to give a new quantum number 
J. In this case a more complicated formula is used. This is described in 
Chapter 29. The equations are. 


u - gyJ(J + 1).un 


5 


where 


36 + DEDE EE SC 
2J(J.-* 1) 


fd 
Rearranging, this becomes 


pe ip 1) — L(L + 1) 
2J(J + 1) 

Using this equation the agreemient between the observed and the 
calculated magnetic moments of the trivalent lanthanide elements is very 
close. For further details see Chapter 29. Spin orbit coupling gives rise to 
fine structure in absorption spectra. It splits the degenerate lower levels 
into a set of different levels. These levels may be populated by using 
thermal energy, giving rise to a temperature dependent magnetic moment. 

Pierre Curie found that the measured magnetic susceptibility xw for 
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paramagnetic materials varied with temperature. He put forward the Curie 
law that the paramagnetic susceptibility xw varies inversely with the 
absolute temperature, and 


EE 
XM =F 


where C is a constant characteristic for the particular substance, called the 
Curie constant. Thus the magnetic field tends to align the moments of the 
paramagnetic atoms Or ions, and thermal agitation tends to randomize 
them. Applying a statistical treatment: 
— Bo (N*u2) GI) 
XM = 
if 
Thus the magnetic moment in Bohr magnetons is given by: 


u $ —— 
i VGKIN Vite - VXw - T 
hence 


E = 297,5 xu. T 


uB 


The Curie law is obeyed with great accuracy by some systems such as 
[FeFe] However, many paramagnetic materials deviate slightly from 
this ideal behaviour, and obey the Curie- Weiss law: 


G 
IMETO and p= 797.5 XM. (T + 0). Un 


(0 is called the Weiss constant and is an empirical quantity.) 


CATALYTIC PROPERTIES 


Many transition metals and their compounds have catalytic properties. 
Some of the more important ones are listed here: 


TiCl; Used as the Ziegler-Natta catalyst in the production of 
polythene. 

V205 Converts SO; to SO; in the Contact process for making 
H;S0.. 

MnO: Used as a catalyst to decompose KCIO; to give Os. 

Fe Promoted iron is used in the Haber-Bosch process for 
making NH3. 

FeCl; Used in the production of CCl, from CS2 and Cl;. 

Fess Used as Fenton’s reagent for oxidizing alcohols to aldehydes. 

and H202 

PdCl; Wacker process for converting CoH4 + HO + PdCl, to 
CH;CHO + 2HCI + Pd. 

Pd Used for hydrogenation (e.g. phenol to cyclohexanone). 

Pt/PtO Adams catalyst, used for reductions. 
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Pt Formerly used for SO; > SO; in the Contact process for 
making H2504. 
Pt Is increasingly being used in three stage-convertors for 


cleaning car exhaust fumes. 
Pt/Rh Formerly used in the Ostwald process for making HNO; to 
oxidize NH; to NO. 


Cu Is used in the direct process for manufacture of (CH3)2SiCl2 
used to make silicones. 

Cu/V Oxidation of cyclohexanol/cyclohexanone mixtures to adipic 
acid which is used to make nylon-66. 

CuCl, Deacon process of making Cl; from HCl. 

Ni Raney nickel, numerous reduction processes (e.g. manu- 


facture of hexamethylenediamine, production of H, from 
NH3, reducing anthraquinone to anthraquinol in the produc- 
tion of H202). 
Ni Reppe synthesis (polymerization of alkynes, e.g. to give 
complexes benzene or cyclooctatetraene). 


In some cases the transition metals with their variable valency may form 
unstable intermediate compounds. In other cases the transition metal 
provides a suitable reaction surface. 

Enzymes are catalysts that enhance the rates of specific reactions. They 
are proteins and are produced by living cells from amino acids. They work 
under mild conditions, often give 100% yields and may speed a reaction by 
10° or 10'2 times. Some enzymes require the presence of metal ions as 
cofactors. and these are called metalloenzymes. Many (but not all) metallo- 
enzymes contain a transition metal. Some metalloenzymes are listed in 
Table 18.10. 


NONSTOICHIOMETRY 


A further feature of the transition elements is that they sometimes form 
nonstoichiometric compounds. These are compounds of indefinite struc- 
ture and proportions. For example, iron(II) oxide FeO should be written 
with a bar over the formula FeO to indicate that the ratio of Fe and O 
atoms is not exactly 1: 1. Analysis shows that the formula varies between 
Fe, sO and Fej, 4,0. Vanadium and selenium form a series of compounds 
ranging from VSey.9x to VSe2. These are given the formulae: 


vse (VSeuss — VSe1.2) 
V2Se3 (VSe; 2 > Vse.) 
V-Se4 (VSei — VSe2) 


Nonstoichiometry is shown particularly among transition metal com- 
pounds of the Group 16 elements (O, S, Se, Te). It is mostly due to the 
variable valency of transition elements. For example copper is precipitated 
from a solution containing Cu^* by passing in HS. The sulphide is 
completely insoluble, but this is not used as a gravimetric method for 
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Table 18.10 Metalloenzymes and metalloproteins (metalloproteins in brackets) 


Metal Enzyme/metalloprotein Biological function 
Mo Xanthine oxidase Metabolism of purines 
Nitrate reductase Utilization of nitrates 
Mn" Arginase Urea formation 
Phosphotransferases Adding or removing POi^ 
Fe! or Fe!!! Aldehyde oxidase Oxidation of aldehydes 
Catalase Decomposes H203 
Peroxidase Decomposes H202 
Cytochromes Electron transfer 
Ferredoxin Photosynthesis 
(Haemoglobin) O; transport in higher animals 
Succinic dehydrogenase Aerobic oxidation of carbohydrates 
FeandMo Nitrogenase Fixation of dinitrogen 
Co Glutamic mutase Metabolism of amino acids 
Ribonucleotide reductase Biosynthesis of DNA 
Cu! or Cu! Amine oxidases Oxidation of amines 
Ascorbate oxidase Oxidation of ascorbie acid 
Cytochrome oxidase Principal terminal oxidase 
Galactose oxidase Oxidation of galactose 
Lysine oxidase Elasticity of aortic walls 
Dopamine hydroxylase Producing noradrenaline to generate 
nerve impulses in the brain 
Tyrosinase Skin pigmentation 
Ceruloplasmin Utilization of Fe 
(Haemocyanin) O; transport in invertebrates 
Plastocyanin Photosynthesis 
Zn" Alcohol dehydrogenase Metabolism of alcohol 
Alkaline phosphatase Releasing PO}- 
Carbonic anhydrase Regulation of pH and CO; formation 
Carboxypeptidase Digestion of proteins 


analysing for Cu because the precipitate is a mixture of CuS and Cu,S. 
Sometimes nonstoichiometry is caused by defects in the solid structures. 


ABUNDANCE 


Three of the transition metals are very abundant in the earth’s crust. Fe is 
the fourth most abundant element by weight, Ti the ninth and Mn the 
twelfth. The first row of transition elements largely follow Harkins’ rule 
that elements with an even atomic number are in general more abundant 
than their neighbours with odd atomic numbers. Manganese is an 
exception. The second and third row elements are much less abundant than 
the first row. Tc does not occur in nature. Of the last six elements in the 
second and third rows (Tc, Ru, Rh, Pd, Ag, Cd; Re, Os, Ir, Pt, Au, Hg) 
hone occurs to an extent of more than 0.16 parts per million (ppm) in the 
earth's crust. 
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Table 18.11 Abundance of the transition elements in the earth's crust, in ppm by 


weight 

Lo MM 
Sc Ti M Cr Mn Fe Co Ni Cu Zn 
25 6320 136 122 1060 60.000 29 99 68 76 
Y Zr Nb Mo Tc Ru Rh Pd Ag Cd 
31 162 20 12 - 0.0001 0.0001 0.015 0.08 0.16 
La Ht ^ ETa Wy Re Os Ir Pt Au Hg 


35 2.8 1775512 7 :0:000777 ;0:005 0.001 0.01 0.004 — 0.08 


——M—————————————D 


DIFFERENCES BETWEEN THE FIRST ROW AND THE OTHER 
TWO ROWS 


Metal metal bonding and cluster compounds 


Metal-metal (M—M) bonding occurs not only in the metals themselves, 
but also in some compounds. M-M bonding is quite rare in the first row 
transition elements. It occurs only in a few carbonyl compounds such as 
Mn;(CO);o, Fe2(CO)9, Co2(CO) x, Fe3(CO) 2 and Co4(CO))2, and in car- 
boxylate complexes such as chromium(II) acetate Cr;(CH3COO)4(H50)». 
and in solid nickel dimethylglyoxime. 

In the second and third row elements M-M bonds are much more 
common: 


1. They form carbonyls with M-M bonds similar to those from the first 
row such as Rus(CO);;, Os3(CO))2. Rhy(CO})2 and Ir4(CO),2, and a 
type not formed by the first row Rhy(CO) js. 

2. The metals Mo, Ru and Rh form binuclear carboxylate complexes such 

as Mo2(CH;COO),(H20)> which are similar to chromium(I]) acetate. 

. The halide ions [Re3Cl4]^- and [Mo>Cl,]*~ also have M-M bonds. 

4. The lower halides of several elements have a group of three or six metal 
atoms bonded together and are called cluster compounds. The elements 
are: 


w 


Nb Mo 
MAW a Re 


[Nb,Clis^* and (Ta&Cl;;]?* have unusual structures. Both contain six 
metal atoms arranged in a cluster at the corners of an octahedron, with 
12 bridging halogen'atoms across the corners. There is extensive M-M 
bonding within the octahedron. The so-called 'dihalides' of Mo and W 
are really Mo,Cl;; and W,Br,2, and these contain the [M,Xx]** ion. 
This too has a remarkable strücture. Six metal atoms are arranged in a 
cluster at the corners of an octahedron, with eight halogen atoms 
located above each of the eight faces of the octahedron and 'bonded' to 
three metal atoms. ReCl; is really trimeric Re,Cl,, and comprises a 
triangle of three Re atoms with three bridging halogen atoms across the 
three corners, and six halogen atoms that bridge to other Re3Cly units. 
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Stability of oxidation states 


The (+II) and (+III) states are important for all the first row transition 
elements. Simple ions M^* and M** are common with the first row but are 
less important for second and third row elements, which have few ionic 
compounds. Similarly the first row form a large number of extremely stable 
complexes such as [Cr "Ck and [Co"(NH;),*. No equivalent 
complexes of Mo or W, or Rh or Ir, are known. 

The higher oxidation states of the second and third row elements are 
more important and much more stable than those of the first row elements. 
Thus the chromate ion [CrO,]*~ is a strong oxidizing agent but molybdate 
[M004]? and tungstate [WO,]?~ are stable. Similarly the permanganate 
ion [MnO,] is a strong oxidizing agent but pertechnate [TcO,]- and 
perrhenate [ReO,] ions are stable. - 

Some compounds exist in high oxidation states which have no counter- 
parts in the first row, for example WCl,. ReF;. RuO;. OsO, and PtF,. 


Complexes 


The coordination number 6 is widespread in the transition elements. giving 
an octahedral structure. The coordination number 4 is much less common, 
giving tetrahedral and square planar complexes. Coordination numbers of 
7 and 8 are uncommon for the first row but are much more common in the 
early members of the second and third rows. Thus in Nas[ZrF;] the 
[ZrF;]|^ is a pentagonal bipyramid, and in (NH,)4[ZrF;] it is a capped 
trigonal prism. In Cus[ZrF,] the Zr is at the centre of a square antiprism. 


Size 


The second row elements are all larger thàn the first row elements. 
Because of the lanthanide contraction the radii of the third row are almost 
the same as those for the second row. 


Magnetism 


When transition elements form octahedral complexes. the d levels are split 
into f» and e, sub-levels. Consider a first row element. If the ligands 
possess à strong field thev cause a large difference in energy between these 
two sub-levels. Thus the electrons occupying the d level fill the lower t», 
level even if this means they must be paired. If pairing of electrons occurs, 
the complex is called /ow spin or spin paired. Alternatively if the ligands 
have only a weak field the splitting is small, and only when each of the 15, 
and e, levels contains one electron does pairing of spins occur. Such 
complexes are called high spin or spin free. Thus with a first row element 
the strength of the ligand field determines whether a low-spin or a high- 
spin complex is formed. ; 
The second and third row transition elements tend to give low-spin 
complexes. that is it is more favourable in terms of energy to pair electrons 
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in the lower energy d levels rather than use the higher levels, regardless of 


the ligand. 

The spin only formula gives reasonable agreement relating the observed 
magnetic moment of first row transition metal complexes to the number of 
unpaired electrons. For the second and third row transition elements the 
orbital contribution is significant, and in addition spin orbit coupling may 
occur. Thus the spin only approximation is no longer valid, and more 
complicated equations must be used. Thus the simple interpretation of 
magnetic moments in terms of the number of unpaired electrons cannot be 
extended from the first row of transition elements to the second and third 
rows. The second and third rows also show extensive temperature 
dependent paramagnetism. This is explained by the spin orbit coupling 
removing the degeneracy from the lowest energy level in the ground state. 


Abundance 


The ten first row transition elements are reasonably common and make up 
6.79% of the earth’s crust. The remaining transition elements are mostly 
very scarce. Even though the abundance of Zr is 162 ppm, La31 ppm, Y 31 
ppm and Nb 20 ppm, the 20 elements in the second and third rows 
elements together make up only 0.025% of the earth's crust. Tc does not 
occur in nature. 
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PROBLEMS 


1. How would you define a transition element? List the properties 
associated with transition elements. 


N 


How do the following properties vary in the transition elements: 
(à) ionic character 

(b) basic properties 

(c) stability of the various oxidation states 

(d) ability to form complexes? 


3. Give examples of, and suggest reasons for, the following features of 
transition metal chemistry: 
(a) The lowest oxide of a transition metal is basic whereas the highest 
oxide is usually acidic. 
(b) A transition metal usually exhibits higher oxidation states in its 
fluorides than in its iodides. 
(c) The halides become more covalent with increasing oxidation state 
of the metal and are more susceptible to hydrolysis. 


4. Write notes on the following: 
(a) The effective atomic number rule 
(b) Ligands which stabilize low oxidation states 
(c) Back bonding in metal carbonyls 


5. Describe the methods by which extremely pure samples of the metals 
may be prepared. 


6. Which of the M2* and M?* ions of the first row transition elements are 
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10. 


stable in aqueous solution, which are oxidizing and which are 
reducing? 


. Explain why certain ligands such as F^ tend to bring out the maximum 


oxidation state of an element, whilst others such as CO and dipyridyl 
bring out the lowest oxidation states. 


. Give reasons why carbonyl and cyanide complexes of the later 


transition elements Cr, Mn, Fe, Co, Ni are more stable, more 
common, and more likely to exist than similar compounds of the 
s-block or early transition elements. 


Why do the second and third rows of transition elements resemble 
each other much more closely than they resemble the first row? 


What do you understand by the terms paramagnetism and dia- 
magnetism? Predict the magnetic moment for octahedral complexes of 
Fe?* with strong field ligands and with weak field ligands. 


Group 3 — 
the scandium group 


Table 19.1 Electronic structures and oxidation states 


Element Electronic structure Oxidation states 

Scandium Se [Ar] 3d! 4s? I 

Yttrium Y [Kr] 4dhSs- ut 

Lanthanum La [Xe] Sd! Gs? Il 

Actinium Ac [Rn] 6d! 7e In 
INTRODUCTION 


These four elements are sometimes grouped with the 14 lanthanides and 
called collectively the ‘rare earths’. This is a misnomer because the 
scandium group are d-block elements and the lanthanides are f-block 
elements. In addition the scandium group is by no means rare. except for 
actinium which is radioactive. The trends in properties in the family Sc, Y. 
La and Ac are quite regular. and similar to the trends in Groups 1 and 2. 
There are few important industrial uses of the elements or their 
compounds apart from Mischmetal, which is used in the metallurgical 
industries. 


“OCCURRENCE, SEPARATION, EXTRACTION AND USES 


Sc is the thirty-first most abundant element by weight in the earth's crust. 
It is thinly distributed. It occurs as tne rather rare mineral thortveitite 
Sc;[Si:O;]. It is available as a by-product from the extraction of U. There is 
very little use for Sc or its compounds. 

Y and La are the twenty-ninth and twenty-eighth most abundant 
elements. They are found together with the lanthanide elements in 
bastnaesite M''CO;F, monazite M''PO, and other minerals. It is 
extremely difficult to separate the individual elements. This is covered in 


some detail in Chapter 29. It is also difficult to extract the metals from their | 


compounds. The metals are electropositive and react with water. Their 
a thermite reaction cannot be used (AlLO; 


oxides are very stable so that 
continued overleaf 
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Table 19.2 Abundance of the elements in the 
earth's crust, by weight 


ee 


ppm Relative abundance 
Sc 25 3l 
y 31 29 
La 35 28 
Ac trace 


enthalpy of formation 1675 kJ mol-?, La;O; enthalpy of formation 1884 kJ 
mol-?). The metals can be obtained by reduction of the chlorides or 
fluorides with calcium at 1000°C, under an atmosphere of argon. 

Small amounts of Y are used to make the red phosphor for TV tubes. 
Some is used to make synthetic garnets used in radar and as gemstones. In 
contrast about 5000 tonnes of La is produced annually. mostly as 
Mischmetal. This is an unseparated mixture of La and the lanthanide 
metals (50% Ce, 40% La, 7% Fe, 3% other metals). It is used extensively 
to improve the strength and workability of steel, and also in Mg alloys. 
Small amounts are used as ‘lighter flints'. La;O; is used in optical glass such 
as Crooke's lenses, which give protection against UV light. 

Traces of Ac are always found associated with U and Th, as it is formed 
as a decay product in both the thorium and actinium natural radioactive 
decay series (Chapter 31). 


AEEA ois NOS 
735 Th—> ARRA» 78AC 


2551.0. 331 D. 231p] P. 2274 IBY 22 
23550 > 23 Thi— Pa "Ac Th 


Ac can be made by irradiating Ra with neutrons in a nuclear reactor: 
2208. 1 22754 P, 227 
aRa + on — ^Ra “RAC 


At best this produces milligram quantities: separation from other elements 
is performed by ion exchange. Ac and "MAc are the only naturally 
Occurring isotopes, and both are intensely radioactive. The half lives of 
a Ac and 7agAc are 6 hours and 21.8 years respectively. Thus any Ac 
present when the earth was formed will have long since decayed. Any 
found now must have been produced fairly recently by radioactive decay of 
another element. This explains the scarcity of naturally occurring Ac. The 
high activity has limited the study of the chemistry of the element. 


OXIDATION STATE 


The elements always exist in the oxidation state (+III). and occur as M** 
ions. The formation of M** requires the removal of the two s and one d 
electron. Thus the ions have a d" configuration, and d-d spectra are 
impossible. As a result the ions. and their compounds, are colourless and 
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ar 


diamagnetic. The sum of the first three ionization energies for scandium is 
a little less than the sum for aluminium. The properties of scandium are 
similar in some ways to those of aluminium. 


SIZE 


The covalent and ionic radii of the elements increase regularly on 
descending the group as in the s-block. In the groups of transition ele- 
ments shown in Table 19.3 the second and third row elements are almost 
identical in size because of the lanthanide contraction. However, this 
happens after La. 


Table 19.3 Some physical properties 


Element Covalent Ionic Ionization Standard Melting Pauling’s 
radius radius energies electrode point electro- 
MY (kJ mol!) potential negativity 


(À) (A) "1st 2nd. 3rd  E*(V) (C) 


Sc 1.44 0.745 631 1235 2393  —2.08 1539 


13 
Y 1.62 0.900 616 1187 1968 | —2.37 1530 1.2 
La 1.69 1.032; 541 1100 1852 . —2.532 920 1.1 
Ac 1.12 -2:6 817 1.1 


CHEMICAL PROPERTIES 


The metals have moderately high standard electrode potentials. They are 
quite reactive, and reactivity increases with increased size. They tarnish in 
air and burn in dioxygen, giving oxides M;O;. Y forms a protective oxide 
coating in air, which makes it unreactive. 


2La + 30; — 2La;0; 


The metals react slowly with cold water, but more rapidly with hot water, 
liberating hydrogen and forming either the basic oxide or the hydroxide. 
2La + 6H;O — 2La(OH); + 3H» 

La(OH); > LaO:OH + H;O 


basic oxide 


Sc(OH); appears not to exist as a definite compound, but the basic oxide 
ScO-OH is well established. and is amphoteric like Al(OH)3. Since 
scandium is amphoteric, it dissolves in NaOH, liberating H;. 


Sc + 3NaOH + 3H;0 — Na,[Sc(OH)o] + 13H» 


Basic properties of the oxides and hydroxides increase on descending the 
group, and Y(OH); and La(OH); are basic. Thus the oxides and 
hydroxides form salts with acids, and Y(OH); and La(OH); react with 
carbon dioxide: 
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2Y(OH);  3CO; > Y2(CO;); + 3H;O 


La(OH) is a strong enough base to liberate NH; from ammonium salts. 
Because the oxides (and hydroxides) are either amphoteric or weak bases. 
their oxosalts can be decomposed to oxides by heating. This is similar to 
the behaviour of Group 2 elements, but the decomposition occurs more 
easily, i.e. at a lower temperature. 


2Y(OH), E y.0, + 3H0 
S3CO s EON eco: 
2Y(NO4), —9 Y:Os + 6NOs + 140, 
Y4(SO;), — Y305 + 380» -- 140, 


The metals react with the halogens. forming trihalides MX. These 
resemble the halides of Ca. The fluorides are insoluble (like CaF;) and the 
other halides are deliquescent and very soluble (like CaCl»). If the 
chlorides are prepared in solution, they crystallize as hydrated salts. 
Heating these hydrated salts does not yield anhydrous halides. On heating. 
ScCh (H20) decomposes to the oxide, whilst the others give oxohalides. 


28cCl - (HO) 55 Sc,0,  6HCI + 4H.O 
YCh : (H;0); — YOCI + 2HCI + 6H;0 
LaCl; : (H20); — LaOCI + 2HCI + 6H;O 


Anhydrous chlorides can be made from the oxides with NH,Cl: 


Sc:0; + 6NH,CI ZS, 2scCl, + 6NH;  3H:O 


Anhydrous ScCl, differs from AICI, as ScCl; is monomeric whilst (AICIA); 
is dimeric. In addition ScCl; shows no Friedel-Crafts catalytic properties. 

The salts generally resemble those of calcium, and the fluorides, 
carbonates, phosphates and oxalates are insoluble. 

The elements all react with hydrogen on heating to 300°C, forming 
highly conducting compounds of formula MH». These do not contain M^*, 
but probably contain M** and 2H, and have the extra electron in a 
conduction band. Except for Sc they can absorb more H, and lose their 
conducting power, forming compounds which are not quite stoichiometric 
but approach the composition MH;. The exact composition depends on the 
temperature and the pressure of the hydrogen. The hydrides react with 
water, liberating hydrogen, and are salt-like (ionic) hydrides containing the 
hydride ion H 

Scandium forms a carbide ScC, when the oxide is heated with carbon in 
an electric furnace. The carbide reacts with water, liberating ethyne. 

S601 48€ => 28cC; 79s CoH» ScO# OH 
At one time the carbide was thought to contain Sc(+II) and to contain 
Sc^* and (C--C)^-. Magnetic measurements suggest that it contains Sc^* 


7 © FURTHER READING 


t 2= 5 $ 
ions and C$ < ions and the free electrons are delocalized into a conduction 
band, thus giving some metallic conduction. 


COMPLEXES 


Despite the charge of +3. the metal ions in this group do not have a strong 
tendency to form complexes. This is because of their fairly large size. Sc** 
is the smallest ion in the group and forms complexes more readily than the 
other elements. These include [Sc(OH),]*~ and [ScF,]"-. both of which 
have a coordination number of 6 and are octahedral in shape. 


ScF, + 3NH,F — 3NHz + [ScE,]^- 


By far the most common donor atom in complexes is O, and complexes 
occur particularly with chelating ligands: Thus complexes are formed with 
strong complexing agents such as oxalic acid, citric acid, acetylacetone and 
EDTA. The complexes of the larger metals Y and La often have higher 
coordination numbers than 6, and coordination number 8 is the most 
common, Thus [Sc(acetylacetone);] has a coordination number of 6 and is 
octahedral. Y(acetylacetone)4(H5O)] has a coordination number of 7 and 
the structure is a capped trigonal prism. In [La(acetylacetone)s  (H3O);] 
the coordination number is 8 and the structure is a distorted square 
antiprism. In [La * EDTA -(H3O),]- 3H;O the EDTA forms four bonds 
from O atoms and two from N atoms, and the O atoms in the four water 
molecules all form bonds to La, giving a coordination number of 10. The 
ions NOx and SOS" also act as bidentate ligands and form complexes with 
high coordination numbers. In [Sc(NO:).]" four NO7, groups are 
bidentate and one is unidentate giving a coordination number of 9. In 
[Y(NO;)s> all five NOF groups are bidentate and the coordination 
number is 10. In Las(SO4)3*9H20 half of the La atoms are 12-coordinate. 

Lanthanum salts have been used as a biological tracer. La?^* appears to 
replace Ca?* in the conduction of nerve impulses along the axons of nerve 
cells. and also in structure promoting in cell membranes. La?^* is readily 
detected by electron spin resonance. The similarity in biological role may 
arise because the ions are similar in size (La^* = 1.082 A, Ca** = 1.00 À). 
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Group 4 — 
the titanium group 


Table 20.1 Electronic structures and oxidation states 


Element Electronic structure Oxidation states* 

Titanium Ti [Ar] 3d? 4s? (-D (0) (I). HI IV 
Zirconium Zr [Kr] 447 SML (IT) (HII) IV 
Hafnium Hf [Xe] 4f!* Sd? 6s? (II) (III) IV 


* The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown in 
normal type. Oxidation states that are unstable, or in doubt, are given in 
parentheses. 


INTRODUCTION 


Titanium is a commercially important element. Vast quantities of TiO; are 
used as a pigment and filler, and Ti metal is important for its strength, low 
density, and corrosion resistance. TiCl; is important as a Ziegler—Natta 
catalyst for making polythene and other polymers. Zirconium is used to 
make the cladding for fuel rods in water cooled nuclear reactors. Hafnium 
is used to make control rods for certain reactors. 


OCCURRENCE AND ABUNDANCE 


Ti is the ninth most abundant element by weight in the earth’s crust. The 
main ores are ilmenite FeTiO; and rutile TiO). In 1992 world production 
was 7.8 million tonnes of ilmenite and 471 000 tonnes of rutile. These had a 
TiO; content of 4.1 million tonnes. The main producers are Canada 2796, 
Australia 24% and Norway 9%. Zr is the eighteenth most abundant 
element, and is found mainly as zircon ZrSiO, and small amounts of 
baddeleyite ZrO. World production of zirconium minerals was 808 000 
tonnes in 1992. Hf is very similar in size and properties to Zr because of 
the lanthanide contraction. Thus Hf occurs to the extent of 1-2% in Zr 


ores, It is particularly difficult to separate Zr and Hf — even more difficult 
than separating the lanthanides, 
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Table 20.2 Abundance of the elements in the 
earth's crust, by weight 


ppm Relative abundance 
Ti 6320 9 
Zr 162 18 
Hf 2.8 45 


EXTRACTION AND USES 


Ti has been called ‘the wonder metal’ because of its unique and- useful 
properties. It is very hard, high melting (1667 °C) and is stronger and much 
lighter than steel (densities Ti = 4.4g cm ?, Fe = 7.87 gcm^?). However, 
even traces of non-metal impurities, for example H, C, N or O, make Ti, 
and also the other two metals Zr and Hf, brittle. Ti has better corrosion 
resistance than stainless steel, It is a better conductor of heat and electricity 
than Group 3 (Sc group) metals. Ti metal and alloys of Ti with Al are used 
extensively in the aircraft industry in jet and gas turbine engines, and in 
airframes. Supersonic aircraft like Concorde can use Al as the structural 


Table 20.3 Some physical properties 


Element Covalent Ionic Melting Boiling Density Pauling's 
radius radius point point electro- 
M** negativity 
(A) Oe) CC) — (gem™) 
Ti 1.32 0.605 1667 3285 4.50 1.5 
Zr 1.45 0.72 1857 4200 6.51 1.4 
Hf 1.44 0.71 2222 4450 13.28 1:3 


skin (m.p. 660°C) by limiting the speed to Mach 2.2 (2.2 times the speed of 
sound). If and when SST (supersonic transport) planes are made which fly 
at three times the speed of sound, it is probable that they will be made of Ti 
(m.p. 1667*C). Ti is also used in marine equipment and in chemical plant. 
Small amounts of Ti alloyed with steel harden and toughen the steel. 
World production of Ti metal is almost 50000 tonnes per year. 

The metal is difficult to extract because of its high melting point and 
because it reacts readily with air, dioxygen, dinitrogen, and hydrogen at 
elevated temperatures. The oxide cannot be reduced by C or CO because it 
forms carbides. Since TiO; is very stable, the first stage is to form TiCl, by 
heating it with C and Cl, at 900°C, 


TiO, + 2C + 2Cb — TiCl, + 2CO 
2FeTiO; + 6C + 7Cl — 2TiCl, + 6CO + 2FeCl; 


TiCl, is a liquid (b.p. 137°C) and is removed from FeCl; and other 
impurities by distillation. One of the following methods is then used. 
continued overleaf 
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Kroll process 


Originally Wilhelm Kroll produced Ti by reducing TiCl; with Ca in an 
electric furnace. Later Mg was used, and Imperial Metal Industries (IMI) 
use Na instead. At this temperature Ti is highly reactive and reacts readily 
with air or N;. It is therefore necessary to perform the reaction under an 
atmosphere of argon. 
TiCl, + 2Mg 1000- 1150*C 

The MgCl, formed can be removed by leaching with water, or better with 
dilute HCI as this dissolves any excess Mg. Alternatively the MgCl; is 
removed by vacuum distillation. This leaves a sponge of Ti rather than a 
solid block. The Ti is converted to the massive form by melting in an 
electric arc under a high vacuum or an atmosphere of argon. The IMT 
process is almost the same. TiCl, is reduced by Na under an atmosphere of 
argon, and NaCl is leached out with water. The Ti is in the form of small 
granules. These can be fabricated into metal parts using ‘powder forming’ 
techniques and sintering in an inert atmosphere. The high fuel costs, the 
necessity to use argon, the cost of Mg or Na, and the need to reheat a 
second time all make Ti expensive. The high cost prevents its being more 
widely used. Zirconium is also produced by the Kroll process. 


Ti + 2MgCl 


The van Arkel—de Boer method 


Small amounts of very pure metal can be produced by this process. Impure 
Ti or Zr are heated in an evacuated vessel with I>. Til, or Zrly is formed, 
and volatilizes (thus separating it from any impurities). At atmospheric 
pressure Til, meits at 150°C and boils at 377°C; Zrl, melts at 499°C and 
boils at 600°C. Under reduced pressure, however, the boiling points are 
lower. The gaseous MI, is decomposed on a white hot tungsten filament. 
As more metal is deposited on the filament it conducts electricity better. 
Thus more electric current must be passed to keep it white hot. 
50-2507C Tipos Ti +21, 
tungsten 
filament 


impure Ti + 21, 


Zr is produced on a much smaller scale than Ti. Zr is even more corrosion 
resistant than is Ti, and is used in chemical plants. Its most important use is 
to make the cladding (that is the casing) for UO; fuel in water cooled 
nuclear reactors. Its corrosion resistance, high melting point (1857°C) and 
low absorption of neutrons make it very suitable. (Of the metallic elements 
only Be and Mg have lower neutron absorption cross-sections than Zr. 
They are unsuitable for use as cladding as Be is brittle and Mg corrodes too 
easily.) Hf always occurs with Zr. Their chemical properties are almost 
identical, and for most purposes there is no need to separate them. How- 
ever, Hf absorbs neutrons very strongly, and Zr used for cladding must be 
free from Hf. 

The similarity in size of the ions makes separation exceedingly difficult. 
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| The same problem is encountered in separating the lanthanide elements 
(see Chapter 29). Zr and Hf are separated by solvent extraction of their 
nitrates into tri-n-butyl phosphate or thiocyanates into methylisobutyl 
ketone. Alternatively the elements can be separated by ion exchange of an 
alcoholic solution of the tetrachlorides on silica gel columns. On eluting the 
column with an alcohol/HCI mixture. the Zr comes off first. 

Zr is also used to make alloys with steel. and a Zr/Nb alloy is an 
important superconductor. The very high absorption of thermal neutrons 
by Hf is turned to good use. Hf is used to make control rods for regulating 
the free neutron levels in the nuclear reactors used in submarines. 


OXIDATION STATES 


The most common and most stable oxidation state for all the elements 
is (+1V). Anhydrous compounds such as TiCl, are covalent and the 
molecules are tetrahedral in the gaseous state. Most of the halides retain 
their tetrahedral structure in the solid. TiF; has the largest electro- 
negativity difference and is the most likely compound to be ionic. It is a 
volatile white powder, which sublimes at 284°C — not behaviour typical of 
an ionic salt. Its crystal structure is a polymeric F bridged structure in 
which each Ti is octahedrally surrounded by six F atoms. 

In the oxidation state (+1V) the elements have a d". configuration with 
no unpaired electrons: hence their compounds are typically white or 
colourless and diamagnetic. 

Ti?" ions do not exist in solution but oxoions are formed instead, The 
titanyl ion TiO?* is found in solution but it usually polymerizes in 
crystalline salts. 

The oxidation state (+IH) is reducing, and Ti^* ions are more strongly 
reducing than Sn^*. They are reasonably stable, and exist as solids and in 
solution. Since the M?* ions have a d! configuration they have one 
unpaired electron and are paramagnetic. The magnetic moments of their 
compounds are close to the spin only value of 1.73 Bohr magnetons. With 
only one d electron, there is only one possible d-d electronic transition: 
hence there is only one band in the visible spectrum. and nearly all the 
compounds are a pale purple-red colour. 

The (--H) state is very unstable and is so strongly reducing that it reduces 
Water. Thus few compounds are known and these exist only in the solid 
state. The (0). (>I) and (~I) states are found in the dipyridyt complexes 
[Ti (dipy)s] Li[Ti ^ (dipy)4]3-5 tetrahydrofuran and Li»[Ti ` (dipy)4]5 
tetrahvdrofuran. The lower oxidation states tend to disproportionate. 


rici, 595. Ti VCI, Ti" Cl 
2Ti!Cl; > TYCH + Ti? 


SIZE 


The covalent and ionic radii increase normally from Ti to Zr, but Zr and Hf 
are almost identical in size. The reason why Hf does not show the expected 
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increase in size is that between La and Hf the 4f level is filled with the 14 
lanthanide elements. There is a small decrease in size from one lanthanide 
clement to the next. The overall decrease in size across the 14 elements is 
called the lanthanide contraction (see Chapter 29). The decrease in size 
caused by the lanthanide contraction cancels out the expected size increase 
from Zr to Hf. Since the sizes of Hf and La are almost identical and they 
have a similar outer electronic structure, their chemical properties are 
almost identical. Separation of these two elements is difficult as noted 
above under ‘Extraction and uses’. 


REACTIVITY AND PASSIVE BEHAVIOUR 


The compact (massive) forms of the metals are unreactive or passive at low 
and moderate temperatures. This results from a thin impermeable oxide 
film which forms on the surface and prevents further attack, This is 
particularly effective with Ti. (Note, however, that the finely divided 
metals are pyrophoric.) At room temperature the metals are unaffected by 
either acids or alkali. However, Ti dissolves slowly in hot concentrated 
HCI, giving Ti" and Hy. Ti is oxidized by hot HNO», giving the hydrated 
oxide TiO; (H3O),. Zr dissolves in hot concentrated H5SO, and aqua 
regia. The best solvent for all the metals is HF, because they form 
hexafluoro complexes. 


Ti + 6HF — Hy[TiF,] + 2H, 


At about 450°C all three metals begin to react with many substances, At 
temperatures over 600°C they are highly reactive. They form oxides MO,, 
halides MX, interstitial nitrides MN and interstitial carbides MC by direct 
combination, Like the scandium group, the powdered metals absorb H3. 
The amount absorbed depends on the temperature and pressure, and 
interstitial compounds are formed of limiting composition MH;. These 
interstitial hydrides are stable in air. and are unaffected by water. This is in 
contrast to the behaviour of the ionic hydrides of the scandium group and 


s-block elements. 
e 


STANDARD REDUCTION POTENTIALS (VOLTS) 


(+1V) STATE 
Oxides 


World production of TiO: was 4.1 million tonnes in 1992. More than half 
is used as a white pigment in paint, and as an Opucitier to make coloured 
paint opaque. It has replaced the earlier Pigments white lead (2PbCO, + 
Pb(OH);), BaSO; and CaSO, for this purpose. It has three advantages 
over Pb: it covers better, it is non-toxic, and it does not blacken if exposed 
to HS. The other major uses of TiOs are for whitening paper. and as a 
filler in plastics and rubber. Some is used for delustering and whitening 
nylon, iden 
Naturally occurring TiO; is invariably coloured hy impurities. There are 
two commercial processes for obtaining pure TiO», the older sulphate 
Process and the more recent chloride process. In the chloride process rutile 
(T102) is heated with chlorine and coke at 90°C; forming TiCl,. This is 
volatile and can thus be separated from any impurities. The TiCl, is heated 
with Oz at about 1200°C, forming pure TiO; and Cls, The chlorine is 
reused. ! á 

TiO; + 2C + 2Cl; TCL « 2CO 

TiCl, + 20; ^ TiO; + 2CI; 


In the sulphate process. ilmenite FeTiO, is digested with concentrated 
1,50,: Fe'SO,, Fe! (SO;), and titanyl sulphate TiO - SO, are formed as 
a sulphate cake. This latter is leached with water and any insoluble 
material is removed. Fe! in the solution is reduced to Fe" using serap 
iron, and then FeSO, is crystallized out by vacuum evaporation and 
cooling, The TiOSO, solution is hydrolysed by boiling, and then the 
solution is seeded with rutile or anatase crystals as required, 

The crystal structures of the oxides suggest that,they are ionic. However, 
the sum of the first four ionization energies is so high (8800 KJ mol”! for 
Ti** ) that this seems improbable. TiO; occurs in three different crystalline 
forms; rutile, anatase and brookite. Rutile is the most common: here each 
Ti is surrounded octahedrally by six O atoms (see Chapter 3, under ‘Ionic 
compounds of the type AX."). The structures of the other two forms are 
distorted octahedral arrangements. The oxides are insoluble in water. M** 
ions do not exist in solution, but MO?” ions are formed, giving basic salts 
such as titanyl sulphate TIO: SO,. Either TIO?” ions or [T(OH);]^* are 
present in solution. but in the solid they polymerize into oxygen bridged 
(MO); chains. The X-ray structure of TiO SO, shows that cach Ti is 
surrounded octahedrally by six O atoms: two chain O atoms, O atoms from 
three SO; groups and O from one. H;O, -= 

In a similar way zirconyl ions ZrO^* exist in solution, and they form 
polymeric species in crystals. Zirconyl nitrate ZrO(NO,); forms an oxygen 
bridged chain structure similar to TiO «SO. ZrO(NO)); is soluble in water 
and dilute HNO;, and is used to remove phosphate in qualitative analysis 
Otherwise it would interfere with the systematic analysis for metals. The 
phosphates of Ti, Zr and Hf are all insoluble, 
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Figure 20.1 Polymeric (TiO)?* chain. 


TiO, ZrO, and HfO, are all very stable white solids, are non-volatile, 
and are rendered refractory by strong ignition. On strong heating ZrO, 
becomes very hard and its high melting point of 2700°C and its resistance 
to chemical attack make it useful for making high temperature crucibles 
and furnace linings. Fibres of ZrO» are made commercially and are 
similar to those of AlO; described in Chapter 12. If the solids have been 
prepared dry, or have been heated, they do not react with acids. If they 
are prepared in solution, for example by hydrolysing TiCl;, the oxide 
dissolves in HCl, HF and H5SO,, forming complexes [TiCl;]^7; [TiF,]2- 
or [Ti(SO,)3]?~. 

The basic properties of the oxides increase with atomic number: TiO; is 
amphoteric, and ZrO, and HfO, are increasingly basic. TiO» dissolves in 
both bases and acids, forming titanates and titanyl compounds: 

TiO-SO, 5:39: TiO, . (H40), ene NOH Na;TiO;- (H30), 


titanyl sulphate sodium titanate 


Ti(OH), is not known because it dehydrates to give the hydrated oxide. 


Mixed oxides 


If the oxides TiO, ZrO, or HfO; are fused (at temperatures of 1000— 
2500°C) with the appropriate quantities of other metal oxides, titanates, 
zirconates and hafnates are formed. These are mixed oxides, and typically 
do not contain discrete ions. Thus anhydrous sodium titanate Na;TiO, can 
be made by fusing TiO, with Na;O, ‚NaCO; or NaOH. Reduction of 


nonstoichiometric materials of formula Na,» 9 2sTiO>. These have a high 
electrical conductivity, and have a blue-black metal-like appearance, and 
are similar to the tungsten bronzes. Calcium titanate CaTiO, occurs 
naturally as perovskite, and ilmenite (iron titanate) Fe''TiO; provides the 
largest source of Ti, 


When the two metals differ appreciably in size the perovskite structure 
(Figure 20.2) is formed. This is a cubic close-packed array of O and Ca (so 
that the Ca has a coordination number of 12) with Ti occupying one 
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Figure 20.2 Perovskite structure. 


quarter of the octahedral holes. The holes occupied are those bounded 
completely by O atoms, thus keeping Ca and Ti as far apart as possible. 

BaTiO, has a perovskite structure. The Ba?* ion is too large to fit into 
the close-packed oxide lattice without expanding it. This increases the size 
of the octahedral holes, so that Ti can ‘rattle’ in its octahedral hole. In an 
electric field the Ti atoms are drawn to one side of the hole, thus causing 
some polarization and making the crystal strongly ferroelectric. It is also 
piezoelectric (pressure produces an electric current, and vice versa). This 
makes it useful as a transducer for crystals in gramophone pickups and 
microphones, and for ceramic capacitors and other electronic uses. 

Other titanates have the formula M3'TiO,, where M may be Mg, Mn, 
Fe, Co or Zn. Mg;TiO, has a spinel structure (like MgAl,O,). The oxide 
ions form a cubic close-packed array and the Mg ions occupy one half of 
the octahedral holes and Ti occupies one eighth of the tetrahedral holes. 
Thus these compounds contain discrete [TiO;]^- ions. 


Peroxides 


A characteristic property of Ti(IV) solutions is that they form an intense 
yellow-orange colour on addition of H5O;. This reaction can be used for 
the colorimetric determination of either Ti(IV) or H5O;. The colour is 
thought to be due to the formation of a peroxo complex. Below pH 1 the 
main species is [Ti(O;) - OH - (H2O),]^. in which the peroxo group is 
bidentate. 


Halides 


TiCl, is the best known halide and is made commercially by passing Cl; 
over heated TiO; and C. The other halides MX, can be made in a similar 
way. To avoid handling F;, the fluorides can be prepared from TiCl, by 
reaction with anhydrous HF. 


TiCl, + 4HF — TiF, + 4HCI 


The iodides can also be made by heating the halogens and metal. They are 
important in the van Arkel—de Boer process for purifying the metals. 
TiCl, is a colourless, diamagnetic, covalent fuming liquid. ZrCl, is a 
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white solid. In the gaseous state, all the halides are tetrahedral, but in the 
solid zig-zag chains of MX, octahedra exist. The halides are all hydrolysed 
vigorously by water, and fume in moist air, giving TiO; though hydrolysis 
with aqueous HCI gives the oxochloride TiOCI.. 


TiCl; + 2H,O—+ TiO»: (H;O), + 4HCI 


TiCl; + H,0-tiocL + 2HCI 


The fluorides are more stable than the other halides. 
The tetrahalides act as Lewis acids (electron pair acceptors) with a wide 
variety of donors, forming a large number of octahedral complexes. 
Tiss PriE 7 vane 
TIC S SES TEC M 
Other ligands include phosphines RP, arsines RyAs, oxygen donors R30, 
and nitrogen donors such as pyridine, ammonia and trimethylamine. The 
complexes formed have the formula [TiX, +L] and are octahedral, In most 
cases the added ligands are ciy to each other. 

Other coordination numbers are found in complexes. A few unusual 
five-coordinate complexes exist such as Et, N[Ti! VCI;]" and [TiCI, - ASH]. 
A few seven-coordinate complexes are known: Nas[ZrF;] and Na,[HfF,]. 
These have a pentagonal bipyramidal shape like IF}. However, the 
structure of (NH.):[ZrF;] is a capped trigonal prism: the Zr is at the centre 
of a trigonal prism of six F atoms, with an extra F in the middle of one face. 
Another unusual compound is T((NO:),. The NOF groups are bidentate, 
that is two O atoms from each NOx are bonded to Ti. Thus the 
coordination number of Ti is 8. and the shape is a nearly regular triangu- 
lated dodecahedron called a bisdisphenoid. Na,[ZrFy] and Na;[HfF;] also 
have a bisdisphenoid configuration. However. in [Cu(H;0);]5 * [ZrF,]*- 
the Zr is eight-coordinate but has a square antiprism structure, (This may 
be visualized as a cube in which the top face has been rotated 45°.) The 
as of the seven- and eight-coordinate complexes are given in Figure 

EA 


(*III) STATE 


All the (+111) compounds have a d! configuration and are coloured and 
paramagnetic. Ti(III) is much more basic than Ti(IV), and the addition of 
alkali to Ti** solutions precipitates Ti,O-(H,O),. which is purple in 
colour, and insoluble in excess alkali. 

The halides TiX, are readily formed by reducing TiX, compounds. Thus 
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(a) [ZrF;*- ion in Nas[ZrF;] (b) [ZrF;?- ion in 

pentagonal bipyramid (NHa4)g[ZrF;] trigonal prism 
with an extra atom in the middle 
of a rectangular face 


(c) (ZrFa]^- ion in (d) [ZrFg]*- ion in Na4[ZrFs] 
[Cu(H20)s]2°* [ZrFe]* square bisdisphenoid 

antiprism (like a cube with the 

top face rotated 45°) 


Figure 20.3 Structures of some fluoride complexes. 


out of direct sunlight. There are two different hydrated forms of Ti"!Cl. 
These have different colours. In one complex the Ti!" is surrounded by six 
H5O molecules, [Ti(HO),]** 3CI^, and in the other it is surrounded by 
five H20 molecules and one CI", giving (TiCI(H5O)s]^* 2CI~. These two 
environments give rise to a different degree of crystal field splitting of the d 
levels: hence the energy jump for the single d electron is different in the 
two cases, and their colours are different. 

Ti?* is used in volumetric analysis for the determination of Fe?* and also 
organic nitro compounds. In the iron titration the end point may be 
detected with ammonium thiocyanate which remains red whilst any Fe** is 
present, or by methylene blue which is reduced and decolorized as soon as 
Ti^* is in excess. 


Disproportionate 
on heating TiCl, 


and 
Tici; 


Tici, 999€. Tici, HO. C (Tiho ci; 


ved Violet Violet 
Ti notaci (TH,0),C112*C15 


Green 
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FeCl; + TiCl; + H;O — FeCl, + TiO -Cl + 2HCI 
R-NO, + 6Ti**  4H;O > R- NH, + 6TiO?* + 6H* 


A wide variety of complexes are formed, for example [Ti!"'F,]*~, 
[ri"ChP-, [Ti"Cl.H,OP-, [TiBr;-(dipyridyl),], and [TiBry- 
(dipyridyl);]* [TiBr, - dipyridyl]". 

Zr(III) and Hf(III) are unstable in water, and exist only as solid 
compounds. 


ORGANOMETALLIC COMPOUNDS 
Ziegler—Natta catalysts 


Solutions of AIEt; and TiCl, in a hydrocarbon solvent react exothermically 
to form a brown solid. This is the important Ziegler-Natta catalyst for 
polymerizing ethene (ethylene) to form polythene. Ziegler and Natta were 
awarded the Nobel Prize for Chemistry in 1963 for this work. (See also 
Chapter 12.) (Similar catalytic activity has been found from mixtures of Li, 
Be or Al alkyls with halides from Groups 4, 5 and 6, the Ti, V and Cr 
groups. 

The AIEt;/TiCl, catalyst is of great commercial importance. It produces 
stereoregular polymers (that is polymers where the molecules have the 
same orientation). These are stronger and have higher melting points than 
atactic or random polymers. Practically any alkene can be polymerized. 

A large amount of work has been directed to how the catalyst works. 
The active species is Ti™"!, and the AIEt; can reduce TiCl, to TiCl, in situ, 
or TiCl; may be added instead. Then one of the CI atoms is replaced by an 
ethyl group. A possible mechanism is that the double bond in ethene 
attaches itself to a vacant site on a Ti atom on the surface of the catalyst. A 
carbon shift reaction occurs, and the ethene migrates and is inserted 
between Ti and C in the Ti—Et bond. This extends the C chain from two 
to four atoms, leaving a vacant site on Ti. The process is repeated, and the 
C chain grows in length. A similar reaction occurs with other alkenes such 
as propylene CH;—CH=CH). When the double bond attaches to Ti the 
CH; group must always point away from the surface simply because the 
reaction occurs on a surface. Thus when the molecule migrates and is 
inserted into the Ti—C bond it always has the same orientation. This is 
called cis insertion of the alkene, and explains why the polymers produced 
are stereoregular. 

Polymerization of ethene was originally carried out using a high tem- 
perature and pressure. By using a Ziegler—Natta catalyst polymerization 
can be carried out under relatively mild conditions from room temperature 
to 93°C, and from atmospheric Pressure to 100 atmospheres. Eventually 
the product is hydrolysed with water or alcohol and the catalyst is 
removed. The polymer produced is called high-density polythene and has a 
density 0.95—0.97 g cm? and a melting point of 135°C. It has a molecular 
weight of 20000-30000, and consists of straight chains with very little 
branching. This form of polythene is relatively hard and stiff. Another 
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Surface 


Figure 20.4 Suggested polymerization with a Ziegler- Natta catalyst. 


form of polythene called low-density polythene is much softer and has a 
lower density, 0.91—0.94gcm ^. and a lower melting point of about 
115°C. This consists of much branched chains, and is produced by a free 
radical polymerization of ethene and a promoter under much more severe 
conditions (190—210?C and 1500 atmospheres pressure). Production of all 
forms of polythene was 24.6 million tonnes, and of polypropylene 12 
million tonnes, both in 1991. 


Other compounds 


No stable carbonyl compounds are known. Ti(CO), has been formed using 
the matrix isolation technique by condensing Ti vapour and CO in a solid 
matrix of inert gas at very low temperatures. It has been studied spectro- 
scopically. The absence of carbonyls is probably due to the shortage of d 
electrons for back bonding. 

Cyclopentadienyl compounds are much more stable and better known. 
In describing organometallic compounds it is convenient to describe the 
hapticity n of a group as the number of C atoms associated with the metal. 
Several stable bis(cyclopentadienyls) are known such as (Ti(n?-C5Hs); 
(CO);]. [Ti(n"-C;Hs)((NR;)] and [Ti(m*-CsHs)(SCN)j. The struc- 
tures are roughly tetrahedral, but the cyclopentadienyl molecules are 
pentahaptic, that is five C atoms in each ring are attached to Ti. Reduction 
of these compounds gives [Ti(CsHs);: X] or [Ti(CsHs)2]. The latter 
formula resembles ferrocene [Fe(C;sHs)2], but the structure of the Ti 
compound is dimeric, and hence is different. 
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Tetra(cyclopentadienyl) compounds such as Ti(CsHs)4 can pe made 
from TiCl, and NaC;Hs. The formula may be written [Ti(n°-CsHs)> 
(n'-C;H5);], where two cyclopentadienyl rings are attached by five C 
atoms (x bonded) and two rings are attached by one C atom (o bonded). 
Nuclear magnetic resonance studies on these tetra(cyclopentadienyl) 
compounds suggest that in the n' rings the C bonded to Ti continually 
changes, and also the n? and n! rings interchange their roles. Hf forms an 
identical compound, but rather surprisingly the Zr compound has three n> 
rings and only one n! ring. 

Only a few alkyls and aryls are known, and they are generally unstable in 
air and water. CsHs - Ti(C4H7O);, CH3TiCl, and Ti(CH, - Ph), are stable 
at 10°C, and Ti(CH;), is stable below —20°C. Most compounds with an 
alkyl group attached to Ti will polymerize alkenes. 

Some organometallic Ti compounds are able to fix N gas and produce 
NH3. One example is (CigHjoTi);. This cycle could be similar to the 
dinitrogen fixation process in nature. (Dinitrogen complexes are discussed 
under ruthenium(II) complexes in Chapter 24.) 


Zion), + 2Na—— Ti!l(oR), + 2RONa 


THOR), «N, —— (TOR) NI, 
AITIOR), -Nl 4 Na! POM CT Von] D * ARO Na +2NH, 
Ly QE gis 2 


Figure 20.5 Cycle for fixation of dinitrogen. 
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Group 5 — 
the vanadium group 


Table 21.1 Electronic structures and oxidation states 


Element Electronic structure Oxidation states* 

Vanadium v [Ar] 3d? 4s? (-1) (0) (D) (ID) IH IV. V 
Niobium Nb [Kr] 44? 5s? (=I) (0) (1) (II) III (IV) V 
Tantalum Ta [Xe] 4/'* Sd? 6? (=I) (0) (I) (II) III (IV) V 


* The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normal type. Oxidation states that are unstable, or in doubt, are given in 
parentheses. 


INTRODUCTION 


Vanadium is commercially important as the alloy ferrovanadium which is 
used to make alloy steels. V205 is well knowm and is an important catalyst, 
and V metal is also used as a catalyst. The vanadates have an extensive 
solution chemistry. Niobium and tantalum are only used in small 
quantities. However, there is great theoretical interest in the cluster 
compounds they form in their low oxidation states. 


ABUNDANCE, EXTRACTION AND USES 


V. Nb and Ta have odd atomic numbers and are less abundant than their 
neighbours. However, V is the nineteenth most abundant element by 
weight in the earth's crust, and is the fifth most abundant transition 
element. It is widely spread, and there are few concentrated deposits. 
Much is obtained as a by-product from other processes. It occurs in lead 
ores as vanadinite PbCl;-3Pbi(VO4);. in uranium ores as carnotite 
K;(UO;)(VO;),:3H;O and in some crude oil from Venezuela and 
Canada. Vanadate residues are heated with Na>CO, or NaCl at 800°C. 
The sodium vanadate NaVO, formed is then leached out with water, 
acidified with HSO; to precipitate red coloured sodium polyvanadate. 
and heated to 700°C to give V2Os. (This is black. possibly because of 
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impurities: usually V;O; is red or orange.) Over 75% of the VO is 
converted to an iron/vanadium alloy called ferrovanadium. This contains 
about 50% Fe. It is made by heating VO; with iron or iron oxide and 
a reducing agent such as C, Al or ferrosilicon. Ferrovanadium is used 
commercially to make steel alloys for springs and high speed cutting tools. 
Vanadium metal is seldom used on its own. It is difficult to prepare because 
at the elevated temperatures used in metallurgy it reacts with O5, N, and 
C. Pure vanadium can be obtained by reducing VCl; with H-or Mg, by 
reducing V5Os with Ca, or by electrolysing a fused halide complex. World 
production of V in alloys and pure metal was 28400 tonnes in 1992. 
V20; is extremely important as the catalyst in the conversion of SO; into 
SO; in the Contact process for making H5SO,. It has replaced Pt as catalyst 


Table 21.2 Abundance of the elements in the 
earth's crust, by weight 


ppm Relative abundance 
V 136 19 
Nb 20 32 
Ta 1.7 53 


because it is much cheaper, and is less susceptible to poisoning by 
impurities such as arsenic. Vanadium is an important catalyst.in oxidation 
reactions such as naphthalene — phthalic acid, and toluene — benzal- 
dehyde. A Cu/V alloy is used as a catalyst in the oxidation of cyclohexanol/ 
cyclohexanone mixtures to adipic acid. ( Adipic acid is used to make nylon- 
66.) Vanadium is also used as a catalyst for the reduction (hydrogenation) 
of alkenes ant aromatic hydrocarbons. 

Niobium and tantalum occur together. The most important mineral 
is pyrochlorite CaNaNb;O,F. Much smaller amounts of columbite 
(Fe,Mn)Nb;O, and tantalite (Fe,Mn)Ta;O, are also mined. However, 
6076 of Ta is recovered from the slag from extracting Sn. The ores are 
dissolved either by fusion with alkali or in acid. Formerly separation of Nb 
and Ta was achieved by treatment with a solution of HF, when Nb formed 
soluble K;[NbOF;] and Ta formed insoluble K»[TaF;]. Separation is now 
performed by solvent extraction from dilute HF to methyl isobutyl ketone. 
The metals are obtained either by reducing the pentoxides with Na, or by 
electrolysis of molten fluoro complexes such as K;[NbF;]. In 1992, world 
production was 15200 tonnes of Nb and 600 tonnes of Ta. 

Nb is used in various stainless steels, and Nb/steel is used to encapsulate 
the fuel elements for some nuclear reactors. A Nb/Zr alloy is a super- 
conductor at low temperatures, and is used to make wire for very powerful 
electromagnets. Ta is used to make capacitors for the electronics industry. 
Because it is not rejected by the human body it is valuable for making 
metal plates, screws and wire for repairing badly fractured bones. Tantalum 
carbide TaC is one of the highest melting solids known (about 3800 2C). 
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OXIDATION STATES 


The maximum oxidation state for this group is (+V). All three elements 
show the full range of oxidation states from (—I) to (+V). For vanadium 
the (+II) and (+I) states are reducing, (--IV) is stable, and (+V) slightly 
oxidizing. For Nb and Ta the (+V) state is by far the most stable and the 
best known, although lower oxidation states are known. 

V(+V) is reduced by zinc and acid to V?*, Nb(+V) is reduced to Nb^* 
but Ta(+V) is not reduced. This illustrates the increasing stability of the 
(+V) state on descending the group. At the same time the lower oxidation 
states become less stable. This is the opposite trend to that in the main 
groups. 


SIZE 


The atoms are smaller than those of Group 4 due to the poor shielding 
of the nucleus by d electrons. The covalent and ionic radii of Nb and Ta are 
identical because of the lanthanide contraction (Table 21.3). Consequently 
these two elements have very similar properties, occur together, and are 
very difficult to separate. 


GENERAL PROPERTIES 


V. Nb and Ta are silvery coloured metals with high melting points. V has 
the highest melting point in the first row transition elements. This is 
associated with the maximum participation of d electrons in metallic 
bonding. The melting points of Nb and Ta are high. but the maximum 
melting point in the second and third row transition elements occurs in the 
next group (Group 6) with Mo and W. 

The pure metals V, Nb and Ta are moderately soft and ductile, but 
traces of impurities make them harder and brittle. They are extremely 
resistant to corrosion due to the formation of a surface film of oxide. At 
room temperature they are not affected by air, water or acids, other than 
HF with which they form complexes. V also dissolves in oxidizing acids 
such as hot concentrated HSO4, HNO, and aqua regia. V is unaffected by 
alkali, showing that it is completely basic, but Nb and Ta dissolve in fused 
alkali. 


Table 21.3 Some physical properties 


Covalent Ionic radius (À) Melting Boiling Density — Pauling's 


radius =e Ora point cj electro- 
(À) M?* M (°C) (C) (gem™*) negativity 
V 1.22 0.79 0.640 1915 3350 6.11 1.6 
Nb 1.34 - 0.72 2468 4758 8.57 1.6 
Ta 1.34 - 0.72 2980 5534 16.65 1.5 
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At high temperatures all three metals react with many non-metals. The 
products are often interstitial compounds which are non stoichiometric. 

V forms many different positive ions, but Nb and Ta form virtually none. 
Thus though Nb and Ta are metals, their compounds in the (+V) state are 
mostly covalent, volatile, and readily hydrolysed — properties associated 
with non-metals. 

The tendency to form simple ionic compounds decreases as the oxidation 
state increases. Even though V?* and V?* are reducing, they exist both in 
the solid and in solution (as hexahydrate ions). They have an extensive 
aqueous chemistry. The oxidation state (--IV) is dominated by the VO?* 
ion. This is very stable and exists in a wide range of compounds both as 
solids and in solution (as the hydrated ion). Some covalent (--IV) com- 
pounds such as VCI, also exist. The (+V) state may be covalent as in VFs, 
or form VO} or VOj- hydrated ions. The chemistry of Nb and Ta is 
largely confined to the (+V) state. 

The basic properties of the oxides M30; increase down the group. V205 
is amphoteric but mainly acidic. It dissolves slightly in water, giving a pale 
yellow acidic solution. It dissolves readily in NaOH, forming colourless 
solutions which contain a wide range of vanadate ions. The ions formed 
depend on the pH: various isopolyvanadates at intermediate pH and 
orthovanadate VO" at high pH. The aqueous chemistry of the poly- 
merized vanadates is quite complex. V5O; also dissolves slightly in con- 
centrated H»SO,. forming the pale yellow VOZ ion. Nb;O; and Ta20; are 
rather unreactive but are amphoteric. They have only very weak acidic 
properties. Niobates and tantalates are only formed by fusing with NaOH. 
They are decomposed by weak acids or CO}, and only partially imitate the 
behaviour of the isopolyvanadates. 

Whilst V^* and V** are well known, Nb(II), Ta(II), Nb(III) and Ta(III) 
are not ionic but exist as cluster compounds M;X;», in which groups of 
metal atoms are bonded together. 


COLOUR 


Colour in transition metal compounds very commonly arises from d-d 
electronic transitions. It can also arise from defects in the solid state (see 
Chapter 3) and from charge transfer spectra. (Charge transfer spectra are 
discussed under Snl; in Chapter 13.) The oxidation st. tes below (+V) are 
coloured because they have an incomplete d shell of electrons and give d-d 
spectra. However, the (+V) state has a d" configuration and so colourless 
compounds would be expected. NbFs, TaF; and TaCl; are white, but V20, 
is red or orange, NbCls is yellow, NbBrs is orange and Nbl, is brass 
coloured. The colours arise because of charge transfer. 


COMPOUNDS WITH NITROGEN, CARBON AND HYDROGEN 


At high temperatures the metals react with N3, forming interstitial nitrides 
MN, and with C, forming two series of carbides MC and MC;. Carbides 
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-such as NbC and TaC are interstitial, refractory and very hard, like TiC 
and HfC in the previous group. TaC has the highest melting point of any 
compound, about 3800°C. In contrast, carbides such as VC; are ionic and 
react with water, liberating ethyne. 

All three elements react with H5 on heating, forming nonstoichiometric 
hydrides. The amount of hydrogen absorbed depends on the temperature 
and pressure. Here, as in the titanium group, the metal lattice expands as 
hydrogen enters interstitial positions. Thus the density of the hydride is less 
than that of the metal. It is difficult to decide if these are true compounds 
or solid solutions, as the maximum hydrogen contents are VHo 7;, NbH, ss 
and TaHo.76- 


HALIDES 


When V is heated with the halogens, halides of different oxidation states 
are formed: VFs, VCl,, VBr; and VI}. Nb and Ta react with all of the 
halogens on heating to give pentahalides MXs. The range of halides which 
have been formed is summarized in Table 21.4. All the halides are volatile, 
covalent and hydrolysed by water. 


Table 21.4 Halides 


Oxidation states 


(+11) (+M) (+IV) (+V) 

VF. blue VF, yellow-green VF, green VF. colourless 

VCI; pale green VCl, red-violet VCI, reddish brown - (liquid) 

VBr.orange-brown | VBr, brown VBr; magenta - 

Vi, red-violet n black-brown = 

- (NbF;) *blue NbF, black NbF. white 

- NbCl, black NbCI, violet NbCK yellow 

- NbBr, brown NbBr, brown NbBr. orange 

- Nbi, Nbl, grey Nbls brass 

= (TaF;) "blue - TaFs white 
TaCl, black TaCl, black . TaCk white 

- TaBry TaBr, blue TaBr. yellow 

> - Tal, Tal, black 


eee 


The most stable oxidation states are shown in bold. 
* may be oxide fluorides. 


(+V) halides 


V forms only a pentafluoride, but Nb and Ta form the full range of halides. 
These may be formed by direct reaction of the elements or by the reactions 
M30, + F; > MFs NbCl; or TaCls; + F; > MF; 


QVE, — 9C, VE, + VF. NbCl; or TaCl; + HF > MFs 


disproportionates. 
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Figure 21.1 Tetrameric structure of NbFs and TaFs. 


VF; is a colourless liquid, but the other pentahalides are solids. They adopt 
several different structures. The fluorides are built of octahedral MF, units 
with two cis fluorine atoms in each octahedron acting as bridging groups 
V—F—V with other octahedra. VF; forms long chains of octahedra in this 
way, but NbF; and TaF; form cyclic tetramers with four octahedra joined 
in this way (Figure 21.1). 

This structure is also found in other pentahalides, e.g. MoF;, RuFs and 
OsF;. Solid NbCl; and TaCls are dimeric with two octahedra joined by 
sharing two corners, i.e. one edge (Figure 21.2). 

All of the pentahalides can be sublimed under an atmosphere of the 
appropriate halogen. In the vapour phase they probably exist as mono- 
meric trigonal bipyramids. 

The pentafluorides all react with F^ ions, forming octahedral [MF,]~ 
complexes. As in Group 4, the heavier elements can form complexes 
with higher coordination numbers. With high concentrations of F^ the 
complexes [NbOF;]*~, [NbF;]?- and [TaF;J^- are formed. The structures 
of the seven-coordinate species are capped trigonal prisms, i.e. a trigonal 
prism with one extra atom in a rectangular face (see Figure 20.3b). With 
an even higher concentration of F^, Ta forms [TaFs]°~ with a square 
antiprism structure (Figure 20.3c) while Nb forms [NbOF,]*~ which is an 
octahedron with an extra atom in one of the faces. This inability of Ta to 
form oxohalides has been used to separate Nb and Ta. 

On warming the halides MF; and MCI; with donors such as dimethyl 
ether (CH3);O or dimethyl sulphoxide (CH3);SO, the halides extract O 
and form oxochlorides MOCI;. Oxohalides are also formed when the 
pentahalides are heated in air. VOCI, can also be made by heating 
V20; with Cl; (or sometimes C and Cl). The oxohalides are all readily 
hydrolysed by.water to the hydrated pentoxide. The oxohalides are 
tetrahedral in shape. 

The pentahalides react with N;O, in giving solvated nitrates such as 
NbO;- NO;-0.67MeCN, and anhydrous nitrates such as NbO(NO3)3. 

The (+V) halides have a d° configuration, and cannot give d—d spectra. 
The fluorides are white but the other halides are coloured due to charge 
transfer spectra. 
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Figure 21.2 Dimeric structure of NbCls. 


(-- IV) halides 


All the tetrahalides are known except TaF,. These may be prepared as 
follows: 
reduce with 


V+Ch— VCl, NbX; or TaX; ———— —— MX, 
Ha, Al. Nb or Ta 


V + HF > VF, 


VCI, is tetrahedral in the gas. The d' configuration of V(+IV) would be 
expected to make this unstable and to cause distortion. In the liquid it is 
dimeric. NbF, is a black, paramagnetic involatile solid made up of regular 
octahedra joined in a chain by their edges. The tetrachlorides, tetra- 
bromides and tetraiodides of Nb and Ta are also brown-black solids and 
are diamagnetic. This suggests extensive metal-metal interaction. In Nbl,, 
the structure is a chain of octahedra joined by their edges. The Nb atoms 
are displaced from the centre of the NbI, octahedron and occur in pairs, 
thus permitting weak Nb—Nb bonds of length 3.20A, and pairing the 
previously unpaired electron spins (Figure 21.3). NbCI, is similar and has 
M—M bonds of length 3.06 Å. 
The tetrahalides tend to disproportionate: 


room temperature 


2VCl 2VCl, + Cl; (VCls does not exist) 


r3:20R« 7-383À— 
I 
l 


a 


Figure 21.3 Polymeric structure of NbI,, with metal-metal bonds. 
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JUEVES 


2TaCl, > TaCl; + TaCl; 
They also hydrolyse with water: 


vel, 28, voci, 


4Ta "Cl, 28°, TaYOs + 2Tal"'Cl, + 10HCI 


(+III) halides 


All the trihalides are known except for Tal. They are reducing, have a d? 
configuration, and are brown or black in colour. The VX, compounds are 
all polymeric compounds in which V is octahedrally surrounded. VCl; and 
VBr; can be made from the elements, and VF; is made from VCl; and HF. 
VF; can be crystallized from water, giving [VF;- (H20)3], and, for the 
other halides, [V(H,O),]** and three X^ ions. VCl; forms complexes such 
as VCl;-(NMe;)2, which has a trigonal bipyramid shape. VI, dispro- 
portionates as follows: 


Vl > Vb + VI, 


Spectra 


The V?* ion has a d? configuration. The two d electrons occupy two of the 
15, Orbitals, i.e. any two from d,,, dyz, and d,.. The ground state is triply 
degenerate and has the symbol TD). At first sight it might be expected 
that by promoting these electrons to the €, level two d-d absorption 
bands would occur in the electronic spectrum. Under suitable conditions 
three bands are observed. If one electron is promoted from the t2, level to 
the e, level then the most stable arrangement (i.e. that with the lowest 
energy) will be when the two electrons occupy orbitals as far apart as 
possible, i.e. at right angles to each other. Thus if one electron occupies the 
d,, orbital, the structure would be more stable if the other electron 
occupied the d.: orbital rather than the d,:.,: orbital. There are three 


degenerate ways of arranging these two electrons in orbitals perpendicular 
to each other: 


(do) (d) (daz) (d) and —(d,) (4) 


This state is the ST. Somewhat higher in energy is another triply 


degenerate state written as UE in which the orbitals Occupied are at 45? to 
each other: 


(d.) (es)! (4,) (45) and (dp) (da)! 


If both electrons are promoted to the €, level then assuming they remain 
unpaired the only arrangement possible is: 


HALIDES 
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(de)! (dz)! 


This state has the symbol ?As,. Thus there are three possible transitions 
from the ground state to excited states with the same multiplicity: 


?Ty(F) > ?T4, 
°Tig(F) > ?Ty(P) 
and 'Tig(F) > Ad, 


Thus three bands are possible. (See Chapter 32, particularly Figure 32.16). 
In the spectrum of [V(H2O),]}** only two bands are actually observed, at 
about 17000cm~' and 24000cm~*. The third band arising from the 
transition to 245, is not observed experimentally. Since this transition is a 
two electron transition it is less probable than the others and so will have a 
low intensity. Furthermore this band overlaps, and is hidden by, the very 
intense charge transfer band in the UV region. All three bands are 
observed when V?* is incorporated into an AlO; lattice. 

The discussion above indicates that in addition to the crystal field 
splitting A, the interelectronic repulsion must also be taken into account 
when explaining the spectra. The repulsion terms are described by the 
Racah parameters B and C (see Chapter 32). 


Nb and Ta halides 


The trihalides of Nb and Ta are typically nonstoichiometric. In NbCl, the 
Nb ions occupy octahedral holes in a distorted hexagonal close-packed 
array of Cl” ions in such a way that niobium atoms in three adjacent 
octahedra are close enough to be bonded together into a metal cluster. 
Compounds where three or more metal atoms are held together by multi- 
centre bonding are called cluster compounds. 


(4-II) halides 


AII the vanadium dihalides are known. The VX; compounds are prepared 
by reducing the trihalides with Zn/acid in aqueous solution. VF; has a 
rutile TiO; structure, and the others have a CdI;-type layer structure. They 
are soluble in water, giving violet solutions containing [V(H20),]?* 

Addition of NaOH precipitates V(OH);, and addition of H;SO, and 
ethanol precipitates violet crystals of VSO,-6H,O. The compounds are 
strongly reducing, and are hygroscopic. Their solutions are readily 
oxidized by air to [V(H,O),}**, and they are often used to remove traces 
of O; from the noble gases. They also reduce H,O with the liberation of 
Hə. Nb and Ta behave very differently. High temperature reduction of 
the pentahalides NbX; and TaXs with sodium or aluminium yields a series 
of lower halides such as M&Cli4, Melis, Nb&F;s, TasClis, TasBr;s and 
Ta,Br,7. These are all based on the [M.X2]"* unit. For example, if 
Nb,Cl,, is dissolved in water and alcohol, and treated with AgNO, 
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Figure 21.4 Structure of [Nb,Cl,2]** ion, showing the octahedral cluster of metal 
atoms bonded together, and the 12 bridging chlorine atoms. 


solution, only two chlorine atoms are precipitated as AgCI. This indicates 
the presence of [NbgCl,2]** ions and two CI” ions, and this structure has 
been confirmed by X-ray crystallography (Figure 21.4). The Nb atoms are 
bonded together, forming an octahedral cluster of six metal atoms. The 
halogen atoms are situated above each edge of the octahedron and are 
bonded to two Nb atoms. Thus the halogens form bridges along the 12 
edges of the octahedron. The structure is held together by both multi- 
centre bonding over the six metal atoms and by the halogen bridges. 
Cluster compounds are currently attracting a lot of attention. If one of 
these clusters is linked by halogen bridges to four other clusters, the 
composition is [M6X;2] (the cluster) + 4X, (the halogen bridges), i.e. 
MoXi4 or MX; s. Structures of this type are sheet-like, and diamagnetic 
because of the metal-metal bonding. Alternatively a cluster may be linked 
to six other clusters by halogen bridges, giving a three-dimensional 
Structure and a formula’of [McX;;] + 3X,, i.e. MgXj5 or MX» s. These are 


STANDARD REDUCTION POTENTIALS (VOLTS) 


Acid solution 
Oxidation state 


+V IV 


zl 


vows 319. yor 034 


Nb;O; 
1 
| 
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paramagnetic and the magnetic moment corresponds to one unpaired 
electron. Cluster compounds of this type are characteristic of the lower 
oxidation states of Nb and Ta. Many of these cluster compounds are 
soluble in water, and the cluster remains intact during reactions. The 
clusters can be oxidized: 


[MX] > [MXP+ > [MX] 


A very unusual structure is found in NbgI,;, where the six Nb atoms form 
an octahedral cluster as before, but eight iodine atoms are situated above 
the eight faces of the octahedron. Each of these I atoms act as bridging 
group to three metal atoms within the octahedron. The rest of the I atoms 
are bonded to the six corners of the metal octahedron. These act as 
halogen bridges to other octahedra. The formula is thus [NbeIs] + 416 
which is NbelI;,. 


OXIDES 


The metals all react with dioxygen at elevated temperatures and give 
pentoxides M5O«. V205 is orange or red depending on the state of division, 
but the others are white. When made this way, VO» can also be formed. 
Pure V5O; is obtained either by acidifying ammonium metavanadate, or 
simply by heating it: 

2NH,VO; + H2SO4 — V;Os(hydrated) + (NH4)2SO4 + H;O 


heat 


2NH,VO;——> V,0; + 2NH; + H,O 
The main oxides formed are shown in Table 21.5. The lower oxides otten 
exist over a wide range of composition. 


(+V) oxides 


The oxides M;Os can all be made by heating the metal in dioxygen. 
However, V;Os is best made by heating ammonium metavanadate 
NH,VO3. Nb;Os and Ta;O; are commonly made by ignition of other Nb 
or Ta compounds in air. In the pentoxides the metal atoms all have a d^ 
configuration, and might be expected to be colourless. Nb;O; and Ta;Os 
are white, but V5Os is orange or red coloured due to charge transfer. 


Table 21.5 Oxides 
SE Se OS A 


Oxidation state 


(HII) (HI) (IV) (+V) 
vo V20; VO; V;0s 

NbO - NbO; Nb;0; 
(TaO) - TaO; Ta:0s 


M 
The most stable oxidation states are shown in bold. 
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V205 is amphoteric, but is mainly acidic. With very strong NaOH it 
forms colourless orthovanadate ions VO3~. At slightly higher pH these 
polymerize to form a wide range of isopolyacids called polyvanadates. 
These are described later. VO; dissolves in very strong acid, forming 
eventually the pale yellow dioxovanadium(V) ion VO}. This ion has an 
angular shape. Some reactions of V20; are as follows: 


V205 + NaOH — various vanadates 

V205 + H;0; — peroxovanadates (red colour) 
V205 + Ch | — VOCI, 

V20; + SO; — VO, + SO; 

V205 +H  — VO; + V20; 


Though Nb;O; and Ta;O; react with HF, and form niobates and tantalates 
when fused with NaOH, they are better described as unreactive rather than 
amphoteric. 

The structure of VO; is unusual and consists of distorted trigonal 
bipyramids of VO; units sharing edges with other units to form zig-zag 
double chains. Its use as a catalyst in the Contact process has been 
mentioned previously. The catalytic activity may be because it can 
reversibly lose or gain oxygen when heated. 


(+IV) oxides 


VO» can be made from VO; with mild reducing agents such as Fe?* , SO). 
or oxalic acid. V(--IV) has a d! configuration and VO; is dark blue in 
colour. The oxide is amphoteric, but is more basic than acidic. In acids 
it forms blue solutions containing the oxovanadium(IV) ion VO?*, 
This is commonly called the vanadyl ion. A large number of vanadyl 
compounds are known: vanadyl sulphate VOSO, and vanadyl halides 
VOX». Several vanadyl complexes are also known, [VOX4] where X 
is a halogen, [VO(oxalate);]"-. [VO(bipyridyl);CI]*, [VO(NCS);- and 
[VO(acetylacetone),]. 


Figure 21.5 Structure of vanadyl acetylacetone [VO (acetylacetone);]. 


The structure of these is related to an octahedron with one position 
unoccupied (Figure 21.5). The sixth position may be filled quite readily 
by a sixth ligand, for example pyridine C.H5N in [VO(acetylacetone ); 


x 
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(pyridine)]. In these compounds the V—O bonds are 1.56-1.59 À. This is 
shorter than a single bond, and the bond is better represented as V=O. 
The x bond arises from back bonding from a filled p orbital on O with an 
empty d orbital on V, similar to the oxides and oxoacids of phosphorus. 


(+I) oxides 


V20; is nonstoichiometric (VO, 3;  ;) and contains simple ions arranged 
in the corundum AlO; type of structure. It can be produced by high 
temperature reduction of V20; with carbon or hydrogen, or by electrolytic 
reduction of a vanadate. The oxide is completely basic. It dissolves in 
acids, forming blue or green ‘hydrated ions [V(H5O);]^*,. and these 
solutions are quite strongly reducing. Addition of NaOH precipitates 
hydrated V(OH)s, but this has no tendency to dissolve in excess NaOH. 
The oxidation state (+III) has a d? configuration, and the.oxide is black 
and the hydrated ion is blue. A considerable number of octahedral com- 
plexes are known such as [V(H5O)g*, [VFsP-, [V(CN)gP- arid 
[V(oxalate)sP-. Vanadium also forms a triacetate complex, which is 
dimeric [V (acetate);]. This has an unusual structure. Four of the acetate 
groups act as bridging groups through O atoms to the two V atoms. The 
remaining two acetate groups act as unidentate ligands and one is attached to 
each V. The structure is related to the structures of chromium(II) acetate 
[Cr;(acetate), - (H2O);] and copper acetate [Cu»(acetate);  (H2O);]. (See 
Figure 22.2.) Both are dimeric, and both have four bridging acetate 
groups, but the terminal acetate groups in the V compound are replaced 
by two molecules of water. In water, [V(H,O),]** partially hydrolyses to 
V(OH)?* and VO*. 


(--II) oxides 


VO is nonstoichiometric, of composition VO 941.12. The solid is ionic and 
has a defect NaCl type of structure. The (+II) state has a d? configuration, 
and the oxide is grey—black and has a metallic lustre. It is made by reducing 
V5Os with hydrogen at 1700*C. It has a fairly high electrical conductiv- 
ity, which is probably due to metal-metal bonding in the structure. The 
oxide is completely basic, and is soluble in water. Addition of NaOH to 
this solution precipitates V(OH);. VO dissolves in acids, forming violet 
coloured [V(HO),]** ions. These solutions are strongly reducing, and are 
very readily oxidized both by air and water. Thus the violet solution soon 
turns green through oxidation to [V(H5O)&J^* . A few octahedral complexes 
are known such as K4[V(CN);]:7H;O and [V(ethylenediamine);]CL. 
K4[V(CN);]:2H5O is also known, and the structure of the anion is a 
pentagonal bipyramid. 


VANADATES 


Though V5O; is amphoteric, it is mainly acidic. It dissolves in very strong 
NaOH, forming a colourless solution containing orthovanadate- ions 
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VO% . These are tetrahedral in shape. If acid is added gradually to lower 
the pH, the ions add protons and polymerize. Thus a very large number of 
different isopolyacids are formed in solution. The oxoions polymerize to 
form dimers, trimers and pentamers. When the solution becomes acidic the 
hydrated oxide V20; - (H20), is precipitated. This dissolves in very strong 
acid, forming various complex ions, until finally the dioxovanadium ion 
VO} is formed. Various solids have been crystallized out at different pH 
values, but these do not necessarily have the same structure, and are 
unlikely to be hydrated to the same extent as the species in solution. The 
following scheme could explain the observations, though the extent to 
which the various species are hydrated is unknown. 
[vop = [vo,-oH?- = (v;o, 0H 75, [vo - 24 
colourless colourless colourless orange 
* * jj 
[V.O,, P7775, v0. (H,0), > [vos] = [vo] 
red 


brown precipitate pale yellow 


“Included because solids of this formula have been precipitated. 


Nb Os and Ta;O; are white and chemically inert. They are hardly attacked 
by acids, except HF which forms fluoro complexes. If the pentoxides are 
fused with NaOH, niobates and tantalates are formed. These precipitate 
the hydrated oxides at pH 7 and 10 respectively, and the only isopolyion 
found in solution is [MgQ,0]*~. 

In the main groups, the phosphates, silicates and borates all show a 
strong tendency for the oxoions to polymerize, forming a very large 
number of isopolyacids. In a similar way in the d-block, molybdates and 
tungstates also polymerize to form a large number of isopolyacids. This 
tendency is shown to a lesser extent by (TiO*),, and CrO}~ > Cr;O?". 

Vanadate ions also form complexes with the ions of other acids. Because 
there is more than one type of acid unit which condenses, these are called 
heteropolyacids. They always contain vanadate, molybdate or tungstate 
ions together with one or more acidic ions (such as phosphate, arsenate or 
silicate) from about 40 elements. The ratio between the numbers of the 
different types of units is commonly 12:1 or 6:1, giving the 12-polyacids 
and the 6-polyacids. However, other ratios are also found. A study of 
heteropolyacids is very difficult because: 


. The molecular weight is high, often 3000 or more. 

. The water content is variable. 

- The ions present change with the pH. 

- The species present in solution are probably different from those which 
crystallize out. 


Fwne 


LOW OXIDATION STATES 


Only a few compounds are known. The (—I) state occurs with [M(CO);]* 
for all three elements, and for the dipyridyl complex Li[V(dipyridyl);] - 


| FURTHER READING 
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ether. The zero-valent state occurs with [V(CO),]. This is not very stable. 
Since V has an odd atomic number, it follows that in V(CO), it has an 
unpaired electron and hence an incomplete shell of electrons. Other first 
row metal carbonyls with an unpaired electron dimerize and form à M—M 
bond, thus pairing the electrons. V(CO), is unusual in that it remains 
monomeric. [V(dipyridyl);] is another example of V(0). The (+I) state is 
found in [V(dipyridyl);]*. 


ORGANOMETALLIC COMPOUNDS 


This group does not form many compounds with M—C o bonds. The main 
examples are V(CO)s, which, though pyrophoric and not very stable, can 
be prepared in much larger quantities than Ti(CO), An unusual 
compound hexakis(dinitrogen) [V(N2)s] is also known, and is thought to 
be isoelectronic and isostructural with the carbonyl. 

V forms bis(cyclopentadienyl) compounds such as [V(n° — CsHs);Cl;], 
[V(»? — CsHs)2Cl] and [V(n? — CsHs)2]. The last is a simple sandwich com- 
pound and is called vanadocene. This is like ferrocene in the next chapter, 


and unlike the titanium compounds. The hapticity n° indicates that in . 


each ring five carbon atoms are *bonded' to V. Vanadocene is extremely 
air sensitive, and is a dark violet paramagnetic solid. Nb and Ta also 
form cyclopentadienyl compounds such as [Nb(7° — CsHs)2(y' — CsHs)2], 
in which two rings are 4°, and two rings are 7' bonded. Other complexes 
are [Nb(;? — CsHs)2Ch] and [Nb(;? — CsHs)2Cls]. 
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Group 6 — 
the chromium group 


Table 22.1 Electronic structures and oxidation states 


Element Electronic structure Oxidation states* 
Chromium Cr [Ar] 3d? 4s! (-1) (-1)0 (1) H mI (IV) (V) VI 
Molybdenum Mo [Kr] 4d? 5s! (-I) (-D 0 I (ID) IH IV V VI 


Tungsten w [Xe] 4f" Sd* 6s? (-H) (-1) 0 I (ID (III) IV V VI 


* The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normai type. Oxidation states that are unstable, or in doubt, are given in 
parentheses. 


INTRODUCTION 


Chromium metal is produced on a large scale, and is used extensively in 
ferrous and non-ferrous alloys, and for electroplating. The metals 
molybdenum and tungsten are produced in appreciable amounts. Sodium 
dichromate is also used in large amounts. CrO, and Cr;O; are both used 
commercially. 

Tungstate and molybdate ions both form extensive series of iso- and 
heteropolyacids. Chromium(II) acetate has an unusual structure with a 
quadruple bond. The lower halides MoX, and WX» form interesting 
cluster compounds based on the octahedral [MeXs]** metal cluster. Mo is 
important in the fixation of dinitrogen. 


ABUNDANCE, EXTRACTION AND USES 


Chromium is the twenty-first most abundant element by weight in the 
earth's crust. This is about as common as chlorine. Molybdenum and 
tungsten are quite rare (Table 22.2). 

The only commercially important ore of Cr is chromite FeCr;O,. This is 
the chromium analogue of magnetite Fe3O;, which is better written as 
FeFel!!O,. Chromite has a spinel structure. In this structure the O atoms 
are arranged in a cubic close-packed lattice with Fe" in one eighth of the 
available tetrahedral holes and Cr!!! in one quarter of the octahedral holes. 

continued overleaf 
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Chromite has a slight lustre and looks like pitch, with a brownish cast to the 
colour. It may be slightly magnetic. World production of chromite was 11.4 
million tonnes in 1992, with a Cr content of 3.3 million tonnes. The largest 
sources of chromite ore are the Soviet Union 32%, South Africa 30%, 
Turkey and India 9% each, and Albania and Zimbabwe 5% each. Small 
amounts of crocoite PbCrO, and chrome ochre Cr;O; are also mined. 
Chromium is produced in two forms: ferrochrome and pure Cr metal, 
depending on what it is to be used for. Ferrochrome is an alloy containing 
Fe, Cr and C. It is produced by reducing chromite with C. In 1991, 3.1 
million tonnes of ferrochrome were produced. It is used to make many 
ferrous alloys, including stainless steel and hard ‘chromium’ steel. 


electric 


FeCr;O, + C——> Fe + 2Cr + 4CO 
Ca 


Seat cles ety 
Several steps are required to obtain pure chromium. First chromite is fused 
with NaOH in air, when the Cr is oxidized to sodium chromate. 
2FeCrl'O, + 8NaOH + 310, 5, ANaj[CrV!O,] + FeO; + 4H;O 

Fe;O; is insoluble but sodium chromate is soluble. Thus the Na2[CrO,] is 
removed by dissolving it in water, and is then acidified to give sodium 
dichromate. This is less soluble, and can be precipitated. The sodium 
dichromate is reduced to Cr;O; by heating with C. 


Na;[Cr;O;] + 2€ > Cr;O; + Na,CO; + CO 
Finally Cr;O; is reduced to the metal by Al or Si. 
Cr;0; + 2Al > 2Cr + AbO; 


Since the metal is brittle, it is seldom used on its own. It is used to make 
non-ferrous alloys.. Alternatively Cr;O; is dissolved in H2SO,4, and 
deposited electrolytically on the surface of a metal. This both protects the 
metal from corrosion and gives it a shiny appearance. 

Molybdenum occurs as the mineral molybdenite MoS;. World produc- 
tion of ores in 1992 had a molybdenum content of 129000 tonnes. The 
largest sources are the USA 38% and China 29%. Some MoS; is also 


Table 22.2 Abundance of the elements in the 
earth's crust, by weight 
— Án 


ppm Relative abundance 
Cr 122 21 
Mo 1.2 56 = 
w 12 56- 
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obtained as a by-product from CuS ores. MoS; is roasted in air, converting 
it to MoO . This may be added to steel directly, or MoO; may be heated 
with Fe and Al to give ferromolybdenum, which is then added to steel. 
Almost 90% of Mo is used to make cutting steel or stainless steel. Pure 
Mo is obtained by dissolving MoO; in dilute NH,OH and precipitating 
ammonium molybdate, dimolybdate or paramolybdate. This is reduced 
with hydrogen to give the metal. Mo metal is used as a catalyst in the 
petrochemical industry. 

Tungsten occurs as tungstates, the most common being wolframite 
FeWO,- MnWO, and scheelite CaWO,. World production in 1992 had 
39000 tonnes metal content. The largest sources are China 65% and the 
Soviet Union 17%. Different processes are used to extract W from 
wolframite and scheelite. Wolframite is fused with Na;CO;, forming 
sodium tungstate, which is leached out and acidified to give ‘tungstic acid’ 
(the hydrated oxide). Scheelite is acidified with HCl when “tungstic acid’ 
is precipitated and other materials dissolve. ‘Tungstic acid’ is then heated 
to give the anhydrous oxide, which is reduced to give the metal by heating 
with hydrogen at 850°C. 

Mo and W are obtained by this method in the form of powders. Their 
melting points are high, so melting to give the massive metal would be 
expensive. Instead metal objects are obtained by fabricating the powder 
into the required shape and sintering (heating but not melting) under an 
atmosphere of H5. Both Mo and W are alloyed with steel, giving very hard 
alloys, which are used to make ‘cutting steel’. This is used to make machine 
tools. Cutting steel retains its cutting edge even when the metal becomes 
red hot, About half the W produced is used to make tungsten carbide WC, 
which is extremely hard (10 on Moh’s scale) and will cut glass. WC is used 
to make the tips for drills. W metal is used to make the filaments in electric 
light bulbs. Molybdenum disulphide MoS has a layer lattice and is an 
excellent lubricant, either on its own or when added to hydrocarbon oil. 


OXIDATION STATES 


The ground state electronic configuration of Cr and Mo is d°s', with a 
stable half-filled d configuration, whilst W has a d*s? arrangement. 

From the electronic structures, Cr and Mo might be expected to form 
compounds with oxidation states from (+I) to (4- VI), and W from (+I) to 
(4- VI) inclusive. They form these states, and in addition some lower states 
occur as dipyridyl complexes, carbonyl complexes and carbonyl ions. 

For Cr the (II), (+III) and (4 VI) states are well known. Cr(+II) is 
reducing, Cr(+III) is the most stable and important and Cr(- VI) is 
strongly oxidizing. The most stable states for Mo and W are (4 VI), 
though Mo(+¥V) and W(+V) are well represented and are stable in 
water. Whilst Cr(-- VI) is strongly oxidizing, Mo(+VI) and W(+VI) are 
stable. Similarly Cr(--III) is stable but Mo(-- III) and W(+III) are strongly 
reducing. This fits the usual trend that on descending a group the higher 
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Table 22.3 Oxides and halides 


Oxidation states 


(+11) (+I) (+IV) (+V) (+VI) 
- Cr,0; CrO; - CrO; 

- - MoO, Mo20; MoO; 
E x WO; (W;0;) WO; 
CrF; CrF; CIF; CrFs (CrF,) 
CrCl CrCl; CrCly - - 
CrBr; CrBr; CrBry - - 
Crip Cri, Criy - - 

- MoF; MoF, MoF; MoFs 
MoCl; MoCl, MoCl, MoCl, (MoCl,) 
MoBr; MoBr; MoBr; - - 
Mol; Mol, Mol,? - - 

z i WF; WF; WF, 
WCl, WCl; WCl, WCl; WCl, 
WBr; WBr; WBr; WBrs WBry 
Wh WI, Wl? E - 


The most stable oxidation states are bold, unstable are bracketed. 


oxidation states become more stable and the lower states become less 
stable. A list of known oxides and halides is given in Table 22.3. 


GENERAL PROPERTIES 


The metals are hard and have very high melting points and low volatility 
(Table 22.4). The melting point of W is the next highest to carbon. 

Cr is unreactive or passive at low temperatures because it is protected by 
a surface coating of oxide, thus resembling Ti and V in previous groups. 
It is because of this passive behaviour that Cr is extensively used for 
electroplating onto iron and other metals to prevent corrosion. Cr dissolves 


Table 22.4 Some physical properties 
————————— 
Covalent Tonic radius (A) Melting Boiling Density —Pauling's 


radiis pont point electro- 
(À) M M (C) (C)  (gcm-)) negativity 
Cr 1.17 0.80^ 0.615 1900 2690 7.14 1.6 
0.73! 
Mo 129 - 0.69 2620 4650 10.28 1.8 
w 1.30 - - 3380 5500 19.3 17 


h — high spin value, | — low spin radius. 


STANDARD REDUCTION POTENTIALS 
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in HCI and H5SO,, but is passivated by HNO; or aqua regia. Mo and W 
are relatively inert, and are only slightly attacked by aqueous acids and 
alkalis. Mo reacts initially with HNO}, but then becomes passive. Both Mo 
and W dissolve in HNO;/HF mixtures, and also in fused NaO, and fused 
KNO;/NaOH. Cr reacts with HCI gas, forming anhydrous CrCl, and Hp. 

The metals do not react with O; at normal temperatures (apart from the 
surface coating). However, on strong heating Cr forms a-Cr;O;, which is 
green coloured and has a corundum structure. In contrast, Mo and W form 
MO. Similarly, on heating Cr with the halogens, trivalent halides CrX, 
are formed. In contrast Mo and W form MCI, on heating with Cl;, and 
MF, is formed at room temperature. 


2Cr + 30, — Cr,0; 
2Mo + 30; > 2MoO, 
2Cr + 3Cl, — 2CrCl, 
Mo + 3Cl; — MoCl, 


As a result of the lanthanide contraction, there is a close similarity in the 
size and the properties of Mo and W. The difference between these two 
elements is greater than in Group 4 between Zr and Hf and in Group 5 
between Nb and Ta. Thus Mo and W can be easily separated in the 
conventional scheme for qualitative analysis of metals: WO3(H20),, is 
precipitated with the insoluble chlorides in Group 1, and molybdates are 
reduced by H;S in Group 2 and MoS, and S are precipitated. 


STANDARD REDUCTION POTENTIALS (VOLTS) 


Acid solution 


Oxidation state 
+VI +V TVL Tl T 


+1.33 


Cr;0i- 
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Basic solution 


Oxidation state 
+VI +V +VI +i +I +H 0 
ei -14 -14 
Cro% A Cr(OH)? = cong —— 5 — cr 
l ang 

* —0.91 
MoOj- 2:36 MoO; me 
| —0.927 

—1.007 

MO iare ea a E ATQ WA E cu Tcr DE Ce 
* — Disproportionates 


Many of these potentials have been calculated from thermodynamic data, and the existence of 
species such as Mo**, W** and W350; is questionable. 


(* VI) STATE 


A limited number of Cr(+VI) compounds. are known. These are very 
strong oxidizing agents and include chromates [CrO;]^^, dichromates 
[Cr;O;^, chromium trioxide CrO}, oxohalides CrO;X~ and CrO;X; 
(X = F, Cl, Br or I), and CrOX, (X = F or Cl) and CrF,. 


Chromate and dichromate 


Sodium chromate Na;CrO, is a yellow solid, and should strictly be called 
sodium chromate(VI). Its preparation from chromite by fusing with NaOH 
and oxidizing with air has already been described under ‘Abundance, 
extraction and uses’, and it can also be prepared by fusion with Na,CO3. 


4FeCr,0, + 8Na;CO; + 70; — 8Na;CrO, + 2Fe;0; + 8CO; 


It is quite soluble in water and is a strong oxidizing agent. Sodium 
dichromate Na;Cr;O; is an orange coloured solid, and is made by 
acidifying a chromate solution. The dichromate is less soluble in water, and 
is widely used as an oxidizing agent. K3Cr;O; is preferred to Na;Cr;O, for 
use in volumetric analysis (titrations) because the Na compound is 
hygroscopic whilst the K compound is not. Thus K;Cr;O; can be used as a 
primary standard. 


)CrO- + 7H* + 3e = CP* + 33H20 E° = 1.33V 


(*VI) STATE 
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Peroxo compounds 


When hydrogen peroxide is added to an acidified solution of a dichromate 
(or any other Cr(- VI) species), a complicated reaction occurs. The 
products depend on the pH and the concentration of Cr. 


CrOT- + 2H* + 4H,0 > 2CrO(05); + 5H,O 


A deep blue-violet coloured peroxo compound CrO(O;); is formed. 
This decomposes rapidly in aqueous solution into Cr^* and dioxygen. 
The peroxo compound can be extracted into ether, where it reacts with 
pyridine, forming the adduct py - CrO(O;); (Figure 22.1). The structure 
of this is approximately a pentagonal pyramid. Cr is at the centre of a 
pentagon of four O atoms (from the two peroxo groups) and the N from 
pyridine, and one O above the pentagon in an apical position. 

In less acidic solutions K;Cr;O; and H20; give salts which are violet col- 
oured and diamagnetic. These are thought to contain [CrO(O;)(OH)]", 
but the structures are not known as the compounds are explosive. In 
alkaline solution with 30% H202, a red-brown compound K3CrO, is 
formed which is a tetraperoxo species [Cr(O;)4]^- , and contains Cr(- V). 
In ammonia solution the dark red-brown compound (NH3)3CrO, is 
formed which contains Cr(+IV) (Figure 22.1b). 


NH, 
o 
NI i 
ea \ 
Le o< N 
| [e] 
By N \ 7 
D I 
Dem o RE ie 
o 
NH; 
(a) (b) 


Figure 22.1 Structures of (a) py-CrO(Oz)2, (b) (NH3)jCrO, (pentagonal 
bipyramid). 


Chromium trioxide (chromic acid) 


CrO; is a bright orange solid, and is commonly called ‘chromic acid’. It is 
usually prepared by adding concentrated H2SO, to a saturated solution of 
sodium dichromate. 


Na;Cr;O; + H;SO, — 2CrO; + NaSO, + HO 


The colour arises from charge transfer (not d-d spectra as Cr(+VI) has 
a d" configuration). CrO; is toxic, and corrosive. The crystal structure 
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consists of chains of fused tetrahedra. CrO; dissolves readily in water, and 
is both a very strong acid and an oxidizing agent. It is an acidic oxide, and 
dissolves in NaOH solutions, forming the chromate ion CrO; . On heating 
above 250°C it loses oxygen in stages, eventually forming green coloured 
Cr,03. 


2CrO; > 2CrO, + Oz 
2CrO; > CrO; + 40, 


CrO; reacts with F, at normal pressures, forming the oxofluorides CrO;F; 
and CrOF,, but at 170°C and 25 atmospheres CrF, is formed. 


CIO, + Fy Cr0,F, + 40, 


CrO, 2,225, CrOF, + 0; 


170*C, 25 atmospheres 
pris eke tad CrF¢ lemon yellow solid 


CrO; + 3F; 


CrO; is widely used to make chromium plating solutions. It can be 
dissolved in acetic acid and used in this form as an oxidant in organic 
chemistry, though reactions may be explosive. Chromic acid solutions are 
used to clean laboratory glassware. 


MoO; and WO; 


MoO; and WO; are formed by heating the metal in air. They are acidic. 
They are not attacked by acids except HF, but they dissolve in NaOH 
forming MoO; and WOj- ions. MoO, and WO; differ from CrO; in 
several ways: 


1. They have almost no oxidizing properties. 

2. They are insoluble in water. 

3. Their melting points are much higher (CrO, m.p. 197°C, MoO, m.p. 
795°C and WO; m.p. 1473°C). 

4. Their colour and structures are different. MoO; is white as expected for 
d", but on heating it turns yellow due to the formation of defects in the 
solid. The structure is a layer lattice. WO; is lemon yellow in colour, 
and has a slightly distorted rhenium trioxide ReO; structure of WO, 
octahedra sharing corners in three dimensions. (See Figure 23.4a.) 


Mixed oxides 


Several mixed oxides can be made by fusing MoO; or WO; with Group 1 
or 2 oxides. These comprise chains or rings of MoO, or WO, octahedra. 
Moist WO; turns slightly blue on exposure to UV light. Mild reduction of 
aqueous suspensions of MoO, and WO; or acidic solutions of molybdates 
or tungstates also gives a blue colour. The ‘blue oxides’ so produced are 
thought to have Mo or W in oxidation states of (*IV) and (+V), and 
contain some OH" instead of O?~ to balance the charges. 


(+V) STATE 
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Oxohalides 


Oxohalides of the type MO5CL; may be formed by dissolving the trioxide in 
strong acid, or in some cases by the action of strong acids on salts such as 
dichromates, or by direct addition of the halogens to the dioxide. 


CrO, + 2HCI P9, cro, eL. qo 


KCO; + 6HCI 2959, 5r, CL, + 2KCI + 3H;0 

Chromyl chloride CrO5CL is a deep red coloured liquid. It is formed in 
qualitative analysis to confirm the presence of chloride ions. The suspected 
chloride is mixed with solid K;Cr;O; and gently warmed with concentrated 
H550,. Deep red vapours of CrO;Cl; are formed, and if these are passed 
into aqueous NaOH the solution turns yellow due to the formation of 
Na5CrO,. 

Chromyl and molybdenyl chlorides are covalent acid chlorides and are 
readily decomposed by water. Tungstenyl chloride hydrolyses less readily. 


Halides 


CrF, is a yellow solid made by heating the elements under pressure in a 
bomb, and cooling rapidly. The product is unstable and decomposes into 
CrF; and F>. In contrast MoF, and WF, are very stable. They are both low 
melting (MoF, 17.4°C, WF; 1.9°C), volatile, and easily hydrolysed. They 
are diamagnetic and colourless as expected for a d" configuration. 
However, MoCl, and WClę are black and WBrg is dark blue. WCl, is made 
by heating the metal in Cl. It reacts with water, forming tungstic acid. 
WCI, is soluble in EtOH, ether and CCly, and is used as the starting point 
for making other compounds. 


(+V) STATE 


There are few Cr(+¥V) compounds, and they are unstable and decompose 
to Cr(+III) and Cr(+VI). One example is K3CrOs, a red-brown 
compound formed from NaCrO, and H202 in alkaline solution (see 
above). K¿CrOş contains the tetraperoxo species [Cr(O,)4]*-. Another 
example is CrFs which is made by heating the elements at 500°C or heating 
CrO; with F>. It is a red solid, based on CrF, octahedra linked to give a cis- 
bridged polymer. 

MOF; has a tetrameric structure of four octahedra joined into a ring, like 
NbF; and TaF; (see Figure 21.1). Heating Mo and Cl, gives Mo2Cl;o. This 
is soluble in benzene and other organic solvents. It exists as monomeric 
MoCl, in solution, but dimerizes to Mo;Cl,, in the solid. Mo;Cl;, is used as 
the starting point for making other Mo compounds. It is rapidly hydrolysed 
by water, and removes O from oxygenated solvents, forming oxochlorides. 
Mo,Cl is paramagnetic (u = 1.6 BM), indicating that there is one 
unpaired electron and thus no metal—metal bonding. 
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(+IV) STATE 


Cr(+IV) compounds are also rare. CrF, is formed by heating the elements 
at 350°C. MoCI, exists in two polymeric forms, one like NbCI, (see Figure 
21.3) comprising chains of octahedra with the metal atoms displaced in 
pairs, forming metal-metal bonds, and the other form without metal- 
metal bonds. 

CrO; is made from CrO; by hydrothermal reduction, and has a rutile 
(TiO;) structure. The oxide is black in colour and has some metallic 
conductivity. It is also ferromagnetic, and is widely used to make high 
quality magnetic recording tapes. MoO; and WO; are both made by 
reducing the trioxide with hydrogen. They are brown-violet in colour and 
are insoluble in non-oxidizing acids, but dissolve in concentrated HNO4, 
forming MoO; or WO;. The dioxides have a copper-like lustre and have 
distorted rutile structures with strong metal-metal bonds. The oxohalide 
CrOF, is also known. 


(+I) STATE 
Chromium 


Cr(+III) compounds (often called chromic compounds) are ionic and 
contain Cr** are the most important and most stable compounds of 
chromium. Although this oxidation state is very stable inacidic solution, it 
is easily oxidized to Cr(-- VI) in alkaline solution. 

CrO; is a green solid which is used as a pigment. The most convenient 
Preparation is by heating ammonium dichromate (NH,);Cr;O; in the well 
known volcano experiment used in some fireworks. (Once the reaction is 
started, it produces enough heat to continue on its own. The green 
coloured Cr;O; powder is blown in the air by the large volume of N, and 
water vapour produced, and settles like dust from a volcano.) Cr;O is also 
formed by burning the metal in air, or by heating CrO;. It has a corundum 
AlO; structure. 


(NH4);Cr;0; > Cr;O; + N, + 4H50 
4Cr + 30, > 2Cr,0, 
4CrO; > 2€r,0, + 30, 


The addition of NaOH to Cr^* solutions does not precipitate the 
hydroxide, but the hydrous (hydrated) oxide is precipitated instead. 


Cr* + 30H- > Cr(OH); > Cr,0;(H0),, 


The oxide becomes inert to acids and bases if heated strongly, but 
otherwise it is amphoteric, giving [Cr(H,O),]** with acids, and ‘chromites’ 
with concentrated alkali. The Species present in ‘chromite’ solutions is 
probably [Cr (OH),P- or [Cr " (OH);H;Of-. Cr;O; is commercially 
important. It is formed as one step in the extraction of chromium. It is used 
as a pigment in paint, rubber and cement, and as a catalyst for a wide 
variety of reactions including the manufacture of polythene and butadiene, 


L (HII) STATE 
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All the anhydrous CrX; halides are known. CrCl, is a solid which forms 
red-violet flakes. The flakiness is related to the layer lattice structure of the 
solid. The chloride ions are cubic close-packed, and to maintain stoichio- 
metry one third of the octahedral holes must be occupied by Cr?^* ions. 
Two thirds of the holes are occupied in one layer, and none in the next 
layer, and consequently only weak van der Waals forces hold some 
chloride layers together. In aqueous solution the halides form the violet 
coloured hexaaqua ion [Cr(H2O),]**, and halogen complexes such as 
[Cr(H5O)sCIP* , [Cr(H5O),Cb]* and [Cr(H50);Cl;]. The hexaaqua ion 
also occurs in many crystalline compounds such as [Cr(H;O);]Cls and the 
alums. The alums are double salts, for example chrome alum K5SO,: 
Cr;(SO4) 24H50, which crystallizes from mixed solutions of Cr;(SO;)s 
and K;,SO,. The structure is better shown if the formula is written 
[K(H5O)4] [Cr (H50),] [SO;];. In solution the alums dissociate com- 
pletely into simple ions. 

The hexaaqua ion is acidic, and it may form a dimer by means of two 
hydroxo bridges. 


H 4+ 
[0] 


AUN 
[Cr(H;O)J** = H* + [Cr(H20)50H]?* = |(H20)4Cr Cr(H20),| + 2H,O 
wig 


o 
H 


Cr** ions form an enormous number and variety of complexes. These 
are typically six-coordinate with octahedral structures, and are very stable 
both as solids and in aqueous solution. The stability is related to the high 
crystal field stabilization energy from its d? electronic configuration. The 
magnetic moments of these complexes are close to the spin only value of 
3.87 BM expected for three unpaired electrons. Complexes include the 
hexaaqua [Cr(H2O),]** and halogen complexes [Cr(H;O);CI*, men- 
tioned above. The ammine and oxalate complexes show many different 
forms of isomerism, for example the ammine complexes: 


[Cr(NH3)g?* ^ only one form 
[Cr(NH3)sCI* oniy one form 
[Cr(NHs),Cb]* cis and trans isomers 
[Cr(NHs).Ch] mer and fac isomers 


and in the oxalate complexes: 
[Cr(oxalate);- d and / isomers 


Isomerism is discussed more fully in Chapter 7 (see Figure 7.3). There 
are also many cyanide and thiocyanate complexes. Reinecke's salt 
NH,[Cr(NH3)2(NCS)4] -H20 is often used to precipitate large positive 
ions. This is because when the anion and cation are similar in size, the 
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igure 22.2 Structure of 
2r30(CH4COO)4(H50)4] * 


crystal has a high coordination number and thus a higher lattice energy. 

Cr(+III) forms an unusual basic acetate [Cr;0(CH;COO),L3]* (where 
L is water or some other ligand). The structure consists of a triangle of 
three Cr atoms with an O atom at the centre. The six acetate groups act as 
bridges between the Cr atoms — two acetate groups across each edge of the 
triangle. Each Cr atom is octahedrally surrounded by six atoms: O atoms 
from four acetate groups, the central O, and L in the sixth position. L may 
be water or another ligand. Cr^* has a d? arrangement and should have a 
magnetic moment of 3.87 BM. The magnetic moment of the complex at 
room temperature is only 2 BM. It is thought that the smaller value is due 
to partial pairing of d electrons on the three metal atoms by means of 
dn—pn bonding through O. This type of carboxylate complex is formed 
by the irivalent ions of Cr, Mn, Fe, Ru, Rh and Ir. (Partial spin pairing and 
a reduced magnetic moment are also found in other complexes such as 
[(NH3)s;Cr-—OH—Cr(NH3)s}°~ and [(NH3)sCr—O—Cr(NH3)s]*~ where 
the magnetic moment is temperature dependent, and is about 1.3 BM at 
room temperature, but almost zero at —200°C.) 


Spectra 


Cr(+III) has a d? electronic configuration. In the ground state these 
electrons occupy the r5, orbitals, i.e. (f2,)°. The two €, orbitals are empty, 
providing two *holes' into which electrons can be promoted. The situation 
is analagous to that for d? described for V** in Chapter 21. The electronic 
spectra of Cr(+III) complexes exhibit three absorption bands. In the 
ground state, the d,,, d,. and d., orbitals each contain one electron, giving 
the singly degenerate state ^45, (F). The first excited state corresponds to 
promoting one electron, i.e. (tag)? (e,)', and gives two terms WR (F) and 
"Ti (F). The second excited state corresponds to promoting two electrons, 
ie. (top)! (e;)". This gives only one quartet that is triply degenerate, so the 
term symbol is “T, (P). The transitions are "Tay (F) — *T4 (F), ‘Tog (F) > 
"Tyg (F) and A5, (F) — *Ti, (P). In the hexaaqua ion [Cr(H20)6]?* bands 
are found at 17400 cm^' and 24700 cm^, and there is a shoulder on the 
charge transfer band at 37 800 cm- '. (See also Chapter 32.) 


Molybdenum and tungsten 


Mo( +111) and W(+III) do not exist as oxides, but all the halides are known 
except WF; (Table 22.3). These compounds do not contain simple ions. 
Mo(+III) compounds are fairly stable, but slowly oxidize in air and slowly 
Marone in water. They form octahedral complexes with halide ions in 
solution. 


MoCl;  3CI- — [MoCIs?- 


Two solid forms of MoCl; are known, one with cubic close packing of 
chlorine atoms, the other based on hexagonal close packing. In both forms 
the Mo atoms are displaced from the centres of adjacent octahedra, and 


m 
| (ID) STATE 


form metal-metal bonds of length 2.76 À. In contrast W(4HI) com- 
pounds are unstable. WC, is really W&Cl;s and forms a cluster compound 
[WeCh2]°* structurally like [Nb;Cl;;^* (Figure 22.3). W;Br,s also forms 
a cluster compound, but its structure contains [W,Brg]°* and has the 
same structure as [Mo,Brg]** (Figure 22.4). 


(+I) STATE 


Cr(+II) compounds (often called chromous compounds) are well known, 
are ionic and contain Cr?^*. Solutions containing [Cr(H,O),]?* can be 
produced either by electrolytically reducing solutions containing Cr^*, or 
by reducing them with zinc amalgam. They can also be produced from Cr 
metal and acids. The [Cr(H,0),}?* ion is sky blue coloured. It is one of 
the strongest reducing agents known in aqueous solution. 


Cr+ +e Cr+ E°=-0.41V 


If the solution is acidic Cr** slowly reduces water to H}. Cr(+II) com- 
pounds are oxidized by air to Cr^*. Cr^* is used to remove the last 
trace of dioxygen from dinitrogen, and has other uses as a reducing agent. 
Cr(+II) may be stabilized by forming coordination compounds, such as 
[Cr(NH3)g* or [Cr(dipyridyl);f*. Though Cr?* is stable to dispro- 
portionation, the dipyridyl complex disproportionates. 


2[Cr(dipyridyl);]** — [Cr(dipyridyl);]* + [Cr(dipyridyl);] * 


Hydrated salts such as CrSO, - 7H5O, Cr(CIO4); - 6H;O and CrCl, - 4H20 
can be isolated, but they cannot be dehydrated as they decompose on 
heating. : 

Anhydrous Cr(--II) halides can be made either by reducing the 
trihalides with hydrogen at 500°C, or from the metal and HF, HCI, HBr or 
1; at 600°C. The dihalides are all readily oxidized in air to the (III) state 
unless protected by an inert atmosphere such as N2. CrCl, is the most 
important, and it dissolves in water, giving the sky blue coloured 
[Cr(H,0),}?* ion. 

Chromium forms many complexes, especialy with N ligands and 
chelating groups. These are easily oxidized, particularly if moist. Almost 
all the complexes are octahedral, and both high-spin and low-spin 
complexes are known. The high-spin complexes have the electronic 
configuration (t24) (eg)'. The asymmetrical filling of the e, orbitals causes 
Jahn-Teller distortion similar to that found in complexes of Cu>*. 

Chromium(H) acetate dihydrate Cr,(CH3COO),-2H,0 is one of the 
most stable chromous compounds. It is easily prepared by adding sodium 
acetate to a solution containing Cr^* under an atmosphere of N2. Hydrated 
chromium(II) acetate is precipitated as a red solid. It is a good starting 
material for the preparation of other Cr(+II) salts. It has an unusual 
dimeric bridge structure (Figure 22.5). Each Cr^* is surrounded by a 
distorted octahedron made up of four O atoms from four bidentate acetate 
groups, one O from a H5O molecule, and the other Cr^* ion. The four 


Figure 22.4 [W,Brg]°* cluster. 
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Figure 22.6 Structure of 
[Mo;CI,]*" and [Re;Cl]- 


CH3 
| CH 
Le 3 c a 
o a ih 
H20 p ------2 ades 


CH3 
Figure 22,5 Structure of Cr;(CH5COO), -2H;0. 


acetate groups bridge between the two Cr atoms. The very short distance 
of 2.36 À between the two Cr atoms is evidence of a strong metal-metal 
bond. Cr^* has a d^ configuration and has four unpaired electrons, but 
chromium(II) acetate is diamagnetic. This suggests that all four unpaired 
electrons take part in M-M bonding. Assuming that the ligands are 
bonded using one s, three p and the d,2_, orbitals, the d,» orbital can 
form a c bond to the other Cr^*. In addition the d,. and dyz orbitals can 
form x bonds. between the Cr atoms, and the d,, orbital forms a à 
bond. Quadruple bonds of this type are found with other heavy transition 
metals Mo, W, Tc and Re, e.g. [Mo;(CH3COO),] (note there are no axial 
H20 ligands), [Mo;Cls]^-, [W2Cl4(PR3)4], [W2(CH3)s]*~, [W2(Ca4Ha);]. 
[Re;Cl;]^- and [ReBrg]*~. At one time quadruple bonds were regarded as 
anomalies, but they may be more common than originally thought. It is 
suggested that once a M-M multiple bond has been formed, the metal can 
easily be reduced to give a bond of higher order. 

Mo and W do not form difluorides, but the other six (+II) halides are 
known. They are usually made by reduction or thermal decomposition of 
higher halides. They do not exist as simple ions, but form ‘cluster 
compounds’ instead. MoBry is really [MosBra]Br, : 2H;O, and all six of 
these so-called 'dihalides' have the same structure based on a cluster 
[MeXs]** with four halide ions and two H,O acting as electron donors. The 
structure of the [M.Xg]** unit is an octahedral cluster of six metal atoms. 
There is extensive M—M bonding, and eight face-bridging halogen atoms 
occupy the eight triangular faces of the octahedron (Figure 22.7). Thus 
each halogen is bonded to three metal atoms. Each metal atom has an 
unoccupied coordination position. The MeX$* units can thus accept six 
coordinate bonds to the metal atoms at the corners of the octahedron from 
the remaining four X^ ions and two H2O molecules, or from any other 
suitable electron pair donor. Addition of six CI^ gives the [MogCl,4]?~ 
cluster. The six ligands on the corners are labile, and undergo replacement 
reactions quite readily. In contrast the bridging halogens in the cluster 
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Figure 22.7 Structure of [Mo,Br,]** ion showing the octahedral Mg cluster. 


undergo replacement very slowly. The low oxidation state suggests that 
these clusters should oxidize fairly readily. [MogClg]** is only oxidized to 
[Mo,Cl;;]^* (a formal oxidation state of 23), though [WsCls]^* is oxidized 
to the [W,Cl12]°* cluster (Figure 21.4). 

The bonding in these compounds is not settled. The compounds are 
diamagnetic; therefore Mo must use all six outer electrons d^s! or W d*s? 
for bonding. Since there are six M atoms there are 36 valence electrons. It 
seems probable that eight electrons are used to bond the eight Cl atoms on 
the faces, and four electrons are transferred to form four X^ ions. This 
leaves 24 electrons to form M-M bonds along the 12 edges of the Me 
octahedron. 


(+1) STATE 


The oxidation state (+1) expected for the atoms with a d°s' configuration is 
very uncommon. It is doubtful if Cr* exists except when stabilized in a 
complex. Trisdipyridyl chromium(l) perchlorate [Cr(dipyridyl);]* CIO; is 
known. Mo and W form sandwich-type structures such as (C;H&)2Mo* and 
C.H;MoC,H, where the metal is in the (+I) state. 


ZERO STATE, (-1) AND (=I!) 


The zero oxidation state arises in metal carbonyls such as M(CO)s, where 
the c bonding electrons are donated by the CO group to the metal, and 
strong dx—pr back bonding occurs from the filled metal orbitals. All three 
metals form octahedral carbonyl compounds of this type. They are stable 
and may be sublimed under reduced pressure. They are soluble in organic 
solvents. The bipyridyl complex [Cr(bipyridyl)s] is also octahedral. 

An unusual complex dibenzene chromium [Cr(n°-C,He)2] was made by 
E.O. Fischer in 1955. It forms dark brown crystals and has a sandwich 
structure similar to ferrocene, though it is much more air sensitive than 
ferrocene. Cr has a coordination number of 12. It was made as follows: 
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3CrCl, + 2Al + AICI; + 6C Hs — 3[Cr(n*-C4Ho);]* + 3[AICL]" 
2[Cr(n*-C4H;)o]* + Na;$50, + 40H- — 2[Cr(n5-CgH;);] + 2NaSO3 + 2H;O 
It may also be made by a Grignard reaction: 
CrCl; + 2CsHsMgBr — [Cr(n°-CsHo)2]* Cl” + MgBr. + MgCl 


For work on this and similar organometallic compounds, Fischer was 
awarded the Nobel Prize for Chemistry in 1973, jointly with G. Wilkinson 
who did panie work on cyclopentadienyl compounds. 

The n°-CsHs compounds include complexes containing only one cyclo- 
pentadienyl ring, and in a similar way complexes are formed with one 
benzene ring. For example, benzene tricarbonyl complexes for Cr, Mo and 
W, e.g. [Cr(n°-CsHs)(CO)s], are yellow solids; the metal has a coordina- 
tion number of 9. The benzene complexes are more reactive and less 
thermally stable than their n"-C5Hs counterparts. 

The lower oxidation states occur in carbonyl ions: (—I) in [Mo(CO);o^", 
and (-II) in [M(CO);- 


CHROMATES, MOLYBDATES AND TUNGSTATES 


The oxides CrO}, MoO, and WO; are strongly acidic, and dissolve in 
aqueous NaOH forming discrete tetrahedral chromate CrO2^, molybdate 
MoOj- and tungstate WO4- ions. 


CrO, + 2NaOH 5 2Na* + CrO}- + H;O 


Chromates, molybdates and tungstates exist both in solution and as 
solids. Chromates are strong oxidizing agents, but molybdates and tung- 
states have only weak oxidizing powers. Molybdates and tungstates can be 
reduced to form the blue oxides. 

On acidifying, chromates CrO}- form HCrO; and orange-red dichro- 
mates Cr,03~, in which two tetrahedral units join together by sharing the 
oxygen atom at one corner (Figure 22.8). HCrO; and Cr,0?~ exist in 
equilibrium over a wide range of pH from 2-6. 

CrO; is precipitated from very concentrated acid (below pH 1). 

CrOi- = Cr,03- = CrO, 
yellow orange 
Na;Cr;0; is the most important chromium compound, and is produced as 
one step in the extraction of chromium. Apart from that used in the 
extraction of the metal, 369300 tonnes were used in 1991 for chrome 
tanning of leather, making various lead chromes, for 'anodizing' alumin- 
ium, and as an oxidizing agent. There is some evidence for further poly- 
merization giving a limited polychromate series. Trichromates Cr,075 and 
tetrachromates Cr,O?; have been found. 

When molybdate and tungstate solutions are acidified they condense and 
give an extensive range of polymolybdates and polytungstates. Below a pH 
of 1 the hydrated oxides are precipitated. MoO;-2H»O is yellow and 
WO; -2H;0 is white. The formation of polyacids is a prominent feature of 
the chemistry of Mo and W. Other transition elements V, Nb, Ta and U 
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chromate dichromate 


Figure 22.8 Chromate and dichromate ions. 


also form polyacids, but to a lesser extent. The polyanions contain MoO, 
or WO, octahedra, which are joined together in a variety of ways by 
sharing corners or edges, but not faces. The polyacids of Mo and W are 
divided into two main types: 


1. Isopolyacids, where the anions which condense together are all of the 
same type — for example all MoO% groups or all WOg groups. 

2. Heteropolyacids, where two or more different types of anion 
condense together — for example molybdate or tungstate groups with 
phosphate, silicate or borate groups. 


The isopolyacids of Mo and W are not completely understood. They are 
very difficult to study because the extent of hydration and protonation of 
the various species in solution is not known. The fact that a solid can be 
crystallized from solution does not prove that the ion has that structure or 
even exists in solution. The first step in polyacid formation as the pH is 
lowered must be to increase the coordination number of Mo or W from 4 to 
6 by adding water molecules. The relationship between the stable species 
so far known is: 


_ pH6 — pH L5-2.9 _ pH<1 
[MoO,]*-5, [Mo,Oz4]°"+———> [M0026] —— MoO -2H20 
normal paramolybdate octamolybdate hydrated 

molybdate oxide 


The structures of the paramolybdate and octamolybdate ions have been 
confirmed by X-ray crystallographic studies of their crystalline salts (Figure 
22.9). 


i i dern 
Figure 22.9 Some molybdate ions. (From H.J. Eméleus and A.G. Sharpe, Mo 
Aspects of Inorganic Chemistry, 4th ed., Routledge and Kegan Paul, 1973.) 
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The present understanding of the tungstates may be summarized: 


— pH 6-7 fast M. abe 
[Wo,p- 2. [HW,02, === [W0] 
normal boil OH paratungstate A 
tungstate or 


[W12036(OH) 10]? 


paratungstate B 


pH = 3.3 | ut 
[H5 W602] [H;Wi5Os9]^^ 
wp-metatungstate metatungstate 
| <1 
WO,-2H;O 


Heteropolyions are formed if a molybdate or.tungstate solution is 
acidified in the presence of phosphate, silicate or metal ions. The second 
anion provides a centre round which the MoO, or WO, octahedra 
condense, by sharing oxygen atoms with other octahedra and with the 
central group. The central groups are often oxoanions such as PO}, SiO? 
compounds, and BO3_, but other elements including Al, Ge, Sn, As, Sb, 
Se, Te, I and many of the transition elements will serve as the second 
group. The ratio of MoO, or WO, octahedra to P, Si, B or other central 
atom is usually 12:1, 9:1 or 6:1, although other ratios occur less 
commonly. A well known example of heteropolyacid formation is the test 
for phosphates. A phosphate solution is warmed with ammonium 
molybdate and nitric acid, and a yellow precipitate of ammonium 
phosphomolybdate (NH4)3[PO4-Mo;203¢] is formed. 

The structures of several heteropolyacids have been established. In the 
12-heteropolyacids, for example 12-phosphotungstic acid, 12 WO, octa- 
hedra surround a PO, tetrahedron. This ion may be considered as four 
groups of three WO, octahedra (Figure 22.10). 


Figure 22.10 12-polyacid, e.g. H3[PO; - W15Os,]. (From H.J. Eméleus and A.G. 
Sharpe, Modern Aspects of Inorganic Chemistry, 4th ed., RKP, 1973.) 


TUNGSTEN BRONZES 


The 6-heteropolyacids accommodate larger central atoms, which have a 
coordination number of 6. The arrangement of six MoO, octahedra as 
shown in Figure 22.11 leaves a central cavity large enough to accept the 
octahedron from the hetero atom, and has been found in K,[TeMo,O>,]. 


Figure 22.11 6-polyacid, e.g. K,{TeMo,O24]. (From H.J. Eméleus and A.G. 
Sharpe, Modern Aspects of Inorganic Chemistry, 4th ed., RKP, 1973.) 


TUNGSTEN BRONZES 


Tungsten bronzes were originally made by strongly heating sodium 
tungstate Na;WO, with WO; and H3. They are now made by heating 
Na; WO, with W metal, when blue, purple, red or yellow tungsten bronzes 
are formed. These are semi-metallic solids which have a lustre and conduct 
electricity. They are very inert to both strong acids and strong alkali. They 
are used in the production of ‘bronze’ and ‘metallic’ paints. 

Tungsten bronzes are nonstoichiometric compounds of formula M,WO;, 
where M is Na, K, a Group 2 metal or a lanthanide, and x is always less 
than one. The Na* or other metal ions occupy interstitial positions. The 
colour depends on the proportion of M present, and for the sodium 
compounds; x — 0.9 yellow or gold, x — 0.7 orange, x — 0.5 red, x — 0.3 
blue-black. The variable amount of Na* produces a defective lattice and 
some of the sites which should be occupied by alkali metals are vacant. It 
might be thought that for each Na* removed from NaWOs, one tungsten 
would change from W(--V) to W(+VI). The properties of the tungsten 
bronzes are better explained by assuming that all the tungsten atoms are in 
the (+VI) state. The valency electrons from the alkali metals are free to 
move throughout the lattice, giving metallic conduction. The conductivity 
decreases with increased temperature, as in a metal. The structure is WO, 
octahedra joined together by sharing all their corners with other 
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octahedra. Further details of tungsten bronzes are given in Further 
Reading. 

Molybdenum also forms bronzes similar to those of W, but a high 
pressure is needed to form them, and the Mo compounds are less stable. 
This may be because Mo(+V) is less stable than W(- V), or because the 
solid structure is different and contains MoO, octahedra joined by a 
mixture of corner and edge sharing with other octahedra. Lithium also 
forms bronzes, but these do not conduct electricity. 


BIOLOGICAL IMPORTANCE 


Trace amounts of Cr and Mo are necessary in the diet of mammals. 
Cr(-III) and insulin are both involved in maintaining the correct level of 
glucose in the blood. In cases of Cr deficiency, glucose is only removed 
from the blood half as fast as normally. Some cases of diabetes may reflect 
faulty metabolism of Cr. The most important medical aspect of Cr salts is 
that larger amounts either ingested or on the skin are carcinogenic. 
Compounds containing Cr(VI), e.g. dichromate and chromate, are 
particularly so. Thus care should be taken when performing titrations using 
K,Cr,07 or KCrO,. 

Mo is present in the catalysts of dinitrogen fixing bacteria. (The amount 
of dinitrogen fixed biologically is estimated at 175 million tonnes per year, 
compared with a total of 110 million tonnes of NH; produced by the 
Haber-Bosch process and the distillation of coal.) The best known 
dinitrogen fixing bacterium is Rhizobium. This contains the metallo- 
enzyme nitrogenase. 

Nitrogenase contains two proteins, molybdoferredoxin and azoferre- 
doxin. Molybdoferredoxin is brown, air sensitive, contains two Mo atoms, 
24—36 Fe atoms and 24-36 S atoms together with a protein, and has a 
molecular weight of about 225000. Azoferredoxin is yellow, air sensitive, 
is a derivative of ferredoxin Fe,S,(SR)4 and has a molecular weight in the 
range 50000-70000. It is not certain exactly how dinitrogen fixation 
occurs. It is thought that N, bonds to the Mo in molybdoferredoxin 
(whether end-on or sideways-on is not known). If the Mo is sufficiently 
reduced it can probably bond to the antibonding orbitals on N2. Then the 
Fe in azoferredoxin is reduced by free ferredoxin Fe,S,(SR)4. An electron 
is transferred from reduced azoferredoxin to molybdoferredoxin, possibly 
via the Fe, then from the Mo to the N;. Protons are then added to N;, 
eventually giving NH3. Adenosine triphosphate ATP is required to provide 
the necessary energy for the process. Nitrogenase is not specific for the 
reaction N; — NH;, but also reduces alkynes to alkenes, and cyanides. 
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Group 7 — 
the manganese group 


Table 23.1 Electronic structures and oxidation states 


Element Electronic structure Oxidation states* 

Manganese Mn [Ar] 3d5 4s? (-1)0 (1) H (III) IV (V) (VI) VII 
Technetium Tc [Kr] 4d? 5s? 0 (ID(IDIV(V) VI Vit 
Rhenium Re [Xe] 4f'* 5d* 6s? 0(1) (11) HE IV (V) VI VII 


a 


* The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normal type. Oxidation states that are unstable, or in doubt, are given in 
parentheses. 


INTRODUCTION 


Manganese is produced in very large amounts, most of which is used in the 
steel industry. Large quantities of MnO) are also produced, and are used 
mainly for making ‘dry’ batteries and in the brick industry. KMnO; is an 
important oxidizing agent. Mn(--III) forms a basic acetate with an unusual 
structure. Mn is biologically important and is necessary for photosynthesis. 
The elements technetium and rhenium are rarely encountered. They differ 
from manganese in that they have little cationic chemistry, their high 
oxidation states are much more stable, and the oxidation states (+II), 
(+III) and (+IV) form cluster compounds and compounds with metal- 
metal bonds. 


ABUNDANCE, EXTRACTION AND USES 


Manganese is the twelfth most abundant element by weight in the earth s 
crust, and is mined as the ore pyrolusite MnO;. This is a secondary 
material, which has been formed by alkaline waters leaching Mn from 
igneous rocks and depositing it as MnO;. World production of Mn ores 
was 22.7 million tonnes in 1992, containing about 9 million tonnes of Mn. 
The largest producers are the Soviet Union 31%, China 25%, South 
Africa and Brazil 11% each, Gabon 7%, India 6% and Australia 5%. 


il 


fis ABUNDANCE, EXTRACTION AND USES 


735 


Pure Mn is now obtained by electrolysis of aqueous MnSO, solutions. 
(Formerly it was made by reducing MnO; or Mn5O, with Al in a thermite 
reaction, but the reaction with MnO, was particularly violent.) There is 
little use for the pure metal. Ninety-five per cent of the Mn ores mined are 
used in the steel industry to produce alloys. Ferromanganese is the most 
important, and contains 80% Mn. World production of ferromanganese 
was 3.4 million tonnes in 1991. It is made by reducing the appropriate 
mixture of Fe;O4 and MnO, with carbon in a blast furnace, or an electric- 
arc furnace, with some limestone added to remove silicate impurities 
as calcium silicate slag. Alloys with a lower Mn content include sili- 
comanganese (approximately 65% Mn, 20% Si, 15% Fe) and spiegeleisen 
which is similar to cast iron and contains 5-25% Mn. Mn is an important 
additive in making steel. It acts as a scavenger (removing both oxygen and 
sulphur and thus preventing bubbles and brittleness) and in addition it 
forms a very hard steel alloy. (Hadfield steel contains about 13% Mn and 
1.25% C. It is very hard wearing and resistant to shock, and is used for 
rock crushing machinery and excavators.) Smaller amounts of Mn are also 
used in non-ferrous alloys. For example, manganin is an alloy containing 
84% Cu, 12% Mn and 4% Ni. It is widely used in eiectrical instruments 
because its electrical resistance is almost unaffected by temperature. 


Table 23.2 Abundance of the elements in the 
earth’s crust, by weight 


ppm Relative abundance 
Mn 1060 12 
Te 0 
Re 0.0007 76 


nn 


Technetium does not occur in nature, and was the first man-made 
element. All its isotopes are radioactive, and its chemistry has only 
recently been studied. 99Tc is one of the fission products of uranium. It isa 
p emitter with a half life of 2.1 x 10° years. It is obtained in kilogram 
quantities from spent fuel rods from reactors at nuclear power stations. 
The rods may contain 6% Tc. These rods must be stored for several years 
to allow the short-lived radioactive species to decay. Tc can be extracted 
by oxidation to Tc207 which is volatile. Alternatively solutions can be 
separated by ion exchange and solvent extraction. The Tc;O; can be 
dissolved in water, forming the pertechnate ion TcO;, and crystallized as 
ammonium or potassium pertechnate. Ammonium pertechnate NH4TcO4 
can be reduced with Ha to give the metal. Tc metal has no commercial 
uses. "Tc and "Tc can be made by neutron bombardment of Mo. Small 
amounts of Tc compounds are sometimes injected into patients to allow 
radiographic scanning of the liver and other organs. 

Rhenium is a very rare element, and occurs in small amounts in molyb- 
denum sulphide ores. Re is recovered as Re,O; from the flue dust from 
roasting these ores. This is dissolved in NaOH, giving a solution containing 


perrhenate ions ReOg . The solution is concentrated and then KCI added 
continued overleaf 
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to precipitate potassium perrhenate KReO,. The metal is obtained by 
reducing KReO; or NH4ReO, with hydrogen. World production was only 
32 tonnes in 1992. Most of it is used to make Pt—Re alloys which are used 
as catalysts for making low-lead or lead-free petrol for cars. Small amounts 
aré used as a catalyst for hydrogenation and dehydrogenation reactions. 
Because of its very high melting point (Table 23.4) it is used in thermo- 
couples, electric furnace windings and mass spectrometer filaments. 


OXIDATION STATES 


The electronic structure for this group of elements is d°s*. The highest 
oxidation state of (+VII) is obtained when all these electrons are used for 
bonding. Mn shows the widest range of oxidation states of all the elements, 
ranging from (— III) to (+VII). The (+II) state is the most stable and most 
common and Mn?* ions exist in the solid, in solution and as complexes. 
However, in alkaline solution Mn?* is readily oxidized to MnO, The 
(+IV) state is found in the main ore pyrolusite MnO;. Mn(- VII) is well 
known as KMnO,. This is one of the strongest oxidizing agents known in 
solution, and is stronger than Cr(+VI) in the previous group. Mn(+III) 
and Mn(+ VI) tend to disproportionate. The lower oxidation states exist as 
carbonyl compounds or as substituted carbonyl complexes. 

In contrast to the highly oxidizing properties of Mn(-- VII), the (+VII) 
state is the most common and most stable for Tc and Re. Tc(*- VII) and 
Re(+VII) show only slight oxidizing properties. The (-- VI) state tends to 
disproportionate and is not well known. The (+ V) and (+IV) states for Tc 


Table 23.3 Oxides and halides 
AWO XEM eM. N07 507 


Oxidation states 


(II) (FII) (+IV) (*V) (* VI) (+VII) Others 
MnO Mn;O; MnO; - - Mn;O; Mn;O, 
- - TcO; = TcO; Tc;0; 

- Re,O;" ReO, (Re:0;) ReO; Re,0, 

MnF, MnF; MnF, S i z 

MnCl, - & i uj " 

MnBr; = = = ue i 

Mnl, - - = ^ oy 

2 = = TcF; TcF; - 

- - TcCl, = (TeCl,?) - 

- - ReF, ReF; ReF, ReF; 

(ReCl,) ReCl, ReCl, ReCls (ReCl,?) | - 

(ReBr;) ReBr; ReBr, ReBrs ^. = 

(Rel) Rel, Rel, S id E 


—_——_—__ ÉÓs 
The most stable oxidation states are shown in bold, unstable ones in brackets. 
h = hydrous oxide. 
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and Re have an extensive chemistry. Re(+III) is also stable and the halides 
form cluster compounds with metal-metal bonds. The (+II) and lower 
oxidation states are uncommon and are strongly reducing. 

Thus on descending the group there is an increase in stability of the 
highest oxidation state and also a decrease in stability of the lower states. 
The stability of the various states is shown in Table 23.3. The tendency to 
disproportionate is shown in the reduction potentials. 


STANDARD REDUCTION POTENTIALS (VOLTS) 


Acid solution 
Oxidation state 


| | —0.737 | 
+0.50 


ReO; — ReO; ReO, ——— Re^ 
| l +0.318 ] 
+0.422 


* Disproportionates 
Potentials involving TcO; are calculated values 


GENERAL PROPERTIES 


Mn is more reactive than its neighbours in the periodic table. It reacts 
slowly with H2O, liberating Hp, and it dissolves readily in dilute acids. The 
finely divided metal is pyrophoric in air, but the massive metal does not 
react unless heated. When strongly heated the massive metal reacts with 
many non-metals such as O2, Nz, Cl; and Fz, forming Mn3O;, Mn3No, 
MnCl, and a mixture of MnF; and MnF;. The melting point of the metal is 
appreciably lower than for the earlier first row elements Ti, V and Cr. It is 


+VII TVI FIV +III TH 

+0.56 * +2. by * - 
Mane a M UNUS NOISE rg! 119 4, 
EE — Post Werte erg mite. | 

+1.51 
| +0.272 

+0. = +0.757 5 pa 

TcO? Sa (TcO3) USE TcO; D qe 


mret +0.251 "RUNE 
+0.734 +0.425 * +1.04 +0 300 
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unusual in that it has four different solid structures (a or body-centred 
cubic, cubic close-packed, D, and y). The a form is stable at room 
temperature and has a body-centred cubic structure. (See Chapter 5.) 
Tc and Re metals are less reactive than Mn. They do not react with H20, 
or non-oxidizing acids. They do not dissolve in HCl and HF, but they react 
with oxidizing acids such as concentrated HNO; and H2SO,, forming 
pertechnic acid HTcO, and perrhenic acid HReO,. (This is not the usual 
reaction of acid + metal to give a salt + H;. For example, with 
concentrated HNO;, the NO; ion is a stronger oxidizing agent than H3O*, 
and NO, is evolved.) Tc and Re undergo similar reactions with H;O; and 
bromine water. The massive metals tarnish (oxidize) slowly in moist air, 
but the powdered metals are more reactive. Heating with O; gives Tc;O; 
and Re;O; which are both low melting (119.5 *C and 300°C respectively) 
and volatile. Heating with F> gives TcF; and TcF,, and ReF, and ReF;. 


Table 23.4 Some physical properties 


Covalent Ionic radius (À) Melting Boiling Density —Pauling's 


radius S| -point point electro- 
(A) M? M (°C) (°C) (gcm^?) negativity 
Mn 1.22 0.67 0.645" 1244 2060 7.43 1:5 
0.58) 
Tc 1.34 - - 2200 4567 4 1.9 
Re 1,34 - - 3180 5650 21.0 1.9 
h = high spin value, | = low spin radius. 


Many ionic compounds of Mn are known including Mn?*, Mn°*, 
MnO} and MnO; . In contrast Tc and Re have virtually no aqueous ionic 
chemistry apart from the oxoions TcO; and ReO;. The elements Tc and 
Re have a marked tendency to form metal-metal bonds in the lower 
oxidation states (+II), (+111) and (+IV). 

Trace amounts of manganese are essential for plant and animal growth. 
For this reason small amounts of MnSO, are often added to fertilizers. 

The basic character of any element changes with the oxidation state. 
Low oxidation states are more basic and high oxidation states are more 
acidic. MnO and MnO; are basic oxides and arè ionic. MnO, is 
amphoteric and does not exist as Mn** ions. Mn(+V) is rather uncommon. 
Mn(- VI) is represented by manganates such as Na/[MnO,]. This may be 
regarded as a salt of the unstable acidic oxide MnO;, which does not exist 
in the free state. Mn(+ VII) occurs as Mn;O; which is strongly acidic. The 
corresponding acid, permanganic acid HMnO,, is a very strong acid. 

Almost all manganese compounds are coloured. Mn** is pale pink, and 
MnO; is black, both because of d-d transitions. The (+VII) oxidation 
state has a d" configuration and would be expected to be colourless. Whilst 
perrhenates ReO% containing Re(+ VII) are colourless, permanganates 
MnO; containing Mn(-^ VII) are intensely coloured. The purple—black 
colour arises from charge transfer spectra. 


LOWER OXIDATION STATES 


| 739 


Mn resembles iron in its physical and chemical properties. Mn is harder 
and more brittle than iron, but melts at a lower temperature (Mn = 
1244?C, Fe = 1535°C). All three metals Mn, Tc and Re are usually 
obtained as grey powders, but in the massive form they look like platinum. 
Re has the second highest melting point of all the metals (W = 3380°C; 
Re = 3180°C). 

Manganese is quite electropositive and dissolves in cold dilute non- 
oxidizing acids. It is not very reactive towards non-metals at room 
temperature, but reacts readily on heating. 

Mn is much more reactive than Re. Similar behaviour is observed in 
adjacent groups: Cr is more reactive than W, and Fe more reactive than 
Os. This decrease in electropositive character is opposite to the trend 
shown in the main groups of the periodic table. In addition, Re tends to 
attain a higher oxidation state than Mn when they both react with the same 
element. A comparison of some of the reactions of Mn and Re is given in 
Table 23.5. 


Table 23.5 Some reactions of manganese and rhenium 


——— 


Reagent Mn Re 

N2 Mn3N; formed at 1200°C No reaction 

C Mn3C No reaction 

H0 Mn?* + H; No reaction 

Dilute acid Mn?* + H3 ' No reaction 

Strong acid Mn?* + Hz Dissolves slowly 
Halogens MnX; and MnF; ReF;, ReCl;, ReBr3 
kj MnS Res: 

O; Mn30; Re;0; 


i 


Group 7 (manganese group) elements have seven outer electrons, but 
the similarity to Group 17 elements, the halogens, is very slight except in 
the highest oxidation state. Mn2O; and Cl,07 may be compared; MnO% 
and CIO; are isomorphous and have similar solubilities, and IO; and 
ReO; are quite similar. There are much closer similarities between Mn and 
its horizontal neighbours Cr and Fe. The chromates CrO$^, manganates 
MnOJ- and ferrates FeO} are similar. The solubilities of the lower oxides 
are also similar, which accounts for the occurrence of iron and manganese 
together. 


LOWER OXIDATION STATES 


The (—I) oxidation state is found in the carbonylate anion [Mn(CO);] . 
The zero-valent state exists as the carbonyls [Mn(CO) 0] and [Re2(CO),o] 
and as a coordination complex K4[Mn(CN);] - 2NH; which is unstable and 
highly reducing. 

Mn(+I) and Re(+I) are only obtained with difficulty and are strongly 
reducing. : 
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K in liquid NH; 
Ks[Mn'(CN);] — — —9 Ks(Mn'(CN)s] 


Cl; under pressure 


[Rex CO) io] 2[Re!(CO);Cl] 


The cyano complex Nas[Mn'(CN),] is formed by dissolving powdered Mn 
in aqueous NaCN in the complete absence of air. 


(+I) STATE 


Mn(+II) salts (often called manganous salts) can easily be made from 
MnO;. 
MnO, + 4HCI > MnCl, + Cl; + 2H;0 
2MnO, + 2H5S0, — 2MnSO, + O2 + 2H,0 

Most Mn(+II) salts are soluble in water and form hydrated Mn?* ions, 
but Mn;(PO;); and MnCO; are sparingly soluble. [Mn(H,0),]?* ions are 
pink. They are also formed by dissolving the metal in acid, or by reducing 
higher oxidation states. Small amounts of MnSO, are added to fertilizers, 
as Mn is an essential trace element for plants. Adding NaOH or NH4OH to 
a solution of Mn?* ions gives a very pale pink gelatinous precipitate of 
Mn(OH);, which turns brown-black due to oxidation to MnO». The 
standard electrode potentials show that this cannot occur in acid solution, 
but occurs easily in basic solutions. 


Oxidation state 


+VII +VI +V +1V HI TH 0 
Acid solution 
+0.56* +2.26 0.95 * +1.5 5,0 —l. 
MnO; S nO MnO; San? : Mri?* i Mn 


Basic solution 


+0.56. +0.93 


+0.27* 
MnO; MnOi- up 


MnOi- 0a 


-0.2 =1.55 
Mn?* Mn(OH); : MR 


m 
MnO, 


* = Disproportionates 


Mn?* has the electronic configuration 3d° which corresponds to a half filled 
d shell. Thus Mn?* is more stable than other divalent ions of transition 
metals and is more difficult to oxidize than Cr^* or Fe^*. Most Mn(+II) 
complexes are octahedral, and have a high-spin arrangement with five 
unpaired electrons (Figure 23.1). This arrangement gives zero crystal field 
stabilization energy (see Chapter 7). Thus complexes such as [Mn(NH3)s]^* 
and [MnCl,]*~ are not stable except in solution. Complexes with chelating 
ligands are more stable and [Mn(ethylenediamine);]>*, [Mn(oxalate)3]*~ 
and [Mn.EDTA]"- can be isolated as solids. à 
These complexes all have very pale colours. This is because a d—d 
transition in a high-spin d? complex requires not only the promotion of an 
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(a) high-spin c? arrangement 
(spin free) (b) low-spin d* arrangement 
(weak ligands) (spin paired) 

(strong ligands) 


Figure 23.1 High- and low-spin arrangements in octahedral crystal field. 


electron from the tg level to the e, level, but also the reversing of its spin. 
The spin selection rule states that when promoting an electron its spin may 
riut be changed. The rule is only partially obeyed, but the probability of a 
transition where the spin is changed is low. Such transitions are termed 
spin forbidden. Because the probability of a spin forbidden transition is 
small, the colour is only about one hundredth the intensity of those 
observed in most normal spin allowed transitions. (It must also be 
remembered that all d-d transitions are forbidden by the Laporte selection 
rule. This states that when promoting an electron the change in the 
subsidiary quantum number / must be +1, so s> p orp d transitions are 
allowed but not d — d. This selection rule is less restrictive as it is possible 
to get round it if the complex is not symmetrical, or by the mixing of 
orbitals, or by thermal motion of the ligands. These are discussed in 
Chapter 32.) Details of crystal field splitting of the d levels are given in 
Chapter 7. 

Strong field ligands may force the electrons to pair up, giving a spin 
paired complex. The only common spin paired complex of Mn is 
[Mn(CN),*" which has only one unpaired electron (Figure 23.1). 
K;[Mn(CN);]: 3H;O is blue in colour, and has the same structure as 
K4[Fe(CN),]. Similarly, [Mn(CNR)4J^* and [Mn(CN); : NOJ? have a spin 
paired or low-spin arrangement with only one unpaired electron. The low- 
spin arrangement is a slightly more stable arrangement than the high-spin 
case. In the low-spin case the crystal field stabilization energy is five times 
^, from filling five electrons into the low energy t5, orbitals. This is partly 
cancelled out by the energy needed to pair two electron spins. The low-spin 
complexes are more reactive. They can be oxidized very readily because 
removing an electron removes one unit of pairing energy and thus 
increases the crystal field stabilization energy. These complexes can also 
be reduced fairly readily, since adding an electron fills the orbitals 
symmetrically. 


[Mn (CN) ———— [Ma (CN) *- ——— [Mn CN) 


reduction oxidation 


In low-spin d? complexes, d-d electronic transitions are spin permitted and 


the compounds are quite strongly coloured. 
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A few examples of square planar complexes are also known, including 
Mn phthalocyanine, and MnSO,:5H;O which contains square planar 
[Mn(H;O)4P* units. 

The halide complexes [MnCL-. [MnBra]? and [Mnl,]*~ are tetra- 
hedral and are green-yellow in colour. In solution they add two molecules 
of water or two halide ions to form pink coloured octahedral complexes. 
These octahedra can polymerize by means of halide bridges. 

Re(+II) is not ionic, and is found only in a few complexes such as 
[Re(pyridine);CL]. This has been resolved into cis and trans isomers, 
showing that it is square planar rather than tetrahedral. 


(+III) STATE 


Mn30, is black in colour and is the most stable oxide at high temperatures. 
It is formed by heating any oxide or hydroxide of Mn to 1000°C. It contains 
both Mn(+I1) and Mn(+I1l), ie. (Mn"- Mn!'O,), and has a spinel 
structure. The O atoms are close packed with Mn(--1II) in octahedral holes 
and Mn(+II) in tetrahedral holes. 

The hydrated manganic ion [Mn(H;O).* can be obtained in solution 
by electrolysis, by oxidizing Mn** with potassium peroxodisulphate 
K5S;Os, or by reducing MnO;. It cannot be obtained in strong con- 
centrations partly because water reduces Mn** to the very stable Mn?* 
(which has enhanced stability due to the d^ configuration). Mn?* dis- 
proportionates in acid solution (see the standard reduction potentials). A 
small number of Mn?* salts are known, e.g. MnFs, Mn;(SO,); and the 
oxide Mn;O;. These disproportionate in acid and hydrolyse in water. 


2Mn?*  2H,0 5 Mn?* + Mn'YO; + 4H* 
Mn** + 2H;0—9 MnO -OH + 3H* 


Mn(+III) complexes are stable in aqueous solution. Most complexes are 
octahedral and high spin, with magnetic moments close to the spin only 
value of 4.90 BM for four unpaired electrons. These include [Mn(H;O)4]* t 
which is found in alums such as Cs'Mn'"'(SO,),:12H,O, and in the 
acetylacetone complex [Mn(acac);] whose crystal structure is a slightly 
distorted octahedron. The Jahn- Teller theorem predicts a slight distortion 
of the shape, as the electronic structure is (hy) (e,)', and the e, level is not 
symmetrically filled. This distortion is similar to that found in Cr^* and 
Cu?* complexes. The oxalate complex [Mn'"(oxalate);]'" may be formed 
during permanganate-oxalate titrations. This would upset analytical 
calculations which are based on the reduction of MnO, to Mn^*. How- 
ever, the oxalate complex is thermally unstable so the titration is performed 
at about 60°C to decompose the complex. 

The complex Ki[Mn'(CN),] is formed when air is bubbled through a 
solution containing Mn^* and KCN. Since CN^ acts as a strong field 
ligand, it causes spin pairing, and the complex is low spin. The electronic 


(III) STATE 


structure is (t5,)* (e,)", the e, level is symmetrically filled, and the complex 
ion is a regular octahedron as expected. 

Manganese forms an unusual basic acetate when Mn** is oxidized 
with KMnO, in glacial acetic acid. The compound has the formula 
[Mn;O(CH3COO)]* [CH; : COO] and is a deep red-brown coloured 
solid. It is used industrially for the oxidation of toluene C,Hs: CH; to 
phenol C,H;OH. It will also oxidize alkenes to lactones, and it is used 
as the starting material for making many Mn(+III) compounds. The 
structure is unusual and consists of a triangle of three Mn atoms with an 
O atom at the centre. The six acetate groups act as bridges between the 
Mn atoms — two groups across each edge of the triangle. ThuS each Mn 
atom is linked to four acetate groups and the central O, and the sixth 
position of the octahedron is occupied by water or another ligand giving 
[Mn,0(CH;COO),L3]*. This type of carboxylate complex is formed by 
the trivalent ions of Cr, Mn, Fe, Ru, Rh and Ir. A similar preparation in 
sulphuric acid gives an intensely red coloured solution. This is thought to 
contain a very similar sulphate complex with SO} groups acting as 
bridging groups. The solution is as strongly oxidizing as KMnO; and at one 
time it was used as an alternative oxidizing agent for use in sulphate 
solutions. 

Mn(-III) and Mn(+IV) complexes are involved in the release of Oz 
during photosynthesis. 

Tc(--III) is unstable but Re2O;-(H20), and the heavier halides are 
known. The halides are trimeric and (ReCl5) and (ReBr;); are dark red 
solids and (Rel); is black. Their structure consists of a metal atom cluster 
in which three Re atoms form an equilateral triangle (with formal double 
bonds between the metal atoms). Three halogen atoms act as bridging 
groups along the edges of the triangle, and the remaining six halogen atoms 
are coordinated two to each Re. An isolated Re3Xo unit is shown in Figure 
23.3a. There is one unfilled coordination position on each Re atom, 
marked L. In the solid this is filled by further halogen bridging with other 
Re;X; units, giving a polymer (Figure 23.3b). The trimeric structure is very 
stable, with Re- Re distances of 2.48 A, and this structure remains even in 
the gas phase at 600°C. This structure also forms the basis of the structure 
of many Re(+III) complexes, where three additional groups L are added 
to the isolated ReX unit (Figure 23.3c). 

The simplest explanation of the double bonds between Re atoms is that 
each Re has nine atomic orbitals available for bonding (five d, one s, and 
three p). The metal is surrounded by five ligands, leaving four unused 
orbitals. Assuming the unused orbitals are pure d or mainly d in character, 
there are 12 atomic orbitals for Re- Re bonding. If these are delocalized 
over the three atoms there will be six bonding MOs and six antibonding 
MOs. Each Re(+III) has a d* configuration: hence the 12 electrons can 
enter the six bonding MOs, corresponding to double bonds between each 
of the three Re atoms. Since all the electrons are paired, the clusters 
should be diamagnetic, and this has been found experimentally. 

If ReCly or Re3Bro is dissolved in concentrated HCl or HBr, one, two 


Figure 23.2 Structure of 
[Mn;O(CH5COO)«(H20);]* . 
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(a) isolated Re,X, unit 


(b) Re,X, solid showing 
halogen bridging 
in between units 


(c) Re;X, with three 
ligands L added 


Figure 23.3 Various Re3Xg structures. 


(HV) STATE 


745 


or three halide ions may be added to the isolated Re3Xo unit. Halide 
complexes such as K*[ResBrio] , KŻ [Re3Bri]^- and K$ [Re;Bri;- can 
be obtained from solution. It is also possible to obtain [Re3Xo - 3H2O]. 
The extra ligands L are more labile, i.e. more reactive, than the bridging 
groups. 

A quite different type of halide complex is formed when perrhenates are 
reduced by H; or sodium hypophosphite NaH;PO, in acid solution. These 
contain a dimeric unit [Re;Cls]- or [Re;Brg]^- which is isostructural with 
[Mo;Cly]^-. It is made up of two approximately square planar ReX; units 
linked by a Re—Re bond of length 2.24 À (Figure 23.4). 


Figure 23.4 Structure of [Re;Clg"- ion. 


The metal-metal bond length is very short, and is interpreted as a 
quadruple bond. If the Re— Re bond points along the z axis, the square 
planar ReX, unit uses the s, p, Py and d,2_,2 orbitals for c bonding to the 
X atoms. A o bond between the two Re atoms will have contributions 
from the p, and d» orbitals which lie along the axis. With the eclipsed 
conformation the dy: and d,, orbitals on the two Re atoms overlap 
sideways, forming two 7 bonds. Finally the d,, orbitals which lie. in the 
two ReX, planes overlap with each other, giving a 6 bond. 


(+IV) STATE 


Very few Mn(+IV) compounds are known. However, MnO, is the most 
important oxide in the group, and is commercially important. It is not the 
most stable oxide, as it is an oxidizing agent, and decomposes to Mn3O, on 
heating to 530°C. MnO; occurs naturally as the black coloured mineral 
pyrolusite. It has the rutile structure which is also found for many other 
oxides of formula MO;. It can be made as follows: 

1. By heating Mn in Op. 

By oxidizing Mn?2*, for example by heating Mn(NO3);- 6H; in air. 
Very pure MnO; is made by electrolytic oxidation of Mn'SO,;. 

In the laboratory hydrated MnO; is precipitated from solution when 
performing permanganate titrations in alkaline solution. 


MnO; + 2H;0 + 3e > MnO; + 4OH- E°=1.23V 


PWN 
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Hydrated MnO, has some cation-exchange properties, and if it is de- 
hydrated it loses some Os, forming a nonstoichiometric product. 

MnO, does not react with most acids unless heated. It dissolves in 
concentrated. HCl, but does not form Mn(+IV) in solution. Instead it 


oxidizes CI” to Cly, and is itself reduced to Mn?*. Scheele discovered Cl; 
using this reaction. 


MnO, + 4H* + 4Cl > Mn?* + 2Cl- + Cl, + 2H,O 


This was the commercial method of producing Cl; until electricity became 
commercially available and electrolysis became the preferred method. This 
reaction is still used to produce Cl, in the laboratory if cylinders are not 
available. MnO; oxidizes hot concentrated HSO; in a similar way, 
liberating Os. 


2MnO; + 2H;SO, — 2MnSO, + O + 2H20 


Fusing MnO, with NaOH gives sodium manganate(VI) Na?[MnO,]. This 
is a dark green colour and is oxidizing. 

MnF, is formed by direct reaction between Mn and F;. It is blue 
coloured and unstable. It is the highest halide formed by Mn. A few (+1V) 
complexes are also known including K,[MnF,], K2[MnCly], K[Mn(CN)6] 
and K;[Mn(IO;),]. This is the highest oxidation state in which Mn forms 
complexes. 

Over half a million tonnes per year of MnO; is used in “dry batteries’ 
(Leclanché cells). This must be very pure, and is produced electrolytically 
(see above). Large amounts of MnO) are also used in the brick industry to 
colour bricks red or brown. It is used to make red or purple glass. MnO; is 
used in the production of potassium permanganate: 


MnO; + KNO, LESON, K,MnO, + NO 


K;MnO, E H-O electrolytic oxidation KMnO; + KOH 4 H, 


MnO, is also used as an oxidizing agent in organic chemistry, for oxidizing 
alcohols and other compounds: 


C.H: CH, + 2MnO; + 2H2SO,—> C4Hs: CHO + 2Mn.SO, + 3H;O 


toluene benzaldehyde 
o 
2C,H,- NH; + 4MnO; + 5H3SO, > + (NH,)2SO, + 4MnSO, 
E + 4H,0 
fo) 


quinhydrone 


E E (+IV) STATE 


Ja] 


MnO; is used as a catalyst in the preparation of dioxygen from KCIO;. If 
KCIO; is heated to a temperature of 400—500 *C it decomposes and evolves 
O;. With MnO, present decomposition occurs at 150°C. The product is 
contaminated with Cl, or C103. 


2KCIO; > 2KCI 4 30; 


The (+IV) state is the second most stable state for both Tc and Re. The 
oxides TcO; and ReO; are black and brown respectively, and can be made 
in a variety of ways: 


By burning the metals in a limited amount of dioxygen. 

By heating the heptoxides M30; with M. 

By thermal decomposition of the ammonium salts NH4MO,;. 

The hydrated oxides are conveniently made by reducing solutions of 
TcO; or ReO; with Zn/HCl. These may be dehydrated by heating. 


WN 


TcO; is insoluble in alkali, but ReO; reacts with fused alkali, forming 
rhenites ReO$". Both oxides have a distorted rutile structure. The metal 
atoms in adjacent octahedra are displaced from the centre, giving a 
substantial metal—metal interaction like that in MoO, and WO». 

The sulphides TcS2 and ReS; are both known. Rhenium sulphides are 
effective catalysts for organic hydrogenation reactions, and have the 
advantage over Pt that they are not *poisoned' by sulphur compounds. 

TcCl, ias a solid structure of TcCl, octahedra linked into a zig-zag chain, 
similar to ZrCly. It is paramagnetic, and there are no metal-metal bonds. 
All four ReX, halides are known. ReCl, can be prepared as follows: 


2ReCl, + SbCl, > 2ReCl, + SbCl; 


It is metastable and reactive, and has a structure based on cubic close- 
packed chlorine atoms. The Re atoms occupy one quarter of the octa- 
hedral holes but occur in pairs of adjacent octahedra, forming metal-metal 
bonds with a Re- Re distance of 2.73 Å. 

Many complexes are known. [ReCl]" is octahedral, and is obtained by 
reduction of KReO4: 


Reoz or TcOz 255 [MIYCh 7 
*Kl 


[ReCI,J- is hydrolysed in water: 
[ReCl,- + HO > ReO2- (H20)» 


The other halide complexes [MF] > [MBr;]^" and [MI,]* are made from 
the hexachloride and the appropriate halogen acid. [ReF;]- is stable in 
water. Cyanide complexes are formed by treating [MIs] with KCN. Tc 
forms [Tc (CN)4J- . Re is oxidized by CN~ and forms [Re (CN)g- . In 
this complex Re has an oxidation state of (+V) and a coordination number 
of 8, and the structure is probably dodecahedral. 
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(+V) STATE 


Mn(+V) is little known except as the manganate(V) ion MnOi (formerly 
called hypomanganate). This can be obtained as a bright blue salt KMnO4 
by reducing an aqueous solution of KMnO, with an excess of sodium 
sulphite. It is not stable, and tends to disproportionate. Tc is reluctant to 
form the (+V) state, and Re(+¥V) compounds are readily hydrolysed by 
water and at the same time they disproportionate. 
3Re"Cl, + 8H,0 > HRe"!!O, + Re'YO;- (H20), 
perrhenic acid 

ReCI, is dimeric, and has a structure like (NbCIs); (Figure 21.2) in which 
two octahedra are joined by an edge. The Re-Re distance is 3.74A, and 
therefore there is no metal-metal bonding. The oxide Re2Os is also 
known. 


(4: VI) STATE 


The only example of Mn(+ VI) is the manganate(VI) ion MnO}. These 
compounds are sometimes called manganates, and they are dark green. 
Manganates are formed by oxidizing MnO; in fused KOH with air, KNO;, 
PbO>, NaBiO, or other oxidizing agents. They can also be obtained by 
treating KMnO, with alkali: 


4MnO; + 4OH- > 4MnO3 + O; + HO 


MnO% is quite strongly oxidizing and is only stable in very strong alkali. In 
dilute alkali, water or acidic solutions it disproportionates: 

3Mn"!Oj- + 4H* > 2Mn"'O; + Mn'YO, + 2H;O 

(manganate) (permanganate) 

manganate( VI) munganate( VH ) 
Re(4 VI) is known as the red coloured oxide ReO;, but the existence of 
TcO; is uncertain. The structure of ReO; is shown in Figure 23.5a, and 
the same structure is adopted by other oxides such as WO;. Each metal is 
octahedrally surrounded by oxygen atoms. The structure is closely related 
to the perovskite structure for compounds ABO; by the insertion of a 
large cation at the centre of the cube as shown in Figure 23.5b. 

The halides TcF,, ReF, and ReCl, are known. The fluorides are made by 
direct reaction of the elements, and the chloride by treating the fluoride 
with BCI;. They have a d' configuration, and the fluorides are yellow and 
the chloride is green—black. The magnetic moment is lower than the spin 
only value for d' because of strong spin orbital coupling. The compounds 
have low-melting points ranging from 18°C to 33°C, and they are sensitive 
to water. 


3ReF, + 10H,O0 — 2HRe“"O, + Re!YO, + 18HF 
(+VII) STATE 


Mn(+ VII) is not common, but is very well known as the manganate(VII) 
ion MnO;, which is still commonly called the permanganate ion. The 


(+VII) STATE 
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(a) (b) perovskite structure A BO;, 
e.g. CaTiO, 


Figure 23.5 Structures of (a) rhenium trioxide ReO; and (b) perovskite ABOs, e.g. 
CaTiO;. (From A.F. Wells, Structural Inorganic Chemistry, Oxford, Clarendon 
Press, 1950.) 


potassium salt KMnO, is widely used as an oxidizing agent in both 
preparative and analytical chemistry. Titrations are normally carried out 
in acidic solutions, and MnO, is reduced to Mn?*, a change of five 
electrons. f 


MnO; + 8H* + Se > Mn?* + 4H0 E* = L51V 
In alkaline solution Mn'YO, is formed, involving a three-electron change. 
MnO; + 2H;O0 + 3e > MnO, + 40H” E°= 1.23V 


Thus the reaction which occurs, and hence the stoichiometry, depend on 
the pH. The purple colour of MnO, acts as its own indicator in titrations. 

Permanganate solutions are intrinsically unstable in acidic solution, and 
decompose. slowly. Decomposition is catalysed by sunlight, so KMnO, 
solutions should be stored in dark bottles and they must be standardized 


frequently. 
4MnO; + 4H* — 4MnO; + 30; + 2H,0 
If a small quantity of KMnO; is added to concentrated H,SO,, a green 
solution containing MnO3 ions is formed. 
KMnO; + 3H;$0, > K* + MnO} + 3HSO; + H,0* 
With larger amounts of KMnO,, an éxplosive oil Mn;O; is formed. (Do 
not try this.) 
KMnO, is manufactured on a large scale: 


fuse with KOH _ electrolytic oxidation zn 
MnO, — —— — ? MnO; — — — — ^ MnO, 


oxidize with air or KNO, manganate in alkaline solution permanganate 


Permanganates can also be prepared by treating a solution of Mn?* ions 
with very strong oxidizing agents such as PbO, or sodium bismuthate 
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NaBiO;. In qualitative analysis the presence of manganese is confirmed by 
treating the solution with sodium bismuthate, when the purple colour of 
MnO; is obtained. Permanganites can also be made by acidifying 
manganates, when they dispropo tionate into MnO; and MnO}, but the 
yields are not good. 

The permanganate ion has an intense purple colour. Mn(+VII) has a 
d" configuration, so the colour arises from charge transfer and not from 
d-d spectra. 

KMnO, is used as an oxidizing agent in many organic preparations 
including the manufacture of saccharin, ascorbic acid (vitamin C), and 
nicotinic acid (niacin). It is also used for treating drinking water. (It 
oxidizes and thus kills bacteria, but does not leave an unpleasant taste as 
does Cl.) 

In contrast to the scarcity of Mn(-- VII) compounds, Tc(4- VII) and 
Re(- VII) occur in several compounds. These include the heptoxides 
M20}, heptasulphides M287, MO; ions, oxohalides, a hydride complex 
MH3- and ReF;. These are only slightly oxidizing and are relatively stable 
compounds. 

The oxides Tc;O; and Re5O; are formed when the metals are heated in 
air or dioxygen. They are both stable yellow solids. Tc;O; melts at 120°C 
and Re;O; at 220°C, in contrast to Mn;O; which is an explosive oil. Tc.07 
is more oxidizing than Re5O;. 

Both oxides dissolve in water and form colourless solutions of pertechnic 
acid HTcO, or perrhenic acid HReO,. A second form of perrhenic acid 
exists as HyReOs (compare with periodic acid HIO; and H4IO:). The per 
acids are strong acids, i.e. completely ionized in aqueous solution. The 
solubilities of perrhenates are similar to those of perchlorates. The ions 
MnO;. TcO; and ReO; are all tetrahedral. The MnO; ion is a powerful 
oxidizing agent. TcO; and ReO; show mild oxidizing properties. The 
difference is illustrated by their reaction with H3S. KMnO; oxidizes HS to 
S. and is itself reduced to Mn^*. whereas KTcO, and KReO, precipitate 
sulphides Tc:S; and Re;S;. 

Whilst MnO; is unstable in alkaline solution, TcO; and ReO; are 
stable from bases. 

KMnO; is a very dark purple—black solid. The MnO, ion is deep purple 
coloured due to charge transfer spectra. In contrast solutions of TeO; and 
ReO; are colourless. as the charge transfer band occurs at higher energy in 
the UV region. However solutions of HReO, become yellow-green when 
they are concentrated, and HTcO, has been isolated as a red solid. These 
colours arise because the tetrahedral ReO; ion becomes less symmetrical 
when undissociated HO—ReO is formed, and the Raman spectrum of the 
concentrated solution shows lines due to the acid. 

The elements in this group do not form binary hydrides. However, when 
potassium pertechnate KTcO, or potassium perrhenate KReO, is treated 
with potassium in ethylenediamine or ethanolic solution, hydrido com- 
plexes K;[TcH,] and K;[ReH,] are formed. The structure is a tri-capped 
trigonal prism, that is a trigonal prism with an extra group pointing out of 
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Figure 23.6 Structure of the enneahydridiorhenium(VII) ion [ReH]. 


each of the three rectangular faces (Figure 23.6). The proton magnetic. 


resonance spectrum of this ion rather surprisingly shows a single sharp line. 
This suggests that the H atoms are equivalent. This suggests that the H 
atoms undergo a very rapid intramolecular site exchange. 

When Re is heated with fluorine ReF; is formed, but Tc only forms 
TcF,. ReF; and IF; are the only heptahalides known throughout the 
periodic table, and both have a pentagonal bipyramid structure. Several 
oxohalides can be made by treating the oxides with the appropriate 
halogen, or ReF; with dioxygen or water. These include ReOFs, ReO2F;, 
ReO,F, ReO;Cl, TcO3F and TcO,Cl. The oxohalides arè all pale yellow 
or colourless compounds which are either low-melting solids or liquids. 


BIOLOGICAL IMPORTANCE 


Mn"! is important in both animal and plant enzymes. In mammals the 
enzyme arginase is produced in the liver. This is important because it 
converts nitrogenous waste products into urea in the ornithine-arginine— 
citrulline cycle (discovered by Hans Krebs who also discovered the 
tricarboxylic acid cycle). The urea is carried by the blood to the kidneys, 
where it is excreted in urine. 

Mn is an essential trace element for plant growth. It is added to 
fertilizers in parts of the world where there is a deficiency in the soil. It is 
essential in a group of enzymes called phosphotransferases. 
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Group 8 — the iron group 


IRON, COBALT AND NICKEL GROUPS 


Iron Fe Cobalt Co Nickel Ni 
Ruthenium Ru Rhodium Rh Palladium Pd 
Osmium Os Iridium — lr Platinum = Pt 


These nine elements made up Group VIII in the old Mendeleev periodic 
table. They are now treated as Groups 8, 9 and 10 (in vertical groups or 
triads) in the same way as the other transition elements: 


Group8  Group9 Group 10 


However, the horizontal similarities between these elements are greater 
than anywhere else in the periodic table except among the lanthanides. As 
a consequence of the lanthanide contraction, the second and third rows 
of transition elements are much alike. Because of this, the horizontal 
similarities are sometimes emphasized by considering these nine elements 
as two horizontal groups: the three ferrous metals Fe, Co and Ni, and the 
six platinum metals Ru, Rh, Pd, Os, Ir and Pt. 


INTRODUCTION TO THE IRON GROUP 


iron is used in larger quantities than any other metal, and steel making is of 
immense importance throughout the world. Iron is also the most important 
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Table 24.1 Electronic structures and oxidation states 


Element Electronic structure Oxidation states* 
Fe [Ar] 3d° ay 0 Il HI (IV) (V) (VI) 
Ru [Kr] 4d’ 5! 0 I nr IV (V) VI (VII) VIH 
Os [Xe] 4f" 5d^ 67 QI) (ID) (HI). IV. (V). VI (VII) VIII 


a 
* The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normal type. Oxidation states that are unstable, or in doubt, are given in 
parentheses. 


transition element in plants and animals. Its biological importance is as an 
electron carrier in plants and animals (cytochromes and ferredoxins), as 
haemoglobin, the oxygen carrier in the blood of mammals, as myoglobin 
for oxygen storage, for iron scavenging and storage (ferretin and trans- 
ferrin) and in nitrogenase (the enzyme in nitrogen fixing bacteria). Iron 
forms several unusual complexes, including ferrocene. 


ABUNDANCE, EXTRACTION AND USES 


Iron is the fourth most abundant element in the earth’s crust, after O, Si 
and Al. It makes up 62000 ppm or 6.2% by weight of the earth’s crust, 
where it is the second most abundant metal (Appendix A). In addition iron 
and nickel make up most of the earth's core. 

The chief ores are haematite Fe;O;. magnetite Fe3O,, limonite 
FeO(OH) and siderite FeCO;. (Smaller amounts of pyrites FeS, are also 
found. This has a yellow metallic appearance and is called ‘fool's gold’ 
because it has been mistaken for gold.) World production of iron ores was 
959 million tonnes in 1992. The largest sources are China 22%, the Soviet 
Union 18%, Brazil 16%, Australia 12%, and the USA and India 6% 
each. This yielded 497 million tonnes of pig iron in 1992. 

Ruthenium and osmium are very rare. They are found in the metallic 
state together with the platinum metals and the coinage metals (Cu, Ag 
and Au). The main sources are traces found in the NiS/CuS ores mined in 
South Africa, Canada (Sudbury, Ontario), and the Soviet Union (the 
river sand from the Ural mountains). World production of all six platinum 
group metals was only 281 tonnes in 1992. The largest sources were South 
Africa 45%, the Soviet Union 44%, Canada 4%, the USA 2% and Japan 
0.8%. 


Table 24.2 Abundance of the elements in the 
earth’s crust. by weight 


ppm Relative abundance 
Fe 62.000 4 
Ru 0.0001 71= 


Os 0.005 n 
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EXTRACTION OF IRON 


The extraction of iron has played a considerable part in the development of 
modern civilization. The iron age began when man found how to use the 
charcoal formed by burning wood to extract iron from iron ores, and how 
to use it to make implements. The industrial revolution began when 
Abraham Darby developed a process which used coke instead of charcoal 
at Coalbrookdale in Shropshire, England, in 1773. It is much cheaper and 
easier to produce coke from coal rather than make charcoal by partly 
burning wood. Furthermore the greater mechanical strength of coke made 
it possible to blow air through a mixture of coke and iron ore in a blast 
furnace and thus extract iron on a much larger scale. These two factors 
increased the availability of iron and greatly reduced its price. It became 
possible for the first time to make bridges, ships, steam engines and railway 
lines using iron. The scale on which iron and steel are produced and their 
widespread use justify detailed examination of the processes involved. 


Blast furnace 


Iron is extracted from its oxides in a blast furnace. This is an almost 
cylindrical furnace, lined with fire bricks. It runs continuously and works 
on the counter-current principle. It is charged from the top with iron ore, a 
reducing agent (coke) and slag forming substances (calcium carbonate). 
The amount of CaCO; is varied, depending on the amount of silicate 
materials in the ore. Air is blown in at the bottom. The coke burns 
producing heat and CO. The temperature of the furnace is nearly 2000*C 
at the point where the air enters, but is about 1500°C at the bottom and 
200°C at the top. The iron oxide is reduced to iron mainly by CO (though 
perhaps some reduction by C takes place). The molten iron dissolves 
3-496 of C from the coke, resulting in the formation of pig iron. The 
melting point of pure iron is 1535°C. The impurities in pig iron lower the 
melting point, possibly to as low as 1015*C (the eutectic temperature) by 
the presence of 4.3% C. Molten iron collects in the hearth at the bottom of 
the blast furnace. 

The temperature of the furnace decomposes CaCO; to CaO, which then 
reacts with any silicate impurities present (such as sand or clay), forming 
calcium silicate or slag. This is also molten and also drips to the bottom. The 
slag floats on the molten iron, thus protecting it from oxidation. Molten 
slag and molten iron are drawn off through separate openings at intervals. 
The molten iron is run into moulds made of sand and is allowed to solidify 
into ingots called ‘pigs’. Pig iron or cast iron is hard but is very brittle. 

A small amount of pig iron is remelted and cast into metal parts, but the 
brittleness makes it almost impossible to machine the metal on a lathe, 
though it can be shaped by grinding. Pig iron contains up to 4.3% carbon 
and possibly other impurities such as Si, P, S and Mn. The non-metallic 
elements must be removed to reduce the brittleness. All Fe/C alloys 
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containing less than 2% C are called steel. Steel is ductile and can be rolled 
or machined into shape. The hardness and strength increase with 
increasing C content. The most common forms are mild steel (otherwise 
called soft steel or low-carbon steel) and hard steel (otherwise called high- 
carbon steel). 

The source of the impurities in pig iron are as follows: C arises from the 
coke used in the blast furnace. Si, P and S arise from the reduction by C of 
silicates, phosphates or sulphates present in the ore, or from S in the coke. 
Small amounts of Mn are often found in iron ore, but for most purposes 
this is beneficial rather than harmful, as small amounts of Mn actually 
enhance the physical properties of the metal. Typical analyses of pig iron 
and mild steel are shown in Table 24.3. 

The slag is used as a building material, for example to make breeze 
blocks, or cement. 


Table 24.3 Typical impurities that may 
be present in pig iron and mild steel 


ee 


Pig iron Mild steel 
(%) (%) 
c 3-4.3 0.15 
Si 1-2 0.03 
P 0.05-2 0.05 
S 0.05- 1 0.05 
Mn 0:5-2 0.5 


aaas 


Reactions involved 
The overall process for the extraction of Fe is: 


3C + Fe;O; — 4Fe + 3CO; 
CaCO, + SiO, — CaSiO; + CO; 


The reaction proceeds in several stages at different temperatures. Since the 
air passes through in a few seconds, the individual reactions do not reach 
equilibrium. 


400°C 3Fe20; + CO 5 2Fe,0,; + CO, 
Fe;O, + CO > 2FeO + CO; 
500-600°C 2CO — C + CO, 
The C is deposited as soot and reduces FeO to Fe 
but it also reacts with the refractory lining 
of the furnace, and is harmful 
800°C FeO + CO > Fe + CO, 


900°C CaCO; — CaO + CO; 


Fera A 
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1000°C FeO + CO — Fe + CO; 
CO, + C 2CO 
(Together these two reactions appear to be 
FeO + € > Fe + CO) 
1800°C CaO + SiO; — CaSiO; 
FeS + CaO + C — Fe + CaS + CO 
MnO + C 5 Mnn Fey + CO 
SiO, + 2C 5 Sig, Fe) + 2CO 


A modern blast furnace may be 120 feet (40 metres) high, and 50 feet 
(15 metres) in diameter at the bottom, and can produce 10000 tonnes of 
pig iron per day. 


STEEL MAKING 


Steel is made by removing most of the C and other impurities from pig 
iron. The process involves melting, and oxidizing the C, Si, Mn and P in 
the pig iron so that the impurities are given off as gases or converted into 
slag. 


Puddling 


Originally steel was made by ‘puddling’, which involved mixing molten pig 
iron with haematite Fe3O4, and burning off all the C and other impurities 
to give wrought iron. Wrought iron has had all the C removed and is fairly 
soft, and is extremely malleable. It can be converted into steel by adding 
the required amount of C or other metals to give the type of steel required, 
but this process is now entirely obsolete. 


Bessemer and Thomas processes 


In 1855 H. Bessemer (a Frenchman living in England) patented the process 
named after him which uses a Bessemer converter. This is a large pear- 
shaped furnace lined with silica. The furnace can be tilted and whilst it is in 
the horizontal position molten pig iron is poured in, It is then tilted to the 
vertical position and a blast of compressed air is blown through holes in the 
bottom of the furnace and through the molten metal.This burns the Si and 
Mn in the pig iron to give first SiO; (then iron silicate) and manganese 
oxide slag. These reactions produce a lot of heat which leads to stronger 
oxidation of C to CO or CO». The course of the reaction can be followed 
by burning the waste gases and observing the colour or the spectrum of the 
flame produced. When the C content is sufficiently low, the converter is 
tipped and the molten steel is poured into cast iron moulds. This gives an 
ingot of steel, which can be rolled or forged. The process typically takes 20 

minutes for a 6 tonne ingot of metal. 
Iron ores typically contain either Si or P as impurities, which are 
oxidized to SiO; or P4O;o- A phosphorus content of over 0.05% in steel 
continued overleaf 
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leads to a low tensile strength and ‘cold brittleness’. The Bessemer process 
does not remove phosphorus, so satisfactory steel or wrought iron can 
only be obtained from pig iron containing little or no P. Furthermore the 
phosphorus damages the lining of the convertor, and this can only be 
replaced by taking the convertor out of use. 


P4,O,, + 6Fe + 30, — 2Fe;(PO4); 
Fe4(PO4); + 2FeC + 3Fe = 2Fe;P + 6FeO + 2CO 
FeO + SiO; ———>  FeSiO; 


(furnace lining) 


In some countries steel making is based on phosphorus-rich ores. In this 
case the ‘basic Bessemer process’ (often called the Thomas and Gilchrist 
process, patented by S.G. Thomas in 1879) is used instead. There are two 
differences from the normal Bessemer process: 


1. The Thomas convertor is lined with a basic material such as calcined 
(strongly heated) dolomite or limestone. This reduces reaction between 
the iron phosphate slag and the lining of the convertor. This prolongs 
the life of the convertor lining. 

2. Limestone CaCO; or lime CaO are added as slag formers. These are 
basic and react with P4O,o, forming ‘basic slag’ Ca;(PO,)2, thus 
removing P from the steel. Basic slag is a valuable by-product and is 
finely ground and sold as a phosphate fertilizer. 


Thus a Bessemer convertor with its silicate lining was used for iron ore 
containing silicate impurities, and Thomas convertor lined with limestone 
or dolomite was used with ores which had a high P content. A small 
amount of Mn is added to the molten metal to remove S and O. The 
Bessemer process reduced the price of steel by a factor of 5 in the UK. It 
was adopted by Andrew Carnegie in the USA and reduced the price by a 
factor of 10. The process dominated world steel production until World 
War I, and was still used in England until the 1960s. 


Siemens open hearth process 


The open hearth process was invented by Sir William Siemens soon after 
the Bessemer process was invented. The furnace required external heating 
by burning gas or oil in air. Molten pig iron was put in a shallow hearth, 
and the impurities were oxidized by air. The lining of the furnace was 
acidic or basic depending on the impurities in the pig iron. This process 
replaced the Bessemer process in many places. The open hearth process is 
slow and it took about 10 hours to convert 350 tonnes. For this reason it has 
largely been replaced by the basic oxygen process. 


Siemens electric arc furnace 


Siemens also patented an electric arc furnace in 1878. Heat is provided 
either by having an electric arc just above the metal. or by passing an 
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electric current through the metal. This process is still used to produce steel 
alloys and other high quality steel. Stainless steel typically contains 
12—15% of Ni, but that used for cutlery may contain 20% Cr and 10% Ni. 
High speed cutting steel used as the cutting edges on lathes may contain 
18% W and 5% Cr. Alloys with 0.4-1.6% Mn give steel with a high tensile 
strength. Hadfield steel, which is very tough and is used for rock breaking 
machinery and excavators, contains about 13% Mn and 1.25% C. Spring 
steel contains 2.5% Si. 


Basic oxygen process 


The main process nowadays is the more modern basic oxygen process 
(BOP). It originated in 1952 as the Kaldo and LD processes in Austria. 
One problem with the older Bessemer and Thomas processes was that the 
molten metal took up small amounts of nitrogen. In concentrations above 
0.01% nitrogen makes steel brittle, and nitriding of the surface makes the 
metal more difficult to weld. The remedy is to use pure O; instead of air to 
oxidize the pig iron. If O5 was blown through the bottom of the furnace in 
the same way as air was blown through in the Bessemer process, the 
bottom of the furnace would melt. The Kaldo and LD processes both use 
pure O;. In the LD process strong convection currents were set up in the 
melt to obtain an effective reaction, whilst in the Kaldo process the 
convertor was rotated to ensure mixing and hence an effective reaction. 
The BOP process is now very widely used. The furnace is initially charged 
with molten pig iron and lime, and pure O% is blown onto the surface of the 
liquid metal at great speed through retractable water cooled lances. The O2 
penetrates into the melt and oxidizes the impurities rapidly. The heat 
evolved in oxidizing the impurities keeps the contents of the furnace 
molten despite the rise in melting point as impurities are removed. No 
external heat is required. Eventually the furnace is tipped and the molten 
steel is poured either into moulds to give steel castings, or into ingots, 
which in turn may be passed to rolling mills. The advantages of using O» 
rather than air are: 


1. There is a faster conversion, so a given plant can produce more in a day. 
2. Larger quantities can be handled. (A 300 tonnes charge can be 


converted in 40 minutes compared with 6 tonnes in 20 minutes by the 


Bessemer process.) i 
It gives a purer product, and the surface is free from nitrides. 


[n 


Table 24.4 Composition of various steels 
ee 


%C name 

.0.15-0.3 Mild steel 
0.3-0.6 Medium steel 
0.6-0.8 High-carbon steel 
0.8-1.4 Tool steel 
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Phase diagram 


The iron—carbon phase diagram is very complicated and is described under 
‘Interstitial alloys and related compounds’ in Chapter 5. The production of 
alloys containing small amounts of V, Cr, Mo, W or Mn gives steels with 
special properties for particular purposes. 


Production figures and uses 


World production of steel ingots and castings was 717 million tonnes in 
1992. The largest steel-producing countries were the Soviet Union 16%, 
Japan 14%, the USA 12% and China 11%. The largest use is as mild steel 
for ship building, girders and motor car bodies. Mild steel is malleable 
and can be bent or machined. It can also be hardened (tempered) by 
heating to red heat and quenching (cooling rapidly) by plunging into 
water or oil. In a year, 14 million tonnes of tin plate, i.e. thin sheets of 
mild steel electroplated with a very thin protective layer of tin are used 
for packaging food and other materials as ‘tin cans’. Several ferrous alloys 
are produced in large amounts: ferrosilicon 3.5 million tonnes/year, 
ferrochrome 3.1 million tonnes/year, ferromanganese 3.4 million tonnes/ 
year and ferronickel 569 000 tonnes/year. 

Promoted iron is used as the catalyst in the Haber- Bosch process for 
making NH3. 


EXTRACTION OF RUTHENIUM AND OSMIUM 


Ru and Os are obtained from the anode slime which accumulates in the 
electrolytic refining of Ni. This contains a mixture of the platinum metals 
together with Ag and Au. The elements Pd, Pt, Ag and Au are dissolved in 
aqua regia and the residue contains Ru, Os, Rh and Ir. After a complex 
separation Ru and Os are obtained as powders, and powder forming 
techniques are used to give the massive metal. These elements are both 
scarce and expensive. Ru is used to alloy with Pd and Pt, and Os is also 
used to make hard alloys. All of the platinum metals have specific catalytic 
properties. 


OXIDATION STATES 


In the previous groups of transition elements (Groups 3-7), the maximum 
oxidation number was attained when all of the valency electrons in the d 
and s levels were used for valency purposes. If this trend continued then 
the maximum oxidation number for Group 8 would be (* VIII). However, 
this trend is not continued in the second half of the d-block and the 
highest oxidation state for Fe is (-- VI). This state is rare and is of little 
importance. 

The main oxidation states for Fe are (--II) and (HI). Fe(+II) is the 
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most stable, and exists in aqueous solution. Fe(+III) is slightly oxidizing, 
but the Fe(+II) and Fe(--III) states are much closer in stability than has 
been found in previous groups. In marked contrast the elements Ru and Os 
form RuO, and OsO, which are in the (+VIII) state. Ru(--III) and 
Os(+IV) are the most stable states, though Ru( V), Os(- VI) and 
Os(4- VIII) are also reasonably stable. Thus the usual trend is observed 
that on descending a group, the higher oxidation states become more 
stable. The stability of the various oxidation states is shown by the range of 
oxides and halides which are known (see Table 24.5). 


Table 24.5 Oxides and halides 


Oxidation states 


GEM) (+I) (+IV) (+V) (+VI) (+VII) (+VII) Others 


FeO Fe;O; - - - - - Fe304 
= Ru;O;  RuO; - (RuO;)" z RuO, 
- - 050; - . (0:0;" - 050, 
FeF; FeF; - - - - E 
FeCl, FeCl; - - - - 
FeBr; FeBr, - - - 
Fel; - - - - - E 
- RuF; RuF,  RuF;  (RuF,) - - 

RuCl, RuCl, - - - - 
^ RuBr, m & = = = 
E Rul; - = = a x 

- OsF; OsF;  OsF, (OsF;) - 

= - OsCl,  OsCh - - - OsCl s 
> + OsBr, = = = = 
3 = Osl - z = ~ 


Se See 
The most stable oxidation states are shown in bold, unstable ones in brackets. 
h = hydrous oxide. 


GENERAL PROPERTIES 


Pure iron is silvery in colour, is not very hard, and is quite reactive (see 
Table 24.6). The finely divided metal is pyrophoric. Dry air has little effect 
on massive Fe, but moist air quite quickly oxidizes the metel to hydrous 
iron(III) oxide (rust). This forms a non-coherent layer which flakes off, and 
exposes more metal to attack. Iron dissolves in cold dilute non-oxidizing 
acids, forming Fe** and liberating hydrogen. If the acid is warm and if air 
is present some Fe?* ions are formed as well as Fe?* , whilst oxidizing acids 
give only Fe?*. Strong oxidizing agents such as concentrated HNO; or 
K,Cr20; passivate the metal because of the formation of a protective coat 
of oxide. If this layer is scratched, the exposed metal is once again vulner- 
able to chemical attack. Fe is slightly amphoteric. It is not affected by 
dilute NaOH, but it is attacked by concentrated NaOH. 
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Table 24.6 Some reactions of Fe, Ru and Os 


Reagent Fe Ru Os 

[01 Fe,0, at 500°C RuO) at 500°C OsO, at 200°C 
Fe;O; at higher temp. 

s FeS RuS, OsS; 
FeS, with excess 

F, FeF; RuF; OsF, 

Ch FeCl; RuCl, OsCl, 

H;O Rusts slowly No reaction No reaction 
FeO, formed at red heat 

Dilute HCI Fe?* + H, No reaction No reaction 

Dilute HNO, Fe** + H, No reaction No reaction 

Aqua regia Passive No reaction OsO, 


——————————————— 


In contrast Ru and Os are noble, and are very resistant to attack by 
acids. However, Os is oxidized to OsO, by aqua regia 

The rusting of iron is a special case of corrosion, and is of great practical 
importance. The process is very complex, but a simplified explanation is 
that Fe atoms are converted to Fe?* ions and electrons. The electrons 
move to a more noble metal which may be present as an impurity in the 
iron, or in contact with it. The electrons discharge H* ions present in the 
water, forming hydrogen, which reacts with atmospheric dioxygen to give 
water: 


Fe — Fe?^* + 2e 


; 
2H* + 2e > 2H 25 HO 


The iron becomes positive and forms the anode, and the noble metal serves 
as the cathode, i.e. small local electrochemical cells are formed in the 
surface. The Fe?* ions are subsequently oxidized to Fe(+III), either 
FeO: OH, FeO, or Fe;O,. Since the oxide does not form a coherent 
protective film, corrosion continues. 

To prevent corrosion, O», HO and the impurities must be excluded. In 
practice Fe is often given a protective coating to exclude the water. 
Electroplating Fe with a thin layer of Sn is widely used and 14 million 
tonnes of ‘tin plate’ were produced in 1991. Other methods include ‘hot 
dipping’ the Fe in molten zinc, galvanizing (electroplating with Zn), 
Sherardizing. and painting with red lead. Another effective treatment is 
to convert the outer layer of iron into iron phosphate. This may be done 
by treating with phosphoric acid or acid solutions of Mn(H2PO,), or 
Zn(H2PO,), in the Parkerizing and Bonderizing processes. Alternatively a 
sacrificial anode may be used which makes the iron the cathode in the 
electrolytic cell. Ru and Os are noble, and do not react with water. 

The effect of the lanthanide contraction is less pronounced in this part of 
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Table 24.7 Some physical properties 


Covalent Ionic radius (À) Melting Boiling Density —Pauling's 


radius: 'CE——— — — — "point point electro- 
(À) M Me (°C) (C)  (gcm^?) negativity 
Fe 1.17 0.78" 0.645" 1535 2750 7.87 1.8 
0.61! 0.55! 
Ru 1.24 - 0.68 2282 (4050 1241 22 
Os 1.26 - - 3045 (505) 2257 22 


= high spin value, | = low spin radius. 


the periodic table: hence the similarities between the second and third row 
elements are not so close as are found in the earlier transition groups (see 
Table 24.7). The close horizontal similarities in the ferrous metals and in 
the platinum metals are largely due to the similarity of their atoms and ions 
in size (e.g. Fe?* 0.61 À (low spin), Co^* 0.65A (low spin) and Ni?* 
0.69 A). Because osmium is only a little larger than ruthenium, it would be 
expected to have a much higher density and indeed Os is the second most 
dense element known (density 22.57gcm™*) exceeded only by a small 
margin by Ir (density 22.61 gcm7*) (see Appendix D). 


LOW OXIDATION STATES 


The (—II) state is rare, but occurs in the carbonyl ions [Fe(CO),]’~ and 
{Ru(CO),]?~. The zero-valent state occurs in the carbonyls, which may be 
mononuclear, e.g. Fe(CO)s, Ru(CO); and Os(CO);, dinuclear, e.g. 
Fe (CO) and Os,(CO)o, or trinuclear, e.g. Fe3(CO),2, Ru3(CO),2, 
Os3(CO),2 (Figure 24.2). 

Fe(CO);, Ru(CO)s and Os(CO); are liquids at room temperature. The 
other carbonyls are volatile solids. Fe(CO); is available commercially. The 
di- and trinuclear carbonyls contain M—M bonds. Fe;(CO), has three 
bridging CO groups joining the two metal atoms, but in Os;(CO), there is 
probably only one bridging group. Fe3(CO),2 has two CO bridges between 
one pair of Fe atoms, whilst Os(CO);? has no bridging groups. 
Fe;Ru(CO);; has the same structure as Fe3(CO),2, but FeRu;(CO); has 
the same structure as Os3(CO),2. 

Fe(CO); is oxidized quite easily, and the gas forms an explosive mixture 
with air. These carbonyls react with aqueous alkali or water, forming 
carbonylate anions: 


Fe(CO); + 3NaOH — Na[HFe(CO)4] + Na;CO; + HO 


They undergo substitution reactions with other ligands such as PF5, PCl5, 
PPh3, AsPhs and unsaturated organic molecules such as benzene. In the 
polynuclear carbonyls the metal-metal bond and the metal cluster are 
often retained. 
Fe(CO); + PF; — (PF);Fe(CO), + CO 
Fe;(CO), + 6PPh; — Fe,(CO)3(PPH3)5 + 6CO 
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Figure 24.2 Structures of (a) Fe(CO);, (b) Fe;(CO),, (c) Fe3(CO),>, (d) suggested 
structure of Os,(CO)o and (e) structure of Oss(CO),; and Rux(CO);5. 


These carbonyl compounds are used as catalysts in various reactions: 


Fe(CO), 
2HC=CH + 3CO + H;O ——> HO—C,H;—OH + CO; 


ethyne p-quinol 
Ru(CO),» 
C,HsNO, + 2CO + H, C&H&NH; + 2CO, 
nitrobenzene aniline 


Nitrosyl compounds are formed by the action of NO on the dinuclear 
carbonyls: 


Fex(CO), + 4NO — 2Fe(CO)« (NO). + SCO 
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An unusual derivative RugC(CO),7 contains a distorted octahedral cluster 
of six Ru atoms with a carbon atom at the centre (similar to the 
arrangement in interstitial metal carbides), but four of the Ru atoms have 
three terminal CO groups and the remaining two Ru atoms have two 
terminal CO groups and one bridging CO. 

The complex [Fe(H3O)sNOJ^* is formed in the ‘brown ring’ test for 
nitrates. The colour is due to charge transfer. This complex formally 
contains Fe(--I) and NO*. Its magnetic moment is approximately 3.9 BM, 
confirming the presence of three unpaired electrons. 


(+l) STATE 


Iron(+II) is one of the most important oxidation states, and salts are often 
called ferrous salts. They are well known as crystalline compounds. Most 
are pale green and contain the [Fe(H5O);]^* ion, forexample FeSO, : 7H20, 
FeCl,-6H,O and Fe(ClO;);-6H5O. The [Fe(H5O),J^* ion exists in 
aqueous solutions. Iron(II) compounds are easily oxidized, and so are dif- 
ficult to obtain pure. However, the double salt FeSO, - (NH,)2SO, - 6H5O 
is used as a standard compound in volumetric analysis for titrations with 
oxidizing agents such as dichromate, permanganate and ceric solutions. 
FeSO, and H-O» are used as Fenton's reagent for producing hydroxyl 
radicals and, for example, oxidizing alcohols to aldehydes. 


Oxides 


FeO is nonstoichiometric and is metal deficient. It commonly has the 
formula Feo sO. It may be formed as a black powder by strongly heating 
iron(-+11) oxalate Fe'(COO); in a vacuum and then quenching to prevent 
its disproportionation: 


Fe(C:0,) > FeO + CO; + CO 
2Fe'O Fei0, + Fe" 
Fe'Fel!!O, 


FeO dissolves in acids and is completely basic. It has a sodium chloride 
type of lattice, comprising a cubic close-packed arrangement of O ions 
with Fe?* ions occupying all (or almost all) of the octahedral holes. 
Fe(OH); is precipitated from solutions containing Fe(+I) as a white solid, 
but it rapidly absorbs O» from the air and turns dark green and then brown. 
This is because it oxidizes first to a mixture of Fe(OH)» and Fe(OH);. and 
then to hydrous Fe;O5- (H20);.. Fe(OH), dissolves in acids. It also 
dissolves in strong solutions of NaOH, giving a blue-green complex 
Na,[Fe(OH);] which can be crystallized. 


Halides 


Iron dissolves in the halogen acids in the absence of air, and from these 
solutions the hydrated dihalides FeF. - 8H20 (white). FeCl, -4H»O (pale 
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green) and FeBr;-4H;O (pale green) are obtained. Hydrated iron(II) 
chloride contains the [FeCl,-4H,O] octahedral unit in which the two 
chlorine atoms occupy trans positions. i 
Anhydrous FeF; and FeCl, are made by heating the metal with gaseous 
HF or HCI, as heating the elements gives FeF; and FeCl;. FeBr and Fel, 
are made by heating the elements. The anhydrous Fe(+II) halides react 
with gaseous NH3, forming salts containing the octahedral complex ion 
[Fe(NH3),]?*. This complex decomposes in water to give Fe(OH)». 


Complexes 


Fe?* ions form many complexes. The most important one is haemo- 
globin (the red pigment in blood) which is discussed later in the section 
‘Bioinorganic chemistry of iron’. Most of the complexes are octahedral, 
though a few tetrahedral halide complexes [FeX4]*~ are formed. 

The best known complex is the hexacyanoferrate(II) or ferrocyanide ion 
[Fe"(CN),]*~. Potassium hexacyanoferrate(II) K,[Fe(CN),]*~ is a yellow 
coloured solid and can be made by the action of CN~ on an iron(II) salt in 
solution. Potassium ferrocyanide is used to test for iron in solution. Fe?* 
ions give a white precipitate of K;Fe"[Fe" (CN);], but Fe?* ions give deep 
blue KFe''[Fe"(CN),] known as Prussian blue. A deep blue colour is 
also produced by Fe** with hexacyanoferrate(III) ions (ferricyanides) 
[Fe (CN),]^-, and this is known as Turnbull's blue KFe![Fe!!(CN).]. 
Both have been used as pigments in ink and paint. Recent X-ray work, 
infrared and Mossbauer spectroscopy have shown that Turnbull's blue is 
identical to Prussian blue. The intense colour arises from electron transfer 
between Fe(+II) and Fe(+III). The standard reduction potentials show 
that it is easier to oxidize the [Fe"(CN),]*- ion in aqueous solution to 
[Fe (CN)s]*-, than it is to oxidize [Fe!(HO),]?* to [Fe'(H5O),]^* 


[Fe"(H;O)p*-- e > [Fe'(H)O)* E° = +0.77V 
[Fe (CN) + e — [Fe (CN)4]*- E? = 40.36 V 


This means that Fe(--III) forms a more stable complex with CN^ than 
does Fe(+II). This is surprising since CN~ forms x bonds by accepting 
electrons from metal ions. Fe(--II) has more electrons than Fe(- III), so 
it follows that Fe(--II) should have stronger x bonding and hence shorter 
bonds than Fe(+III). The Fe-C bond lengths of 1.95 A in [Fe' (CN);]- 
and 1.92 À in [Fe" (CN)4]*- confirm this. Thermodynamic data show that 
AH” for the oxidation of [Fe"(CN),]*~ is more positive than for the 
oxidation of [Fe" (H2O)s^*, and the reason why the observed E? values 
(and the AG values) are different is largely due to the large negative 
entropy of hydration resulting from the high charge on [Fe" (CN)g^- . 
This shows that the solvent plays an important role, and behaviour in the 
solid and solution are not always the same. 

Cu?* ions may be precipitated from solution as the red-brown complex 
Cu? [Fe(CN),] in gravimetric analysis 

The cyanide groups in K,[Fe(CN),] are kinetically inert, and are not 
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easily removed or substituted. Though the salt is said not to be poisonous, 
care must be taken as it evolves HCN with dilute acids. It is possible to 
obtain mono-substitution products by replacing one CN^ by H30, CO, 
NO; or NO*. The best known is sodium nitrosopentacyanoferrate(II) 
Na»[Fe(CN)s«(NO)] - 2H5O, which is usually called sodium nitroprusside. 
This complex has NO* as a ligand, and is formed as brown-red crystals by 
reacting a hexacyanoferrate(IT) with either 30% HNO; or with a nitrite: 


[Fe(CN)s- + NO3 + 4H* > [Fe(CN)«(NO)P- + NH + CO, 
Na,[{Fe(CN),] + NOz + H20 > Na[Fe(CN)s(NO)] + 2NaOH + CNT 


Sodium nitroprusside reacts with sulphide ions to give a purple complex 
[Fe(CN)«(NOS)]*". This is used as a sensitive qualitative test for 
sulphides. 


2[Fe(CN)s(NO)P- + S?- — 2(Fe(CN);(NOS)]*~ 


Other stable complexes are formed with bidentate ligands such as 
ethylenediamine, 2,2'-dipyridyl and 1,10-phenanthroline (formerly called 
ortho-phenanthroline (Figure 24.3). The latter complex [Fe"(phen);]^* is 
bright red, and is used for the colorimetric determination of iron, and also 
as the redox indicator ‘ferroin’ in titrations. It is easier to oxidize 
[Fe(H;O),* to [Fe(H20),}** than it is to oxidize [Fe(phen);]** (red 
colour) to [Fe(phen);]^* (blue colour). Thus the red colour persists until 
there is excess oxidizing agent present. The greater stability of the iron(II) 
phenanthroline complex is due to x bonding between the metal and low 
energy x* antibonding orbitals on the ligand. Similar stabilization also 
occurs in the dipyridyl complex. 


LENO EU 
ac. N= 
Figure 24.3 1,10-phenanthroline. 


Fe?* has a d$ electronic configuration, and octahedral complexes with 
weak field ligands have a high-spin arrangement with four unpaired 
electrons (Figure 24.4a). Strong field ligands such as CN” and 1,10- 
phenanthroline cause spin pairing. This makes them more stable because 
they have a larger crystal field stabilization energy (Figure 24.4b). Spin 
pairing also results in the complexes being diamagnetic. i 

The brown riag test for nitrates and nitrites depends on forming a brown 
complex [Fe(H 0); - NOJ^*. In this test a freshly prepared solution of 
FeSO, is mixed with the solution containing NO; or NO; ions in a test 
tube. Concentrated HSO; is run down the side of the tube so that the acid 
forms a layer at the bottom. The H SO; reacts with NO; , forming NO, 
which combines witn Fe2*, slowly forming the brown complex [Fe(H;0); - 
NOJ"* at the interface between the two liquids. If the mixture gets hot or is 
shaken the brown colour disappears, NO is evolved and a yellow solution 
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(a) weak ligand field (b) strong ligand field 


Figure 24.4 Electronic arrangements of the d* ion Fe?* 


of Fe!'!,(SO,); remains. Nitrites give the brown colour before H5SO, is 
added. 

In addition to these octahedral complexes, the heavier halides form 
crystalline complexes [Fe"X;"-. These are tetrahedral complexes and are 
formed only with large cations. The presence of a large anion and a large 
cation gives a high lattice energy. 

There are few simple compounds of Ru(+II) and Os(+II), though 
[Ru''(H,O),]?* is known. Except in the presence of non-complexing 
anions such as BF; and CIO; , the (-- II) state exists as complexes. A large 
number of complexes are formed with ligands capable of back bonding, 
such as CO and phosphine ligands PR;. Other complexes are formed with 
CN^, Cl”, NH; and amines. These are all tetrahedral. These complexes 
are formed by reducing solutions containing M(--III) or M(+IV) in the 
presence of the ligand. The metal has a d^ configuration, and the 
complexes are all diamagnetic, indicating a spin paired arrangement. with 
a large crystal field stabilization energy. 

Ruthenium forms a binuclear carboxylate Ru(CH3COO),(H5O); similar 
to chromium(II) acetate and containing a M—M bond. Similar complexes 
are also formed by Mo and Rh. 

Ruthenium also forms an interesting series of complexes Ru" NO - Ls, 
where the ligand L may be: CI”, NH;, H;O, NO;, OH~, CN~ and many 
others. The NO is strongly bonded to the metal by o and x bonds, and the 
Ru—NO bond persists through a wide variety of substitution and 
oxidation-reduction reactions. X-ray studies show that in some of the 
complexes the Ru—N—O atoms are linear, whilst in others they are bent. 

Ru—N—O Ru—N 
Nw 
[9) 
Similar osmium complexes are known, though they have been studied less. 

Carbonyl complexes of Fe, Ru and Os have been known for a long time. 
CO and N; are isoelectronic, and for a long time it was speculated that 
M—NN bonds might be formed analogous to M— CO. The first example 
of a dinitrogen complex [Ru(NH3). - N;]Cl; was reported in 1965. The 
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complex can be made by reducing an aqueous solution of RuCl with 
hydrazine sulphate or by treating [Ru'(NH;);- H9OJ^* with NaN. The 
reaction where H5O is replaced directly by N; is of greatest interest, since 
this might be closer to how bacteria fix atmospheric dinitrogen. 


[Ru(NH3)sH5OJ* + N, > [Ru(NH;)s: N;]** 


Terminal N, ligands have a strong IR band in the range 1930-2230 cm '. 
This compares with a band at 2331 cm~" in N> gas. The IR band may be 
used to show that a dinitrogen complex has been formed, and the lowering 
of the wavenumber shows x bonding has occurred from Ru to N, thus 
reducing the N—N bond order. Thus N; is acting as a x acceptor ligand. 
N> is a weaker o donor and a weaker x acceptor than CO, and hence 
dinitrogen complexes are not very stable. Complexes of other metals 
including Mo, Fe and Co can also take up N, at atmospheric pressure, 
particularly with tertiary phosphine ligands: 


FeCl, + No + 3PEtPh; P", Ec p (N)(PEtPh;); 


The N; ligand may also act as a bridging group: 
[Ru(NH;)s: N;]^* + [Ru(NH3)s: H)OJ^* 
— [(NH3)s: Ru—N—N—Ru : (NH;);]** 


In the dinuclear complex the N—N bond is 1.24 Á, only slightly longer 
than the distance of 1.098 Å in Nz. The interest in complexes which can 
coordinate dinitrogen arises from the possibility of dinitrogen fixation (see 
also Chapter 20). Dinitrogen complexes have also been made for all of the 
metals in Groups 7, 8 and 9 (Mn, Fe and Co groups), together with Mo and 
Ni. The complexes typically contain the metal in a low oxidation state, 
often with phosphine or hydride ligands such as (R3P)2Ni - N2 : Ni(PR3)2 
and (RP); Fe- N2- Ho. Since the Nz molecule is symmetrical and has 
zero dipole moment, c bonding from N to the metal will be very slight 
(hence the very small change in N—N bond length), and back bonding 
from the metal to x orbitals on the nitrogen is the main interaction. 


(+I) STATE 


Fe(+III) is a very important oxidation state. Salts are often called ferric 
salts, and are obtained by oxidizing the corresponding Fe(+II) salts. 
Fe(4-1II) solutions are frequently yellow—brown, but the colour is due to the 
presence of colloidal iron oxide, or FeO: OH. Fe(+III) forms crystalline 
salts with all the common anions except I~, and many of the salts exist in 
both anhydrous and hydrated forms. These have a variety of colours: 
FeCl,:6H,O, FeF;-4$HO and Fe2(SO,)3-9H2O are yellow; FeBrs- 
6H5O and FeF; are green; Fe(NO3)3-6H20 is colourless; and Fe(NO3)3- 
9H5O is pale purple. Several salts contain the [Fe(H;O)g* ion. The 
most common is Fe;(SO;)s. This exists as six different hydrates, and is 
quite widely used as a coagulant to clarify drinking water and also in the 
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treatment of industrial effluent and sewage. The alums are double salts, 
and crystallize easily. They also contain [Fe(H,0),]°*. The best known 
are ammonium ferric alum (NH;)[Fe"(H5O);][SO;]; :6H5O and potash 
alum [K(H3O),][Fe'"(H2O).][SO.]>. Like the chrome alums, these are 
used as mordants in the dyeing industry. 


Oxides and hydrated oxides 


There is no evidence that Fe(OH), exists. Hydrolysis of FeCl; does not 
give the hydroxide but gives a red—brown gelatinous precipitate of the 
hydrous oxide Fe,0,(H2O),. At least part of this precipitate consists of 
FeO - OH. Heating the hydrous oxide to 200°C gives red-brown a-Fe;O;. 
The structure comprises a hexagonally close-packed lattice of O?- ions 
with Fe?* ions in two thirds of the octahedral holes. However, if Fe,O, is 
oxidized, y-Fe2O; is formed, which has a cubic close-packed arrangement 
of O% ions with Fe** ions randomly distributed in both the octahedral and 
tetrahedral sites. 

FeO, is formed as a black solid by igniting Fe;O; at 1400°C. Fe;O, is 
a mixed oxide Fe''Fe}!'O, and has an inverse spinel structure. The O°- 
ions are cubic close-packed, with the larger Fe^* in one quarter of the 
octahedral holes. Half of the Fe?* occupy octahedral holes and half occupy 
tetrahedral holes. 

Fe;O4 and Fe;O,;, like FeO, all tend to be nonstoichiometric. The 
nonstoichiometry is related to their similarity in structure. The cubic close- 
packed forms differ only in the arrangement of Fe?* and Fe** in the 
octahedral and tetrahedral holes. 

Basic properties decrease with increased oxidation number. Fe!!,O, is 
largely basic. The ignited form is difficult to dissolve in acids. However, the 
freshly precipitated hydrous form dissolves in acids, giving the very pale 
violet [Fe(HO),]** ion. andin concentrated NaOH, forming [Fe(OH),|*~ 
This shows that the oxide is slightly amphoteric. Fusion with LiOH, NaOH 
or NaCO; gives LiFeO; or NaFeO;. 


Fe2O0; + Na;CO, — 2NaFeO, + CO; 


At one time these compounds were called ferrites, but they are better 
represented as mixed oxides, as LiFeO; has a NaCl structure, and Li* and 
Fe** are approximately the same size, The average charge on the metal 
ions is +2, which matches the charge of —2 on the oxide ions. Ferrites 
hydrolyse with water, forming NaOH. At one time this was used in the 
obsolete Lowig process for manufacturing caustic soda. 


p» Fe20; + NaCO, — 2NaFeO; + CO, 


2NaFeO, + H;O — 2NaOH + Fe;0, 
| 


If Cl, is passed into an alkaline solution of hydrated iron(III) oxide, a 
red- purple solution is formed containing the ferrate ion FeV!O2-. Ferrates 
are also made by oxidizing Fe(+III) with NaOCI or electrolytically. They 
contain Fe(+ VI) and are stronger oxidizing agents than is KMnO,. 
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Halides 


The halides FeF,, FeCl, and FeBr; can all be made by direct reaction of 
halogen and metal. The iodide does not exist in a pure state because Fe?* 
oxidizes I~. In solution this oxidation is complete but some Fel; may exist 
with Fel, in the solid. Fe(+III) compounds are less ionized than those of 
Fe(+II). FeF; is a white solid. It is sparingly soluble in water but the 
solution does not give a positive test for Fe?* or F^ ions. It combines with 
alkali metal fluorides, forming complexes, e.g. Nas[FeF,]. Fe?* has a d? 
configuration. Since F` is a weak field ligand, each of the d orbitals will be 
singly occupied, giving a high-spin octahedral complex (Figure 24.5a). As a 
result of the small size of Fe?*, Fe(+III) complexes are generally more 
stable than those of Fe(+II). 

Any d-d electronic transition breaks the Laporte selection rule. (This 
states that A/, the change in the secondary quantum number for the 
transition, must be +1. For a d-d transition Al = 0.) In [FeF.]*~ the 
electronic transition is ‘spin forbidden’ too, as it involves both promoting 
an electron and reversing its spin. There is only a low probability of doing 
this: hence the lack of colour. A similar effect is observed with Mn?* 
spectra (see also Chapter 32). 

In contrast to the absence of colour in FeF;, FeCl, solid is almost black. 
It sublimes at about 300°C, giving a dimeric gas. FeBr; is red- brown. The 
colours arise from charge transfer spectra. The solid structures are layer 
lattices, consisting of close-packed halide ions with Fe?* occupying two 
thirds of the octahedral holes in one layer, and none in the next layer. 
FeCl, dissolves in both ether and water,.giving solvated monomeric species 
(Figure 24.6). Iron(III) chloride is usually obtained as yellow-brown 
lumps of the hydrate FeCl; - 6H;O. This is very soluble in water and is used 
both as an oxidizing agent, and as a mordant in dyeing. FeCl, is also used 
in the manufacture of CCl,. 


FeCh catalyst 30°C 
CS; + 3Cl, ——— ——— CCl; + S;Ch 


FeCl, catalyst 60°C 
CS; + 28,C, —————> CCl, + 6S 


Y 


(a) weak ligand high spin (b) strong ligand spin paired 


Figure 24.5 d? electronic arrangement for Fet 
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Figure 24.6 Structures of FeCl;. 


The structure of FeCl;-6H;O is unusual. It normally consists of trans 
[Fe(H;O),CL]CI-2H;,O, though in strong HCI it forms tetrahedral 
[FeCL]" ions. 


Complexes 


Fe?* shows a preference for forming complexes with ligands which 
coordinate through O as opposed to N. Complexes with NH; are unstable 
in water. Complexes with chelating N ligands such as dipyridyl and 1,10- 
phenanthroline are formed, but are less stable than their Fe(+11) 
counterparts. These ligands cause spin pairing. 

The most common complex is the hydrated ion [Fe(HO),]** . This is pale 
purple in very strongly acid solutions, and tends to hydrolyse to yellow 
solutions at pH 2-3. 


[Fe(H;O),]^* = [Fe(H3O).- OHP* + H* 


At pH 4-5 the hydroxo species polymerizes to form a dimer which forms a 
brownish solid. Polymerization of aqua ions is quite common, especially if 
they have a high charge. 
H 4+ 
LES 
2+ 
2[Fe(H2O);-OH]** > | (H20): Fe Fe- (H20)4 
D [9] PA 


H 


At even higher pH values a reddish brown precipitate of the hydrous oxide 
is formed. 

Other complexes with O donors include those with phosphate ions giving 
[Fe(PO,)3]°” and [Fe(HPO,);?- (which are colourless), and with oxalate 
ions giving the dark green complex [Fe(oxalate),|'". Rust stains can 
be removed from fabric by treating with oxalic acid and forming „the 
[Fe(oxalate);"^ ion which is soluble in water. This treatment may also 
remove dyes from the fabric. [Fe(acetylacetone),] is red. [Fe(CN),]- is 
red and [Fe(phen);]^* is blue, and both can be obtained by oxidizing the 
corresponding Fe(--II) complex with KMnO,, or by electrolysis. 

One of the best tests for Fe(+III) is to mix aqueous solutions containing 
Fe** and SCN” ions. A blood red colour is produced, which is due to a 
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mixture of [Fe(SCN)(H5O);f^* and also some Fe(SCN) and [Fe(SCN)4] - 
The colour may also be used for the estimation of iron(III). This colour is 
destroyed by the addition of F` ions, because [FeFs]^- is formed. 

Fe** has a d? electronic configuration. Thus complexes with weak field 
ligands will have a high-spin arrangement with five unpaired electrons. 
Thus d-d spectra will be ‘spin forbidden’: hence the absorption will be 
very weak. Mn?* also has a d? electronic arrangement and also has very 
weak d-d spectra. However, Fe(+III) has an extra charge and is more 
able to polarize the ligands, thus giving intense charge transfer spectra not 
found in Mn?*. The only complex which actually shows the weak d-d 
bands is [Fe(H;0)4*. The hydrolysed species have charge transfer bands 
which mask the d-d spectra. Strong field ligands such as CN^, SCNT and 
oxalate form complexes with Fe?* which have a spin paired arrangement 
(Figure 24.5b). These would be expected to show reasonably intense 
colours from d-d spectra, but these colours too are masked by charge 
transfer. 

Fe(+III) and Ru(+III) form basic acetates of the type [Fe;0 
(CH,COO),L4]*. The structure consists of a triangle of three Fe atoms 
with an O atom at the centre. The six acetate groups act as bridges between 
the Fe atoms, two groups across each edge of the triangle. Thus each Fe 
atom is linked to four acetate groups and the central O, and the sixth 
position of the octahedron is occupied by water or another ligand. This 
type of carboxylate complex is formed by the trivalent ions of Cr, Mn, Fe, 
Ru, Rh and Ir. 


Ruthenium and osmium 


In the (+III) state, Ru complexes are more numerous than those of Os. 
Both elements form [M''(NHs),*, and Ru forms a range of mixed 
halogen-ammonia complexes. If RuO, is added to concentrated HCI and 
evaporated, a dark red material formulated RuCl, - 3H50 is formed. This 
is readily soluble in water, and is the starting point of many preparations. It 
seems to contain not only Ru!!! species but also some polynuclear Ru!” 
species. Ru(-III) chloro species catalyse the hydration of alkynes. 
Ru(+ILI) forms a basic acetate similar to [Fe,0(CH;COO),L3]* described 
above. 


(+IV) AND HIGHER STATES 


Burning Ru or Os metals in air gives RuO,; as a blue-black solid and OsO; 
as a coppery coloured solid. Both oxides have rutile (TiO») structures. Os 
forms a stable tetrafluoride and tetrachloride. 


(+V) STATE 


The (4-V) state is unstable, and is found only as the pentafluorides, which 
are tetrameric with bridging F groups as in NbF; and TaF; (see Figure 
21.1). Fluoride complexes are also known. 


Figure 24.7 Structure of 
Fe;0(CH;COO),(H20)s]* 
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RuCl, + KCI + F, > K[Ru"F,] 


(+VI) STATE 


Ferrates FeY'03~ can be made by passing Cl, into an alkaline solution of 
hydrated iron(II) oxide, by oxidizing Fe(--III) with NaOCl, or electrolyti- 
cally. They contain Fe(+VI), are purple coloured and are stronger 
oxidizing agents than KMnO,. The stability of the (-- VI) state decreases 
across the periodic table: 


CrOi- > MnOj- > FeOj- >> CoOj- 


Ferrates are only stable in strongly alkaline solution, and decompose in 
water or acid, liberating dioxygen. 


2[Fe 'O,J?- + 5H;0 > Fe** + 130, + 10(OH)- 


Sodium and potassium ferrates are very soluble, but BaFeO, is 
precipitated. The ferrate ion is tetrahedral like the chromate ion CrO}. 

RuF, is the highest halide of Ru. It is made by heating the elements and 
quenching (i.e. cooling very rapidly). RuF, is unstable, but in contrast 
OSF, is stable. 


(+VII) STATE 


RuO, and OsO, are yellow coloured volatile solids with melting points of 
25*C and 40*C respectively. OsO, is made either by burning finely divided 
metal in O2, or by treating it with concentrated HNO;. RuO, is less stable 
and is formed by oxidation with permanganate or bromate in H3SO4. Both 
oxides are toxic, smell like ozone and are strongly oxidizing. They have 
tetrahedral structures. Both are slightly soluble in water but very soluble in 
CCI,. Aqueous solutions of OsO, are used as a biological stain because the 
organic matter reduces it to black OsO; or Os. OsO, vapour is harmful to 
the eyes for this reason. OsO, is used in organic chemistry to add to double 
bonds and give cis glycols. The tetroxides do not show basic properties and 
HCl reduces OsO, to trans-[OsV'O;Cl,J- . [Os VCl;J"- and [Os!¥,0Cl,o]?>. 
RuO, dissolves in NaOH solutions and liberates O5. Ru( * VIII) is reduced 
forming first the perruthenate (+ VII) ion, then the ruthenate (4 VI) ion: 


4RuV'"O, + 40H” > 4RuY"O; + 2H,0 +0, 


perruthenate 
4RuV!O; + 40H” — 4Ru"!Oj- + 2H;0 + O, 
ruthenate 
The ruthenate ion contains Ru(+ VI) and is analogous to the ferrate ion 
FeO. OsO, is more stable and is not reduced by NaOH. Instead, OH 
ligands are added forming the octahedral trans-osmate(VIII) ion. 
Os¥"O, + 20H” — [Os¥"0, - (OH).P- 


perosmate or osmate (VIII) 
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The osmate(VIII) ion reacts with NH3 giving an unusual nitrido complex 
[OsOsN]", and is reduced by EtOH to form trans-[Os'O;(OH)4]^- 


BIOINORGANIC CHEMISTRY OF IRON 


Iron is essential in small amounts for both plant and animal life. However, 
like Cu and Se it is toxic in larger quantities. Biologically iron is the most 
important transition element. It is involved in several different processes: 


l. As an oxygen carrier in the blood of mammals, birds and fish (haemo- 
globin). 

2. For oxygen storage in muscle tissue (myoglobin). 

3. As an electron carrier.in plants, animals and bacteria (cytochromes) and 
for electron transfer in plants and bacteria (ferredoxins). 

4. For storage and scavenging of Fe in animals (ferretin and transferrin), 

As nitrogenase (the enzyme in dinitrogen fixing bacteria). 

6. As a number of other enzymes: aldehyde oxidase (oxidation of 
aldehydes), catalase and peroxidase (decomposition of H202) and 
succinic dehydrogenase (the aerobic oxidation of carbohydrates). 


tA 


Haemoglobin 


The human body contains about 4g of iron. About 70% of this is found as 
haemoglobin, the red pigment in the erythrocytes (red blood cells). Most 
of the rest is stored as ferretin. The function of haemoglobin is to pick up 
dioxygen at the lungs. The arteries carry blood to parts of the body where 
oxygen is required such as the muscles. Here the oxygen is transferred to a 
myoglobin molecule, and stored until the oxygen is required to release 
energy from glucose sugar. When O; is removed from haemoglobin, it is 
replaced by a water molecule. Next the protein part of haemoglobin 
absorbs H”. Indirectly this helps remove CO; from the tissues, since CO; 
is converted to HCO; and H^. The blood removes the more soluble 
HCO; ions and the reduced haemoglobin removes the H*. The blood 
returns to the heart through the veins. It is then pumped to the lungs, 
where the HCO; ions are converted back to CO». This is excreted into the 
air in the lungs and exhaled. The blood picks up dioxygen again, and the 
process is repeated. 

The important factor in haemoglobin acting as an oxygen carrier is the 
reversibility of the process. If too stable a complex were formed with 
dioxygen, then too much energy would be released in the lungs leaving less 
energy when dioxygen is released in the muscles. The oxygenated form is 
called oxyhaemoglobin and the reduced form is called deoxyhaemoglobin. 
This transfer of O; is remarkable because it involves only Fe(-- 1I), and not 
Fe(+III). Other groups such as CO, CN- and PF; can occupy the O; site. 
Coordination is still reversible, but is much stronger. In the case of CN”, 
coordination is irreversible. These ligands reduce or prevent oxygen 
transfer and may result in death. However, CN also interferes with the 
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cytochrome enzyme system, which is the principal reason for its extreme 
toxicity. 

Haemoglobin has a molecular weight of nearly 65 000. and is made up of 
four subunits. Each subunit comprises a porphyrin complex haem (Figure 
24.8) which contains Fe** bonded to four N atoms, and a globular protein 
called globin. The globular protein is coordinated to the Fe?* in haem 
through a fifth N atom from a histidine molecule in the protein. The sixth 
position round the Fe?* is occupied either by a dioxygen molecule or a 
water molecule. 

In oxyhaemoglobin the Fe?* is in the low-spin state and is diamagnetic. 
It is just the right size to fit in the hole at the centre of the porphyrin ring. 
The porphyrin is both planar and rigid. In deoxyhaemoglobin the Fe?* is in 
the high-spin state and is paramagnetic. The size of Fe** increases by 28% 
when it changes from low spin to high spin, i.e. from 0.61 À to 0.78 A (see 
Table 24.7). Thus in deoxyhaemoglobin the Fe?* is too large to fit in the 
hole at the centre of the porphyrin, and is situated 0.7-0.8 A above the 
ring, thus distorting the bonds round the Fe. Thus the presence of O, 
changes the electronic arrangement of Fe?* and also distorts the shape of 


'the complex. The globular protein appears to be essential, since if it is 


removed oxidation of Fe(--1I) to Fe(-- III) occurs which is not reversible. 

Haemoglobin is made up of four subunits, and when one subunit picks 
up an O; molecule, the Fe?* contracts and moves into the plane of the 
ring. In doing so, it moves the histidine molecule attached to it, and causes 
conformational changes in the globin chain. Since this chain is hydrogen 
bonded to the other three units, it changes their conformations too, and 
enhances their ability to attract O. This phenomenon is called the 
cooperative effect. The affinity of haemoglobin for O» decreases as the pH 
decreases, but as blood is well buffered this has only a slight effect. In a 
similar way when the blood reaches the muscles, once one O, has been 
released the others are released even more easily due to the cooperative 
effect in reverse. 


Figure 24.8 Structure of haem b. 
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= CO; is the end product from the breakdown of glucose to release energy. 
There is an appreciable build-up of CO; in the muscles. This is removed 
from the tissue and converted into soluble HCO; ions. 


CO; + H;0 > H* + HCO; 


This process is facilitated by the terminal amine groups of deoxyhaemo- 
globin which pick up the protons produced and thus act as a buffer. The 
reverse process occurs at the lungs. 

The porphyrin ring is conjugated and planar. The characteristic red 
colour arises from charge transfer between stable x and low-lying 1* 
orbitals on the ring and Fe. 


Myoglobin 


Haem is also important biologically in myoglobin which is used to store 
dioxygen in muscles. Myoglobin is similar to one of the units in haemo- 
globin. It contains only one Fe atom, has a molecular weight of about 
17000, and binds O; more strongly than haemoglobin. 


Cytochromes 


There are many cytochromes, which differ in slight detail, but these are 
broadly grouped together as cytochrome a, cytochrome b and cytochrome 
c. The prosthetic group in all cytochromes comprises four haem units, and 
cytochromes have a molecular weight of about 12400. As in haemoglobin, 
Fe is bonded to four N atoms in each porphyrin ring, and the fifth site is 
occupied by a N atom from the associated protein. The big difference is 
that the sixth position is usually occupied by a S atom from an amino acid 
such as methionine, which is part of a protein. 

Cytochromes are involved in the release of energy by oxidizing glucose 
with molecular Os in the mitochondria inside living cells. The cytochromes 
are reversibly oxidized (and thus act as electron carriers). The Fe is in the 
low-spin state, and it changes reversibly between the (+II) and (+11) 
states. Cytochromes a, b and c have slightly different reduction potentials 
and reactions involve all three one.after the other in the order b, c, a. In 
this way the energy from oxidizing glucose is released gradually. The 
energy is stored in the form of adenosine triphosphate ATP, which is used 
when required by the cell. 


Table 24.8 Reduction potentials. E° for 


cytochrome 
Cytochrome b 0.04 V 
Cytochrome c 0.26V 


Cytochrome a 0.28 V 
ee tesa anal Genie Ls ee 
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Ferretin 


Animals, including man, absorb iron as Fe(+II) from food in their 
digestive systems. Their requirements for Fe are very small (man requires 
only 1 mg per day) as the existing Fe in the body is recycled. Any iron 
absorbed immediately reacts to form transferrin. A human body contains 
about 4g of Fe, roughly 3g as haemoglobin, and 1g as ferretin. Ferretin is 
found in the spleen, liver and bone marrow. When a red blood cell has 
become aged after an average of 16 weeks, the haemoglobin is broken 
down and the iron is recovered by transferrin, a non-haem protein, This 
is a single chain polypeptide of molecular weight 76000-80000, which 
contains two Fe atoms. This transports the Fe to the bone marrow where 
it is converted to ferretin, which is brown and water soluble. Ferretin 
contains about 23% Fe. It consists of a roughly spherical sheath of protein 
called apoferretin which is approximately 120 A in diameter and which 
encloses a micelle of Fe(+III) hydroxide, oxide and phosphate. The 
micelle is an aggregate of particles whose surface bears a charge. The 
micelle contains 2000-5000 atoms of Fe. 


Catalases and peroxidases 


Catalases are enzymes which promote the disproportionation of H203. 
They also catalyse the oxidation of substrates by H;O;. The catalase 
molecule contains four Fe(+III) haem b groups, and has a molecular 
weight of about 240000. 


2H,0, — 2H50 + O, 


The peroxidases also catalyse the decomposition of H2O, but they are 
associated with a coenzyme AH», which is.oxidized in the reaction. 


H30; + AH; > 2H;0 + A 


Ferredoxins 


These are a group of non-haem iron proteins which are responsible for 
electron transfer in plants and bacteria. They serve the same function that 
cytochromes perform in animals, but ferredoxins have much lower 
molecular weights (6000-12000), and they may contain one, two, four or 
eight Fe atoms. Rubedoxin is the simplest and contains only one Fe atom. 
This is surrounded by four S atoms from the amino acid cysteine which is 
linked into protein chains, and may be represented Fe(S-cysteine),. The 
four S atoms are roughly tetrahedral. 

Other ferredoxins include inorganic sulphide ions as well as cysteine S 
atoms, e.g. Fex(S;)(S-cysteine),. Since they contain inorganic sulphide 
ions, treatment with dilute acids liberates H5S. 

Some bacterial ferredoxins form cluster compounds. The simplest is 
Fe,S,(S-cysteine),. The cluster may be imagined as a cube with two Fe 
atoms at diagonally opposite corriers on the top face and two Fe atoms 
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occupying the other two diagonally opposite corners on the bottom face. S 
atoms fill the four unoccupied positions. In addition, each Fe is bonded to a 
S atom in a cysteine molecule. 


Haemerythrin 


Despite its name, haemerythrin is a non-haem iron protein which serves as 
the oxygen carrier in some marine worms. It has a molecular weight of 
about 108000, and is made up of eight subunits. Other marine worms have 
myohaemerythrin in their muscles which comprises just one of these 
subunits. This is analogous to haemoglobin and myoglobin in higher 
animals. However, deoxyhaemerythrin contains two high-spin Fe!" atoms 


and oxyhaemerythrin contains two Fe!" atoms and oxygen bound as O2". 


CYCLOPENTADIENYL AND RELATED COMPOUNDS 


Interest in organometallic chemistry began in 1951 when G. Wilkinson 
et al. reported making an astonishing iron- hydrocarbon derivative called 
di-r-cyclopentadienyliron. Rather surprisingly two research groups 
working independently prepared the same compound about the same time. 


2CsHsMgBr + FeCl, > Fe(CsHs)2 + MgBr; + MgCl; 
g 


This ccınpound is now called ferrocene and has the formula (n-C;Hs)2Fe. 
It is stable in air, forms orange crystals, and is diamagnetic. Ferrocene is 
soluble in organic solvents (alcohol, ether and benzene), and insoluble in 
water, NaOH solution and concentrated HCl. It is thermally stable up to 
500°C. The X-ray structure shows that this has a sandwich structure in 
which the metal atom is sandwiched betweem two parallel planar cyclo- 
pentadienyl rings. This gave the clue that organic ligands could use their x 
system to bond to metals, and this opened up the study of compounds with 
metal—carbon bonds. 

For ferrocene the symmetry of the space group requires the two five- 
membered rings to have the staggered conformation. In contrast, in the 
corresponding Ru and Os compounds ruthenocene and osmocene the rings 
adopt the eclipsed conformation (Figure 24.9). The exact arrangement in 
ferrocene is not simple. The barrier to internal rotation of the rings is only 
about 4kJ mol ^ ', and electron diffraction (on the gas) suggests an eclipsed 
arrangement, It is possible that crystal packing forces result in the 
staggered arrangement. More recent X-ray and neutron diffraction studies 
on the sólid suggest the space group symmetry is met by a disordered 
arrangement of nearly eclipsed molecules with an angle of 9° between the 
rings rather than 0° for eclipsed and 36° for a staggered conformation. 

Since all five C atoms in the cyclopentadienyl ring are equidistant from 
Fe. the ring has a hapticity n of 5. i.e. 1°-CsHs. All the first row transition 
elements form similar compounds, but they are much less stable than 
ferrocene. 

The perpendicular distance between the rings is 3.25 A compared with 
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Figure 24.9 Ferrocene and ruthenocene. 


3.35 À in graphite. The C—C bond lengths are all equal (1.39 A + 0.06 A). 
This is exactly the same bond length as in benzene, and the bond orders are 
also similar to those in benzene. The cyclopentadienyl rings do not undergo 
reactions of dienes such as the Diels-Alder reaction or catalytic hydro- 
genation, but they do display aromatic character. Thus ferrocene under- 
goes Friedel-Crafts acylation. With an equimolar amount of acetyl 
chloride the following reaction occurs: 


(1-CsHs)2Fe + CH4COCI > (n°-CsH,- CO - CH;)(n°-CsH;)Fe + HCI 


With excess acetyl chloride, disubstitution occurs. (Other cyclopentadienyl 
compounds are decomposed.) This suggests that the ligand is really C5Hs . 


2C;H, + 2EGNH + FeCl, — Fe(C5H5); + 2EGNH;CI 
The general method for making cyclopentadienyl compounds is from 
cyclopentadiene in tetrahydrofuran solution: 
CH, + Na — Na* + CSHs + 1H; 
2CsH5 + FeCl, > (n>-CsHs).Fe + 2CI~ terrocene 
2CsHs + NiCl > (n°-CsHs)2Ni + 2CI^ nickelocene 


Another preparative method uses C5H5TI, which is stable, and insoluble in 
water: 


CH, + TIOH 9, c;HsTI + H,O 
2C5HsTI + Fech E (n*-C;H;);Fe + 2TICI 


Another convenient preparative method is to use a strong base to remove a 
proton from C5H6: 


2CsH, + FeCl, + 2EGNH — Fe(C;Hs), + 2EGNH;CI 


A large number of n°-CsHs complexes are now known. 

Other ring systems are now known to form similar sandwich complexes, 
including C&Hs, CsHs, C3Ph3, C4H4 and C;H;. Examples include [Cr(n°- 
C6H6)2] and [U(n*-C4Hg);]. ^ 

Some cyclopentadienyl compounds have two rings at an angie, rather 
than forming a sandwich. For Examples [G-C;H5);TiCL], [Tim -CsHs)2 
(CO);]. [Ti(n?-Cs H3); (NR5);], (Ti(n* -CsHs)2(SCN)2] and [V(n°-C;Hs)2 
Cl] have roughly tetrahedral structures, but the cyclopentadienyl mole- 
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Table 24.9 Some di-n-cyclopentadienyl sandwich compounds 


LÁL—— M Á—— ——— P iat 


(n°-CsHs)2V"] Vanadocene Dark violet solid, air sensitive 

(n°-CsHs)2Cr"] Chromocene scarlet crystals, m.p. 173°C; very air 
sensitive 

[(n°-CsHs)2Fe"] Ferrocene Orange crystals, m.p. 174°C; stable to 
2500*C 

(w-C.Hs),Co'']* ^ Cobalticenium Yellow salts, stable in water, stable to 
about 400*C 


(1)-CsHs).Ni"] Nickelocene Bright green solid, m.p. 173°C (dec); 
oxidizes in air to [(n"-CsHs)Ni]* 


— eee 


cules are pentahaptic, with five C atoms in each ring attached to Ti. 
Reduction of these compounds gives [Ti(CsHs)» : X] or [Ti(CsHs)2]2. Note 
that the latter compound is dimeric, and thus has a different structure to 
ferrocene. 

Ti(CsHs)q is unusual because two cyclopentadienyl rings are pentahaptic 
(x bonding) and two are monohaptic (c bonding), i.e. [Ti(n?-CsHs)2(n}- 
CsHs)2]. A similar arrangement is found in [Nb(1°-CsHs)2(n'-CsHs)2], 
[Nb(n?-CsHs)s(n'-CsHs);Cl;] and [Nb(n^-CsHs);(n'-CsHs);Cls]. 

Other compounds have only one ring, e.g. [Cr(3-CsHs)(CO)3] — 5 [Mn(n* 
C.H3(CO)J, ICr(])-CeH9(CO)J, [Mo(n?-C7H;)(CO)3]+ and [Fe(n*- 
C4H4(CO)y]. 

Ferrocene is sometimes regarded as a compound of Fe?* and two CsH5 
ions. The bonding in these aromatic sandwich-type structures is better 
considered as 7 bonding involving the lateral overlap of the d,, and dy, 
orbitals on Fe with the delocalized pm aromatic orbital from each cyclo- 
pentadienyl ring. The bonding is too complicated to be described in detail 
here. 

The sandwich compounds were discovered and studied independently by 
E.O. Fischer in Munich and G. Wilkinson at Imperial College, London. 
For this work they were jointly awarded the Nobel Prize for Chemistry in 


1973. 
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Group 9 — the cobalt group 


Table 25.1 Electronic structure and oxidation states 


Element Electronic structure Oxidation states* 
Cobalt Co [Ar] 34? 4s? (71) 0 (I) H 1H (IV) 
Rhodium Rh [Kr] 4d’ 5s! (-1)0 (1) H HI IV (VI) 
Iridium Ir [Xe] 4f" sa? (-1) 0 (D) (11) III. IV. (V) (VI) 


* The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normal type. Oxidation states that are unstable, or in doubt, are given in 
parentheses. 


The elements have odd atomic numbers and have low abundance in the 
earth's crust. Co occurs to the extent of 23 ppm by weight, whilst rhodium 
and iridium are extremely rare. 


| Table 25.2 Abundance of the elements in the 
earth’s crust, by weight 


———— 


ppm Relative abundance 
Co 30 29 
Rh 0.0001 "= 
Ir 0.001 74 


eee 


There are many ores which contain Co. The commercially important 
ones are cobaltite CoAsS, smaltite CoAs; and linnaeite Co3S,. These are 
always found together with Ni ores, often with Cu ores and sometimes with 
Pb ores. Co is obtained as a by-product from the extraction of the other 
metals. In 1992, world production of Co ores was 30100 tonnes of 
contained metal. The main producers were Zaire 2295, Canada 1796, 
Zambia and the Soviet Union 15% each, and Australia 9%. 

The ore is roasted to convert it to a mixture of oxides called *speisses'. 


As,O, and/or SO; come off as gases and are valuable by-products. The 
continued overleaf 
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oxides are treated with H)SO,, when Fe (which is often present as an 
impurity), Co and Ni dissolve and can be separated from Cu or Pb. Lime is 
added to the solution to precipitate Fe as the hydrous oxide Fe;O; - (H5O),.. 
Then NaOCl is added to precipitate Co(OH)3. The hydroxide is ignited to 
give Co3O, which is reduced by heating with H3 or charcoal to give Co 
metal. 

Co forms important high temperature alloys with steel, and about one 
third of the metal produced is used for this purpose. These alloys find 
important uses in gas turbine engines, and in high speed steel which is used 
to make cutting tools for lathes. High working speeds can be used as these 
tools retain their hardness and cutting edge even at red heat. Exceptionally 
hard alloys can be made which can be used instead of diamonds in rock 
drills, e.g. stellite (50% Co, 27% Cr, 12% W, 5% Fe and 2.5% C) and 
widia metal (tungsten carbide WC with 10% Co). 

A third of the Co produced is used to make pigments for the ceramic, 
glass and paint industries. Historically the oxide was used as a blue pigment 
in the ceramic industry. It is used to make blue glass. Nowadays it is mainly 
used to counteract the yellow colour of Fe and give a white colour. 

Co is ferromagnetic (i.e. it can be magnetized permanently) like Fe and 
Ni. One fifth of the Co produced is used to make magnetic alloys such as 
Alnico (containing Al, Ni and Co). These alloys make powerful permanent 
magnets which are 20-30 times more powerful than magnets of Fe. 

Small amounts of the Co salts of fatty acids from linseed oil and 
naphthenic acid are used as ‘driers’ to speed the drying of oil paints. 

Co is an essential constituent of fertile soil and is present in some 
enzymes and in vitamin B,>. 

The artificial isotope “Co is radioactive, and undergoes f decay (half 
life 5.2 years). At the same time it gives out intense high energy y 
radiation, which is used in hospitals for radiotherapy of cancerous 
tumours. Co is prepared by neutron irradiation of the only naturally 
occurring isotope ?"Co in a nuclear reactor. 


Co €Ni + _je v y 


Trace amounts of rhodium and iridium are found in the metallic state 
together with the platinum metals and the coinage metals in the NiS/CuS 
ores mined in South Africa, Canada (Sudbury, Ontario), and the Soviet 
Union (the river sand from the Ural mountains). World production of all 
six platinum group metals was only 281 tonnes in 1992. The largest 
sources were South Africa 54%, the Soviet Union 37%, and Canada 4%. 
Rh and Ir are obtained from the anode slime which accumulates in 
the electrolytic refining of Ni. This contains a mixture of the platinum 
metals together with Ag and Au. The elements Pd, Pt, Ag and Au are 
dissolved in aqua regia and the’ residue contains Ru, Os, Rh and Ir. 
After a complex separation Rh and Ir are obtained as powders. Their 
melting points are very high and powder forming techniques are used to 
fabricate metal components. (The powder is formed into the required 
shape, then sintered, i.e. heated in hydrogen until it congeals. It does not 
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melt.) These elements are both scarce and expensive, and have a limited 
number of specialist uses, 

All the platinum metals have specific catalytic properties. A Pt/Rh alloy 
was formerly used in the Ostwald process (for making HNO3) to oxidize 
NH, to NO. Rh is an important catalyst in the control of car exhaust 
emissions. Rh-phosphine complexes are used as catalysts for hydro- 
genation reactions. Ir (like Os in the previous group) is used to make very 
hard alloys which are used to make pivots for instruments. A Pt/Ir alloy 
is used to make the electrodes for long life sparking plugs. These are 
expensive but have important military uses, for example in helicopters. 
The USA used a lot of this alloy during the Vietnam war. 


OXIDATION STATES 


The trend for the elements in the second half of the d-block not to use all 
their outer electrons for bonding in the maximum oxidation state is 
continued. A possible report of Co(+V) has been disproved, and even 
Co(--1V) is unstable. The maximum oxidation state for Rh and Ir is (+ VI). 
For Co, the (--II) and (III) states are by far the most important. The 
trend in the later elements of the first row for the (+II) state to be more 
stable than (+HI) is also observed. Co?* ions and the hydrated ion 
[Co(H;O),J?* exist in many simple compounds and the hydrated ion is 
stable in water. In contrast simple compounds containing Co(+III) are 
oxidizing and are relatively unstable. However, Co(+III) is stable and is 
very important in complexes. 

The most stable states for the other elements are Rh(+III), Ir(-- III) and 
Ir(--IV). Simple ionic compounds of these elements are uncommon. The 
oxides and halides formed are shown in Table 25.3. 


GENERAL PROPERTIES 


Co resembles iron and is very tough. It is harder and has a higher tensile 
strength than steel. Co is bluish white and lustrous in appearance. Like 
iron it is ferromagnetic, but on heating above 1000°C it changes to a non- 
magnetic form. 

Co is relatively unreactive, and does not react with H;O, H2, or No, 
though it reacts with steam, forming CoO. It is oxidized when heated in air 
and burns at white heat to Co3O,. Co dissolves slowly in dilute acids, but 
like Fe it is rendered passive by concentrated HNO}. Co combines readily 
with the halogens, and at elevated temperatures with S, C, P, As, Sb and 
Sn. 

Rh and Ir are also hard metals. In common with the other platinum 
metals they are much more noble and unreactive. Ir has the highest density 
of any element, 22.61 gcm >. Rh and Ir are resistant to acids, but react 
with O; and the halogens at high temperatures (Table 25.5). All three 
elements form a large number of coordination compounds. 
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Table 25.3 Oxides and halides 


——————————— 
Oxidation states 


(411) (+111) (41V) (V) (XVI) Others 
CoO (Co,0;)" (CoO;)^ - ie Co30, 
RhO Rh;O; RhO; = T 

= 11,0, 1r0; a (IrO3) 

CoF; CoF; - - 3 

CoCl, - - = = 

CoBr; = - = H 

Col; - = x p 

a RhF, ' RhFy (RhF;) RhF, 

E RhCl, - - - 

fs RhBr; - - - 

z Rhl; - - - 

- IrF; IrF; (IrFs) IrF, 

(IrCl;?) IrCl; (IrCly) - - 

- IrBr; - E = 

- Iri; - - - 


The most stable oxidation states are.shown in bold, unstable ones in brackets. 
h = hydrous oxide. 


Table 25.4 Some physical properties 


Covalent Ionic radius (A) Melting Boiling Density — Pauling's 


Tadius dde Hi point point electro- 
2 3 ES n. 
(À) M M (°C) (C) (gcm™*) negativity 
Co 1.16 0.745" 0,61" 1495 3100 8.90 1.8 
0.65! 0,545! 
Rh 1.25 - 0.665 1960 3760 12.39 22 
Ir 1.26 = 0.68 2443 (4550) 22.61 2.2 


url du al I T DNE diis SD 
h = high spin value, |.= low spin radius. 


Table 25.5 Some reactions of Co, Rh and Ir 
— 2:7 MAT MS ORLUARINMT LOT NN RN NNNM 


Reagent Co Rh Ir 

O: Co30, Rh;O;at600*C — IrO; at 1000°C 
F; CoF, and CoF, RhF; at 600°C IrF, 

Ch CoCl; RhCl; at 400°C — IrCl, at 600°C 
HO No reaction No reaction No reaction 
Dilute HCl or HNO, [Co(H:O)]'* + H» — No reaction No reaction 
Conc. HNO, Passive No reaction No reaction 
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The oxidation states (—I) and (0) occur in a few compounds with x bonding 
ligands such as CO, PF3, NO and CN-. The (—I) state is found in the 
tetrahedral complexes [Co(CO);]", [Rh(CO),]~, [Co(CO);NO] and 
K[Ir(PF3)4]. The zero oxidation state occurs in Cox(CO)s, though there is 
some doubt about the corresponding Ru compounds (Figure 25.1). Other 
zero-valent compounds are K4[Co(CN),] and [Co(PMe;),]. 


\ f Q fl Or, 
9a. X ¢ d NX 6 d 
EE Nl 
ji A 
Jen. o—c. | Ye=o 
Cc d | As 
Ye gt AN Cc C, 
0 d i X% o^ c No. 


Figure 25.1 Two isomeric forms of Co;(CO);, both with metal-metal bonding. 


The carbonyls Co4(CO);;, Rhy(CO),2 and Ir;(CO);? all have M—M 
bonds and contain a cluster of four metal atoms. The CO groups may be 
either apical (terminal) or bridging. There are slight differences between 
compounds of the metals. The Co and Rh compounds have three bridging 
CO groups but the Ir compound has none (Figure 25.2). 


ol 
W o 
w d SS 6d 
yi 
\u Ne’ 
Nw 
Se | 2 SC A 
oO=¢M M-ca osc-Ir I—c=0 
xeu po ^ 
oe M— 4 o? AN cn 
IN So of | “So 
ui Y, Vi 
(a) (b) 


Figure 25.2 The structures of (a) Co((CO)i» and Rh4(CO);2 and (b) Ira(CO)12- 


The carbonyl ion from Nas[Cos(CO)i4] and the carbonyls Cog(CO) 6 
and Rh¢(CO);, have unusual structures, comprising an octahedral cluster 
of six metal atoms with a CO group bridging three metal atoms on each 
triangular face of the octahedron. The remaining CO groups are normal 
terminal groups. 
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(+1) STATE 


Co(+I) exists in many complexes with x bonded ligands. The (+I) state is 
better known for Co than for any other first row transition metal except 
Cu. Compounds are usually made by reducing CoCl, with Zn or N5H,, 
in the presence of the ligand. Their structures are typically a trigonal 
bipyramid or tetrahedral. 

The ion [Co^ '(CO);]" reacts with organic isonitriles R—NC, giving 
[Co (CNR);]* which has a trigonal bipyramid structure. A dinitrogen 
complex can be formed by direct uptake of N, gas at atmospheric pressure: 


Co(acac), + N; + 3Ph;P — [Co'(H)(N;)(PPh3);] 


The ligand (acac) is acetylacetonate. The complex [Co'(H)(N;)(PPh;),] 
also has a trigonal bipyramidal structure (Figure 25.3) which has a NN 
bond length of 1.11 A compared with 1.098 A in N3. Since the NN bond 
length is almost unchanged, this indicates that o bonding from N to Co is 
extremely weak. Thus the N—Co bond is mainly due to m bonding (back 
bonding) from Co to N similar to that in [Ru(NH3)sN2]**. (Dinitrogen 
complexes are discussed in Chapter 24 under ‘+II state — complexes’). 


j| 


PhP PPh, 


PPh 


H 
Figure 25.3 The structure of [Co! - H(N;)(PPh;),]. 


The reduced form of vitamin Bi; also appears to contain Co(-1). 

There is a fairly extensive chemistry of Rh(+I) and Ir(-I) complexes 
with bonding ligands such as CO, phosphines PR; and alkenes. These 
normally have either a square planar structure, for example trans-[Ir(Cl) 
(CO)(PPhs)2] (called Vaska’s compound) and [Rh(CI)(PPh),] (called 
Wilkinson’s catalyst), or a trigonal bipyramid structure as in [Rh(H)(CO) 
(PPhs)3]. The square planar (+1) compounds undergo an unusual type of 
reaction called oxidative addition. In this a neutral molecule is added to the 
(+I) complex to give a (+III) octahedral complex. 


[Ir (CI(CO)(PPh;);] + HCI > [I (CI) (CO)(PPh;),H] 


A similar reaction occurs with H3, H3S, CHI, and CI—HgcCIl. A different 
reaction occurs when other molecules such as O5, SO;, CS;, RNCS, 
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PPh, 


{> b edet 
j— "co 


PPh, 


Figure 25.4 [Ir" 'CI(CO)(Os)(PPh;);] complex. 


RNCO and RC=CR are added to the (+1) square planar compounds. 
(The added molecules all contain multiple bonds.) Here the added 
molecule acts as a bidentate ligand, thus forming a cyclic structure (Figure 
25.4) 

Vaska's compound is yellow, and it readily absorbs O and becomes 
orange coloured. The O may be removed by flushing with N2. This rever- 
sible oxygenation has been studied as a model for the oxygen carrying 
ability of haemoglobin (see Chapter 24). Oxidative addition reactions have 
been observed for complexes where the central metal has a d" or d'" 
configuration involving Rh!, Ir', Ni’, Pa", Pt", Pd! and Pt! There must be 
non-bonding d electrons available on the metal, and also two vacant 
coordination sites. 

Wilkinson's catalyst [Rh(CI)(PPh);] is red—violet in colour, and is made 
by refluxing RhCl; - 3H5O with triphenyl phosphine. It has a square planar 
structure. It is very effective for selective hydrogenation of organic 
molecules at room temperature and pressure. Alkene groups at the end ofa 
chain (alk-I-enes) are hydrogenated but double bonds elsewhere in the 
chain are not affected. It is of importance in thé pharmaceutical industry. 

Wilkinson's catalyst and various Co compounds such as the carbonyl 
hydride HCo'(CO); have been used as catalysts in the OXO process. In 
this process, CO and H; are added to an alkene. thus forming an aldehyde. 
A temperature of 150°C and 200 atmospheres pressure are required. The 
OXO process is of considerable industrial importance. as the aldehydes 
produced can be converted into alcohols. About 3 million tonnes of C«- C. 
alcohols are produced annually in this way. These are a mixture of straight 
chain and branched chain molecules depending on the position of the 
double bond in the hydrocarbon. The straight chain alcohols are used to 
make polyvinyl chloride and detergents. Efforts to improve the yield of the 
straight chain products involve the use of triphenylphosphine substituted 
carbonyls of Co. The complex trans-[Rh(CO)(H)(PPh;);] has also been 
used in the OXO process, and is an important catalyst in the hydrogenation 
of alkenes. It is active at 25°C and 1 atmosphere pressure, and for steric 
reasons it is specific to terminal alkenes rather than double bonds 


elsewhere in the chain. 
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RCH=CH, + HCo(CO), > RCH;CH;Co(CO); 
RCH;CH;Co(CO), + CO > RCH;CH;CO : Co(CO), 
RCH;CH;CO - Co(CO), + H > RCH;CH;CHO + HCo(CO), 


Acetic acid is also produced synthetically from methyl alcohol, and this 
reaction is catalysed by complexes such as [Rh(CD(CO)(PPh;);] Or 
[Rh(CI)(CO);], in the presence of CHsI, I; or HI as activator. 


CHOH + CO — CH;COOH 


(+I) STATE 


The (1I) state is the most important for simple compounds of Co (though 
the (+III) state is the most important in complexes). Rh(+II) and Ir(+11) 
are only of minor importance. 

A wide range of simple Co(--II) compounds are known including CoO, 
Co(OH);, CoS, and salts of the common acids such as CoCl,, CoBr;, 
CoSO,, Co(NO3);. and CoCO;. The hydrated salts are all pink or red and 
contain the hexahydrate ion [Co(H;O)«]^*. Most Co(+11) compounds 
except the carbonate are soluble in water. 

If NaOH is added to a solution containing Co?* then Co(OH), is first 
obtained as a blue precipitate which turns pale pink on standing. This is 
mainly basic, but it is weakly amphoteric as it dissolves in very strong 
NaOH, giving a blue coloured solution which contains [Co(OH),]^- 
Co(OH)» slowly. oxidizes in air to brown Co!''O - OH, 

CoO is olive green and is formed by heating Co(OH), or by heating 
many Co(+II) salts such as CoCO; in the absence of air. If CoO is melted 
with SiO» and K CO; a deep blue glass potassium cobalt(II) silicate is 
formed. Commercially this blue glass is ground up and the powder, which 
is called smalt, is used as a pigment to give a blue colour to glass, enamels 
and glazes. Smalt was known to the ancient Egyptians and the Romans. In 
the laboratory ‘cobalt glass’ is used to observe the flame test for potassium 
in the presence of sodium. The blue glass absorbs the intense yellow 
coloration from sodium, thus allowing the colour from potassium to be 
seen. 

CoCl, is used as a test for water, both as ‘cobalt chloride paper’ and as an 
indicator added to the drying agent ‘silica gel’. Hydrated CoCl, - 6H.O is 
pink coloured and contains octahedral [Co(H>O),|°* ions. If this is 
partially dehydrated by heating. then blue coloured tetrahedral ions 
[Co(H;O);* are formed. Addition of water produces the reverse change. 
Thus when the indicator in silica gel is blue the drying agent is effective. 
but when it is pink the drying agent needs changing. 

[Co(H;O),]?* = [Co(H3O);P* + 2H.O 
pink blue 
In a similar way the octahedral aqua ion reacts with excess Cl” to give the 
blue coloured tetrahedral ion [CoCl;]^- 
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[Co(H;O)q?* + 4CI- > [Co(CD4"- + 6H;0 
pink lue 

Co(+II) has a d" configuration. [Co(H20)s]** and most Co(+II) com- 
plexes are low-spin octahedral. Tetrahedral complexes are also common 
and have more intense colours than octahedral complexes. This is because 
a teirahedron lacks a centre of symmetry and thus easily overcomes the 
Laporte selection rule (that A/ — 1), whereas the octahedral complexes 
have to rely on asymmetric vibrations of ligands to destroy the centre 
of symmetry. The magnetic moments of both octahedral and tetrahedral 
complexes are higher than predicted using the spin only formula which 
would give u = 3.87 BM. In the octahedral case this is because there is an 
orbital contribution since with a (t,)° (ez) arrangement it is possible to 
transform one t orbital into another. In tetrahedral complexes the 
electronic arrangement is (e,)* (tog) so transformation of the t» orbitals is 
not possible and the orbital contribution is zero. However, in this case 
spin orbit coupling occurs. This accounts for the higher than expected 
value of p (see ‘Measurement of magnetic moments’, Chapter 18). 

Cobalt(II) acetate Co(CH3COO); : 4H20 is formed by dissolving CoCO; 
in acetic acid. It forms red crystals which are very soluble, and is used as a 
drying agent for varnish and lacquers. 

Anhydrous Co salts cannot be made by heating the hydrated salts, 

because they decompose to the oxide. Thus dry preparative methods are 
used. Anhydrous CoF; is pink and is obtained from the reaction of HF with 
CoCl;. Anhydrous CoCl, (blue) and CoBr; (green) are made by heating 
the elements. Anhydrous Col, is blue-black and is made by heating the 
metal with HI. They all have solid structures in which Co?* is octahedrally 
coordinated. 
Co(--1I) forms a number of complexes, but these are less stable than 
those of Co(-III). Co(4-II) complexes may be tetrahedral or octahedral. 
Since there is only a small difference in stability between them the two 
forms sometimes exist in equilibrium, The large monodentate ligands CIRS 
Br^. I, OH” and SCN~ commonly form tetrahedral complexes. Co( +I) 
forms more tetrahedral complexes than any other transition metal ion. 
his is associated with the fairly small loss of crystal field stabilization 
energy of 0.27A, with a d ion in a weak-ligand field (see Table 7.15). 

The blue coloured complex Hg|Co(NCS),] is unusual. The Co?* is tetra- 
hedrally coordinated by N atoms, and Hg?* is tetrahedrally coordinated 
by S atoms, giving a polymeric solid. This compound is often used to 
calibrate a magnetic balance when measuring magnetic moments. 

Most Co( +11) complexes are high spin, but the CN” ligand produces 
low-spin complexes. If a solution of a Co”? salt is treated with excess CN ^ 
a green coloured complex [Co(CN);]- is formed. This can be isolated as 
the barium salt. It is a good catalyst for the hydrogenation of alkenes. The 
complex is paramagnetic with one unpaired electron, and its shape is a 
square pyramid. It may dimerize to give purple [Co2(CN),y]°~ , which is 
diamagnetic and has the structure (CN);Co—Co(CN)s similar to the 
carbonyl Mn3(CO)j,p. It is interesting that [Co' (CN);]^- is formed instead 
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of an octahedral complex [Co (CN);]*-. A low-spin octahedral complex 
would have the configuration (tag)? (e,)', and as the e, level is not sym- 
metrically filled it would suffer from Jahn-Teller distortion. The CN ^ 
ligand is a strong n acceptor, i.e. it accepts electrons from the metal in 
back bonding. Back bonding increases the crystal field splitting A, which 
makes the e, orbitals very high in energy and thus strongly ‘antibonding’. If 
an octahedral complex was formed, these high energy e, orbitals must 
contain one electron. This makes the octahedral complex too unstable. to 
exist. (In marked contrast Co(+III) has the configuration (15,)* (e,)' and 
the octahedral complex [Co''(CN),]*~ is extremely stable). 

The [Co"(CN);]*~ complex is oxidized by air to give a brown coloured 
peroxo complex K,[(CN);Co!!'—O—O—Co!"'(CN)s] which is discussed 
under (+II1) complexes. 

Less commonly Co(+II) forms square planar complexes with bidentate 
ligands such as dimethylglyoxime, and with tetradentate ligands such as 
porphyrins. Magnetic measurements can be used to distinguish between 
tetrahedral and square planar arrangements. Tetrahedral complexes have 
three unpaired electrons and square planar only one. 

Co?* ions are very stable and are difficult to oxidize. Co^* ions are less 
stable and are reduced by water. In contrast, many Co(--1I) complexes are 
readily oxidized to Co(-- III) complexes, and Co(+III) complexes are very 
stable. 


[Co (NH) £* ERU [Co (NH), * 
This happens because the crystal field stabilization energy of Co(+III) with 
à d^ configuration is higher than for Co(+II) with a d” arrangement 
(Figure 25.5). 

Certain porphyrin complexes of Co(+II) are structurally similar to 
haemoglobin (Figure 25.6). 


Co3* 


Hift 


Figure 25.5 Electronic arrangements for d^ and d" ions in a strong octahedral field. 
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Figure 25.6 Vitamin Bj;. The corrin ring is shown in heavy type. 


The complex (Figure 25.7) is a Schiff's base and is capable of reversible 
oxygenation and deoxygenation in pyridine solution at room temperature. 
Though Co complexes are not involved in oxygen metabolism in the body, 
they serve as useful models for metal-oxygen binding in biological 


systems. 
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Figure 25.7 A complex of Co(+II) with both N and O donors. 


Ferrocene-like complexes are formed by Co and Rh. Cobaltocene 
[Co!!(25-C4H;)j] is formed by reacting sodium cyclopentadienide NaC&H; 
with anhydrous CoCl in tetrahydrofuran. It is dark purple, and is air sensi- 
tive, It is easily oxidized (i.e. loses an electron) to form the very stable yellow 
coloured ion [Co!!!(n5-CsHs)a] *- The latter is not oxidized even by con- 


centrated HNO; , but like ferrocene the rings are attacked by nucleophilic 
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reagents. Rhodocene [Rh''(n?-C5H;);] is rather less stable, and tends to 
dimerize. 

Rhodium and iridium form few (+11) compounds. The existence of RhO 
is uncertain, and IrCl, exists as a polymer. There appear to be no 
complexes comparable with those of Co( +1). However, if RhCl; - 3H20 is 
warmed with a solution of sodium acetate in methanol, a dimeric diacetate 
is formed HOH;C- Rh: (R:COO),: Rh- CH3OH. The four carboxylate 
groups bridge the two Rh atoms, giving a structure like that for 
chromium(II) acetate (Figure 22.2). This has a M—M bond length of 
2.39A which is interpreted as a quadruple M—M bond. Some complexes 
with phosphine ligands are known. 


(+III) STATE 


This is the most common oxidation state for all three metals, particularly in 
complexes. Co(+III) occurs in only a few simple compounds such as 
Co2(S04)3 - 18H20, NH4Co(SO,); - 12H20 and KCo(SO,); : 12H5O. These 
are blue coloured and contain the hexaaqua ion [Co(H,O),]**. They are 
all strongly oxidizing. CoO; is not known in the pure state, only as a 
hydrated oxide which oxidizes water. CoF; is a light brown solid, which 
is made from CoF; and F;. CoF; is rapidly hydrolysed by water. It is 
commonly used as a strong fluorinating agent, as it is easier to handle and is 
less reactive than F}. Anhydrous Co! (NO3); may be prepared from CoF; 
in a non-aqueous solvent such as N20, or N30; at low temperatures. It has 
an unusual structure with Co at the centre of an octahedron of O atoms 
from three bidentate NO; groups. The chemistry of Co(+III) is largely 
that of its coordination compounds. 

The oxide Co4O, is black and is formed by heating the metal in air at 
500°C. It has a spinel structure like Fe4O,. These are better written 
Fe"Fe!!5O, and Co!!Co!"',0,. In this structure the O atoms are approxi- 
mately close packed. The larger low-spin Co(--III) ions occupy half of the 
octahedral holes and the smaller high-spin Co(--1I) are in one eighth of the 
tetrahedral holes. 

Co(+III) complexes are produced easily, in contrast to the difficulty in 
preparing compounds with simple Co?* ions. Co(-*III) forms more 
complexes than any other element. 

Some common complexes are listed below with their colours. It can be 
seen that the cobalt can form cation, anion and neutral complexes. 


[Co(NH3) ^ * yellow 
[Co(NH3);-H,0}** pink 
[Co(NH3).CIP* purple 
[Co(NH3),CO3]* purple 
[Co(NH3)3(NO>)3] yellow 
[Co(CN)g- violet 
[Co(NO;),?- orange 


(HII) STATE 


ms 


Practically all complexes of Co(+III) have six ligands in an octahedral 
arrangement. The metal has a d? configuration, and most of the ligands are 
strong enough to cause spin pairing, giving the electronic arrangement 
(tog)° (eg. This arrangement has a very large crystal field stabilization 
energy. Such complexes are diamagnetic. The one exception is [CoF¢]*~ 
which is a high-spin complex, and is paramagnetic. Complexes with nitrogen 
donor ligands (ammonia and amines) are the most common. 

These complexes may be prepared by oxidation of a solution containing 
Co** with air or H203 in the presence of appropriate ligands and a catalyst 
such as activated charcoal. It is also possible to substitute ligands in an 
existing complex. The complexes are very stable, and ligand exchange 
(substitution) reactions occur only slowly. This is the reason why 
complexes of Co(+III) have been so extensively studied since the 1890s 
by Werner and others. Much of our knowledge on the stereochemistry, 
isomerism and general properties of octahedral complexes has come from 
these studies. 

Co** has an affinity for N donors such as NH3, ethylenediamine, 
amines, EDTA and the nitrite ion NOz. The salt sodium cobaltinitrite 
Nas[Co(NO;);] is an orange coloured solid. It is used in both qualitative 
and quantitative analysis to precipitate K* as Ki[Co(NO;);]. The complex 
[Co(CN),}*~ is extremely stable and is not decomposed even by alkalis. 
The CN- ligands are very firmly bonded by zx back bonding, and the cry- 
stal field stabilization energy is very high. The complex is claimed to be 
non-toxic. 

An aqueous solution containing [Co'(CN)s]*~ and KCN can be oxidized 
by air to give a brown coloured complex K4(CN).Co'!! —0—0O— Co!" 
(CN)s]. The peroxo bond length O—O is 1.45 A compared with 1.48 À in 
H5O». This complex can be oxidized by air, or better by Br», to give a red 
complex Ks[(CN)sCo—O—O —Co(CN ).]. Whilst this might contain Co!!! 
and Co'V, the X-ray structure shows that the O—O bond length is very 
much shorter than before at 1.26 A. The reason for this shortening is that 
an antibonding electron has been removed from the O—O?- ion and this 
has now become a superoxide linkage with a bond order of 1.5 (see 
Chapter 4). If solutions of the peroxo or superoxo complexes are boiled, 
yellow coloured K3[Co(CN);] is formed. 

Several different isomers are found in complexes with the bidentate 
ligands such as ethylenediamine (en), acetylacetone or oxalate ions: 


4Co2* + 12en + 4H* + Oz — 4[Co!(en);]}** + 2H;O 


The complex potassium tris(ethylenediamine cobalt(II!) contains the 
[Co!' (en);]?* ion which is optically active and exists in d and 1 forms (see 
Chapter 7 under ‘Isomerism’). A similar preparation. in the presence 
of HCI gives the dark green salt trans-[Co" (en); (Cl)] * which on care- 
ful evaporation of a neutral solution gives the purple cis isomer. Both 
isomers undergo substitution reactions on heating with water, giving first 
[Co(en),(Cl)(H2O)]?* then [Co(en)((H502)]*. Similar substitution re- 
actions occur with other ligands such as NCS”, giving [Co(en)((NCS);]*. 
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Complexes with O donors are generally less stable, but those with 
chelating ligands such as [Co(acetylacetone);] and [Co(oxalate);] are 
stable, and are optically active. 

Halogen complexes ‘are rare and [CoFę} is the only hexahalide 
complex known. This is blue, as is [CoF;(H2O);], and both are unusual 
because they are high spin, and hence are paramagnetic with a magnetic 
moment of about 5.8 Bohr magnetons. 

Vitamin Bz is an important Co complex. The vitamin was isolated from 
liver after it was found that eating large quantities of raw liver was an 
effective treatment for pernicious anaemia. Injections of vitamin B; are 
now used for treatment (more pleasant than eating raw liver!). Vitamin B,, 
is a coenzyme, and serves as a prosthetic group which is tightly bound to 
several enzymes in the body, but the precise role of vitamin B,» is not fully 
understood. Dorothy Crowfoot Hodgkin was awarded the Nobel Prize for 
Chemistry in 1964 for X-ray crystallographic work including solving the 
structure of this enzyme. The complex contains a Co(+III) ion at the 
centre of a corrin ring system (Figure 25.6). This is similar to the arrange- 
ment of Fe(+I]) in a porphyrin ring in haemoglobin except that the corrin 
ring is less conjugated and rings A and D are joined directly. The Co atom 
is bonded to four ring N atoms. The fifth position is occupied by another N 
from a side chain (a-5,6-dimethylbenzimadazole) and this is also attached 
to the corrin ring. The sixth group which makes up the octahedron is the 
active site, and is occupied by a CN^ group in cyanocobalamin. The CN 
is introduced in isolating the coenzyme, and is not present in the active 
form in living tissue. This position is occupied by OH- in hydroxoco- 
balamin, by water or by an organic group such as CH, (methylcobalamin). 
or adenosine. This shows that a metal to carbon o bond can be formed. 
The cobalamins can be reduced from Co"! to Co"! and Co! in neutral or 
alkaline solutions both in the laboratory and in vivo (in the living body) 
The Co! complex is strongly reducing. Its structure is five-coordinate, i.e. 
the site usually occupied by CN~ or OH" is vacant. 

Methylcobalamin is important in the metabolism of certain bacteria 
which produce methane. These bacteria can also transfer a methyl group 
CH; to a few metals such as Pt!', Au! and Hg. The latter poses a con- 
siderable ecological problem as the bacteria can transform elemental Hg or 
inorganic Hg salts into highly toxic methyl mercury CH,;Hg* or dimethyl 
mercury (CH:):Hg at the bottom of lakes. 

Cobalt is also biologically important in some enzymes. Glutamic mutase 
is involved in the metabolism of amino acids and ribonucleotide reductase 
in the biosynthesis of DNA. Traces of cobalt are essential in the diet of 
animals. Some sheep raised in Australia. New Zealand. Florida 'and 
Britain suffered from a deficiency disease which was traced to them grazing 
on cobalt deficient soil. This can be remedied either by treating the soil 
periodically. or by forcing the animals to swallow a pellet of cobalt. This 
pellet remains in the rumen. and slowly releases cobalt into the gut. 
(Sometimes the animals are made to swallow a metal Screw as well. This 
too remains in the rumen and its purpose is to Scrape any coating off the 
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cobalt pellet. The pellet is recovered and reused when the animals are 
slaughtered.) Larger amounts of cobalt appear to be harmful. Traces of 
cobalt (1-1.5 ppm) are added to beer to make it froth better. This has been 
linked with an increased rate of heart failure among heavy beer drinkers 
who have a dietary deficiency of protein or thiamine. 

„All the (+III) halides RhX; and IrX; are known. RhF; is prepared by 
fluorinating RhCls, IrF3 by reducing IrF, with Ir, and the others by direct 
reaction. They are all insoluble in water, unreactive and probably have 
layer lattices. The oxide Rh20; is obtained by burning the metal in air. 
Ir;Os is only obtained with difficulty as the hydrated oxide, by.adding 
alkali to Ir"! solutions under an inert atmosphere, as it oxidizes easily 
to Ir'"O;. In contrast to the oxidizing properties of [Co'(H2O),]}°**, 
[Rh'"'(H,0).]** exists as a stable yellow coloured ion. 

A considerable number of Rh(+III) and Ir(+II1) complexes are known. 
Like the complexes of Co(+II) they are typically octahedral, stable, low 
spin and diamagnetic, e.g. [RhCl6] =, [Rh(H20)sP*, and [Rb(NH3)g^*. 
The chloride complexes are made by heating finely divided Rh or Ir with a 
Group 1 metal chloride and chlorine. 


2Rh + 6NaCl + 3Cl; > 2Na;[RhCl6] 


The complex Na3[RhCl.] - 12H20 is red coloured and is the best known 
compound of rhodium. On boiling with water it gives [Rh(H;O)4f^*, and 
with NaOH it gives Rh;O;- H20. The yellow coloured hydrated ion is 
converted back to the chloro complex with HCI. If Rh;O;- H5O is treated 
with a limited amount of HCI then [RhCl; : 3H;0] is formed, but with 
excess acid [RhCls^- is formed instead. [RhCk - 3H50] is octahedral, and 
should exist as two different isomeric forms fac and mer (see Figure 7.3). 

A small number of complexes are known which are not octahedral, e.g. 
[RhBr;P- and [RhBr,]*~. Metal-metal bonds are found in a few 
complexes: 


[(R3As)Rh''(HgCD]*CI- contains Rh-Hg bond 
[Ir2Cl6(SnCl3)4]*7 contains Ir—Sn bonds 


Rh(-III) and Ir(+III) form basic acetates [Rh;O(CH5COO)4L;] * 
which have unusual structures. The Rh atoms form a triangle with an O 
atom at the centre. The six acetate groups act as bridges between the Rh 
atoms — two acetate groups across each edge of the triangle. Thus each Rh 
atom is linked to four acetate groups and the central O, and the sixth 
position of the octahedron is occupied by water or another ligand. The 
magnetic moment is reduced due to partial pairing of d electrons on the 
three metal atoms by means of dr-pr bonding through O. This type of 
carboxylate complex is also formed by the trivalent ions of Cr, Mn, Fe, Ru, 
Rh and Ir. 

Several hydride complexes are also known: [Rh(R;P),: H : C?* and 
[Ir(R3P)4- H- Cb, [Ir(R3P)s  H2CIJ"*. and [Ir(R3P)3Hs]°*. Reduction 
of Rh(+III) and Ir(+II1) complexes gives the metal, whereas reduction of 
Co(-1II) gives Co(-II). 


Figure 25.8 Structure of 
[Rh;O(CH3COO)«(H20)j]* 
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(+IV) STATE 


This is the highest oxidation state normally obtained for cobalt. Oxidation 
of alkaline Co?* solutions gives an ill-defined product thought to be 
hydrated CoO;, and a.complex Ba;Co'YO, has been reported. 

If the activated charcoal catalyst is omitted from the preparation of 
[Co(NH3)6]°* by the air oxidation of Co**, then a brown compound 
containing [(NH;);Co!!'—O—O—Co'"!(NH,);]** can be isolated. This 
is stable in concentrated NH4OH solution, or as the solid, but can be 
oxidized by strong oxidizing agents such as persulphate (S20) to give a 
green peroxo complex which formally contains Co(-- IV). 

[(NH;)«Co' —0—0— Co! (NH), ]** 227, 
[(NH3)sCo!"'—O—O—Co!¥(NH3)s}"* 


The magnetic moment of the green complex is about 1.7 Bohr magnetons. 
This is in agreement with the presence of Co(+III) (d^ low spin. dia- 
magnetic) and Co(+IV) (d? low spin, one unpaired electron). However, 
electron spin resonance indicates that both Co atoms are identical. Thus an 
electron must be able to move across the peroxo bridge and spend an equal 
amount of time on both metal atoms. 

Several other binuclear complexes are known which use —O—O— , 
OH-, NH; or NH? as bridging groups: 


[(NH3)s;Co—NH,—Co(NH3)s]°* (blue) 
NH; 


[(NH;),Co Co(NH3)4]* (brown) 


O; 


OH 
[(NH3)sCo Co(NH3),]** (red) 
RU 


OH 


Ir(+IV) is one of the most stable states, but Rh(+IV) is unstable and 
forms few compounds. Both metals form tetrafluorides. RhF, can be made 
from RhCl, and BrF3. IrCl, is not very stable. IrO; is formed by burning 
the metal in air, but RhO» is only formed by strongly oxidizing Rh(-- TII) in 
alkaline solution, for example with sodium bismuthate. Rhodium forms 
only a few complexes, e.g. Kj[RhF] and K,[RhCl,]. but these react with 
water, liberating O, and eventually forming RhO;. Iridium forms a variety 
of halide and aqua complexes [IrCl,]?~, [IrCl(H50)4]*, [IrCl,(H2O)>] 
and [IrCl;- H,O]~. The oxalate complex [Ir(oxalate),]"" can be resolved 
into d and / optical isomers. 
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(+V) AND (-- VI) STATES 


Co(- V) compounds do not exist under normal conditions. Rh(4- V) and 
Ir(-- V) exist as pentafluorides (RhF;), and (IrFs)4. These are very reactive 
andare readily hydrolysed. They have a tetrameric structure with M—F—M 
bridges similar to Nb, Ta, Mo, Ru and Os (Figure 21.1). The only com- 
plexes known are Cs[RhF,] and Cs[IrF,]. 

Rh(-- VI) and Ir(4- VI) occur only in RhF, and IrF,, which are made by 
direct reaction. Neither is stable, though the heavier IrF, is more stable 
than RhF,. 
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Group 10 — the nickel group 


Table 26.1 Electronic structures and oxidation states 


Element Electronic structure Oxidation states* 

Nickel Ni [Ar] 3d® 4s? -10(1) M(H) (IV) 
Palladium Pd [Kr] 44? 0 (D? Il IV 

Platinum Pt [Xe] 4/'* 5a? 6s! 0(D u (m1)? IV (V) (VD 


* The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normal type. Oxidation states that are unstable, or in doubt, are given in 
parentheses. 


INTRODUCTION 


Nickel is moderately abundant and is produced in large quantities. It is 
used in large quantities in a wide variety of alloys, both ferrous and non- 
ferrous. It is predominantly divalent and ionic in simple compounds, and 
exists as Ni(--II) in the most of its complexes. These are commonly square 
planar or octahedral. Palladium and platinum are both rare and expensive. 
They are noble and not very reactive, but are slightly more reactive than 
the other platinum group metals. They are both used as catalysts. The 
most common oxidation states are Pd(--II) and Pt(--II) and Pt(--IV). 
These are not ionic. 


OCCURRENCE, EXTRACTION AND USES 
Nickel 


Nickel is the twenty-second most abundant element by weight in the 
earth's crust. Commercially important Ni ores include sulphides, which 
are usually mixed with Fe or Cu sulphides, and alluvial deposits of sili- 
cates and oxides/hydroxides. Pentlandite (Fe,Ni)S, is the most impor- 
tant ore. It always has a Fe: Ni ratio of 1:1. It usually occurs with a form 
of FeS called pyrrhotite — both are bronze coloured, and are found in the 
USSR, Canada, and South Africa. Several other sulphide and arsenide 
ores such as millerite NiS, niccolite NiAs and nickel glance NiAsS were 
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once important, but are now little used. Important alluvial deposits in- 
clude garnierite, a magnesium-nickel silicate of variable composition 
(Mg,Ni)¢Si4019(OH)g, and nickeliferous limonite (Fe,Ni)O(OH)(H20)ņ. 
Mine production of ore contained 850000 tonnes of Ni in 1992. The main 
sources of ore were Canada 23%, the Soviet Union 21%, and New 
Caledonia 1296. ! 

The extraction of Ni is complicated by the presence of other metals. 
Sulphide ores now provide most of the nickel produced. The ore is con- 
centrated by flotation and magnetically, then heated with SiO;. FeS 
decomposes to FeO, which reacts with SiO, to form slag FeSiO3, which 


Table 26.2 Abundance of the elements in 
the earth's crust, by weight 


ppm Relative abundance 
Ni 99 22 
Pd 0.015 69 
Pt 0.01 70 


is easily removed. The remaining sulphide matte is cooled slowly giving 
an upper silvery layer of CuS and a lower black layer of Nij5; which can 
be separated mechanically. (A small amount of metallic Cu/Ni alloy is 
also formed. This dissolves any of the platinum group metals present, and 
is used as a source of these rare and expensive elements.) The Ni2S; is 
then roasted with air and converted to NiO."This may be used directly in 
steel making. Alternatively NiO may be reduced to the metal by carbon in 
a smelter. The metal is cast into electrodes which are purified by electro- 
lysis in an aqueous solution of NiSO,. 

The Mond process provides an alternative method for producing high 
purity Ni. This process was patented by L. Mond and was used in South 
Wales from 1899 until about 1970. NiO and water gas (Hz and CO) were 
warmed under atmospheric pressure to 50°C. The H reduced NiO to Ni, 
which in turn reacted with CO, forming volatile nickel carbonyl Ni(CO),. 
(This is highly toxic and flammable.) Any impurities remained solid. The 
gas was heated to 230°C, when it decomposed to give pure metal and the 
CO was recycled. A new plant in Canada now uses CO and impure metal, 
but runs at 150°C and 20 atmospheres pressure to form Ni(CO)4. 

Ni + 4CO ze Ni(CO), 2$ Ni + 4CO (Mond process) 

Nickel silicate ores such as garnierite are mixed with gypsum (CaSO,) 
and smelted with coke. The silicates form CaSiO; slag, and the Ni forms 
a sulphide matte which is treated as above. 

Most of the Ni produced is used to make ferrous and non-ferrous alloys. 
Ni improves both the strength of steel and its resistance to chemical attack. 
In 1991, 569000 tonnes of ferronickel were produced. Stainless steel may 
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contain 12-15% Ni and steel for cutlery contains 20% Cr and 10% Ni. 
Very strong permanent magnets are made from ‘Alnico’ steel. Monel 
metal is very resistant to corrosion and is used in apparatus to handle F; 
and other corrosive fluorides. It contains 68% Ni, 32% Cu and traces of Fe 
and Mn. Several non-ferrous alloys are important. The Nimonic series of 
alloys (75% Ni with Cr, Co, Al and Ti) are used in gas turbine and jet 
engines where they are subjected to high stresses and high temperatures. 
Others such as Hastelloy C are used for their corrosion resistance. Nich- 
rome contains 60% Ni and 40% Cr and is used to make the wire which 
gets red hot in electric radiators. Cupro-nickel (80% Cu and 20% Ni) is 
used to make ‘silver’ coins. The so called *nickel-silver' contains roughly 
60% Cu, 20% Ni and 20% Zn. This is used to make imitation silver articles 
and can be electroplated on other metals to give EPNS (electroplated 
nickel-silver). The name nickel- silver is confusing as it contains no silver. 
Often steel is electroplated with Ni before electroplating with Cr. Some Ni 
is used in Ni/Fe storage batteries, which have the advantage that they can 
be charged at very fast rates without damaging the battery plates. Small 
amounts of very finely divided Ni (Raney Ni) are used for many reduction 
processes. Examples include the manufacture of hexamethylenediamine, 
the production of H3 from NH3, and the reduction of anthraquinone to 
anthraquinol in the production of H;O; 


Palladium and platinum 


Pd and Pt are rare elements, but they are appreciably more abundant than 
the other platinum group metals (Ru, Os, Rh and Ir). World production of 
all six platinum group metals was only 281 tonnes in 1992. Nearly 100 
tonnes of this was Pt. Even though Pd is slightly more abundant than 
Pt, production of Pt is greater than that of Pd. The largest sources 
were South Africa 54%, the Soviet Union 37% and Canada 4%. South 
African sources yield more Pt than Pd, but Soviet sources yield more Pd 
than Pt. 

The platinum group metals occur as traces in the sulphide ores of Cu 
and Ni. They are obtained as concentrates as anode sludge from elec- | 
trolytic processes for the major metals. The platinum group metals are | 
also obtained from the Cu/Ni alloy produced in the separation of the 
sulphide matte of Cu;S and Ni,S; in the process outlined for Ni above. 
Separation of the platinum metals is complex, but in the last stages 
(NH,)2[PtCl,] and [Pd(NH;);Cl,] are ignited to give the respective 
metals. The metals are obtained as powders or sponges, and are fabri- 
cated into solid objects by sintering. 

Roughly one third of the Pt produced is used in jewellery, one third in 
cars and one third for investment and for industrial uses. Pt has been used 
in jewellery since several centuries BC. The earliest users were the ancient 
Egyptians and the Indians of Peru and Ecuador. Nowadays it is often used 
to make the mountings for diamonds in rings and other jewellery. It 
resembles silver and has been called ‘white gold’. Rather confusingly this 
name is now used for a Pd/Au alloy. 
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A new and increasing use of Pt is in ‘three-way catalytic convertors’. 
These convertors are fitted to many new cars to reduce pollution from the 
exhaust gases. It is essential that lead-free petrol is used in the car. The 
main component of the convertor is a ceramic honeycomb which is coated 
with Pt, Pd and Rh. The exhaust gases from the engine exhaust pass 
through the honeycomb at about 300°C. The precious metals convert 
unburnt fuel, CO and oxides of nitrogen into harmless CO; and N;. 
(Leaded petrol must not be used as Pb poisons the catalyst.) 

Both Pd and Pt find extensive chemical uses as catalysts. PdCl; is used 
in the Wacker process for converting C;H4 to CH4CHO. Pd is used for 
hydrogenations such as phenol to cyclohexanone, and also for dehydro- 
genations. Pt is very important as a catalyst in the oil industry in the 
reforming of hydrocarbons. Pt/PtO is used as Adam's catalyst for reduc- 
tions. At one time Pt was used in the Contact process in the manufacture 
of H5SO, (to convert SO; to S03); V205 is now used as catalyst instead 
of Pt as it is cheaper and less susceptible to poisoning. A Pt/Rh alloy was 
formerly used to oxidize NH; to NO in the Ostwald process for making 
HNO;. 

In the laboratory Pt crucibles are sometimes used and Pt is also used to 
make apparatus to handle HF. Pt is also used to seal into soda glass to 
allow electrical connections to pass through the glass. This is important in 
making electrodes, thermionic valves etc. Soda glass and Pt have almost 
the same coefficient of expansion, so the glass does not crack on cooling. 


OXIDATION STATES 


Ni shows a range of oxidation states from (—I) to (IV), but its chemistry 
is predominantly that of the (+I) state. [Ni(H;O)s]^* ions are green 
coloured and are stable both in solution and in many simple co,.,pounds. 
Ni(+II) also forms many complexes, which are mainly square planar or 
octahedral. The higher oxidation states of all three metals are unstable. 
Pd(-1I) is the most important state, and occurs as the hydrated ion 
[Pd(H;O),]?* and in complexes. Pt does not form an aqua ion. Both 
Pt(--II) and Pt(+IV) are important, but these are not ionic. The (+I) 
complexes are square planar and (4- VI) complexes are octahedral. 
Zero-valent states occur for all three elements with x bonding ligands 
such as CO. The maximum oxidation state of (4 VI) is only attained in 
PtF,, and Pt(-- V) occurs in [PtFa] . The highest oxidation state attained 
by Ni and Pd is (*IV) in NiF, and PdF,. The so-called PdF, does not 
contain Pd!!! but is really Pd?* [Pd VF5]^- The oxides and halides formed 


are shown in Table 26.3. 


GENERAL PROPERTIES 
Ni is a silvery white metal, and Pd and Pt are both grey- white. All three 
elements are unreactive in the massive state. They do not tarnish or react 


with air or water at normal temperatures. í f 
Ni is often electroplated on to other metals to provide a protective 
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Table 26.3 Oxides and halides 


Oxidation states 


(+11) (+01) (+IV) (+V) (+VI) Other 
NiO (Ni;O;)^ NiO," i E 15 

PdO - (PdO;) $ Ay 

(Pt) (Pt,03)” PtO; E (PtOs)" PRO; 
NiF; - - "Tr Hc 

NiCl, E p 3 » 

NiBr; - = 2 i 

Nil; - E a za 

PdF, Pd[PdF6}] PdF, e ^ 

PdCl; - Si z f 

PdBr; - - * T 

Pdl; E S E - 

- - PIF, (PtF;), PIF, 

PtCl; PtCl;? PtCl, - - 

PtBr; PtBr3? PtBr,; - - 

Pth Pth? Ptl, i; N 


The most stable oxidation states are shown in bold, unstable ones in brackets. 
h = hydrous oxide. 


Table 26.4 Some physical properties 
AE EE Ee Es PHP PO 


Covalent Ionic radius (Å) Melting Boiling Density Pauling’s 


maneia rory i pant point f electro- 
(Å) Mt M?* (°C) (C) | (gcm^?) negativity 
Ni 1.15 0.69 0.60^ 1455 2920 8.91 1.8 
0.56! 
Pd 1.28 0.86 0.76 1552 2940 11.99 2.2 
Pt 1.29 0.80 - 1769 4170 21.41 2-2: 


h = high spin value, | = low spin radius. 


coating. However, Ni does tarnish when heated in air. Raney Ni is a very 
finely divided form of Ni used as a catalyst. It is readily oxidized by air 
and is pyrophoric. Red hot Ni reacts with steam. 

Ni dissolves readily in dilute acids, giving hydrated [Ni(H;O)&]?* ions 
and H;. Like Fe and Co it is rendered passive by concentrated HNO; 
and aqua regia. Pd and Pt are more noble (less reactive) than Ni, but are 
more reactive than the other elements in the platinum group. Pd dissolves 
slowly in concentrated HCI in the presence of O; or CL, and fairly readily 
in concentrated HNO;, giving [Pd'Y(NO3)2(OH),]. Pt is the most re- 
sistant to acids, but dissolves in aqua regia, giving chloroplatinic acid 
H,[PtCl,] (see Table 26.5). 

Ni is unaffected by aqueous alkalis and is therefore used to make the 
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Table 26.5 Some reactions of Ni, Pd and Pt 


—_ aamaaamaaaamamamamamamamħÃÅ 


Reagent Ni Pd Pt 
O: NiO PdO at red heat PtO at high temp. 
and pressure 

F; NiF; Pd! [Pa!VF,] PtF, at red heat 
at 500°C 

Cl NiCl, PdCl, ~ PtCl, 

H;O No action No action No action 

Dilute HCl or Ni?* + Hy Dissolves very ‘No action 

dilute HNO; slowly 

Concentrated HNO; Passive Dissolves No action 

Aqua regia Passive Dissolves H,[PtCl,] 


apparatus for manufacturing NaOH. Pd and Pt are both rapidly attacked 
by fused alkali metal oxides and peroxides, e.g Na;O and Na 20>. 

Ni reacts with the halogens on heating. It reacts only slowly with 
fluorine, so Ni and alloys such as Monel are often used to handle F, and 
corrosive fluorides. Ni also reacts with S, P, Si and B on heating. Red hot 
Pd reacts with Fz, Cl; and Oj. Pt is less reactive but at red heat it reacts 
with Fz, and at a high temperature and pressure it reacts with Op. 

All three metals absorb gaseous Hz. The,amount absorbed depends on 
the physical state of the metal. However, Pd absorbs very large volumes 
of H5, more than any other metal. If red hot Pd is cooled in Hz it can 
absorb 935 times its own volume of Hz. The hydrogen is mobile and 
diffuses through the metal lattice. The conductivity of the metal falls as Hz 
is absorbed. The H; is evolved on heating. Other gases, including He, are 
not absorbed, so this process is used to purify Hp. 

Pt(+II) and Pt(+IV) form an extremely large number of complexes. 
(The two most prolific complex forming elements are Co and Pt.) 


LOW VALENCY STATES (—1), (0), (+1) 


Ni(—I) is found in the carbonyl anion [Ni(CO) J^. 

The zero-valent state is formed by all three metals. [Ni*(CO);] is 
formed by warming Ni and CO. Its formation and subsequent pyrolysis 
was important in the Mond process for the purification of the metal. 
Though the original process became obsolete in about 1970, a modified 
process is used in Canada. [Ni(CO)4] is perhaps the best known carbonyl, 
but its stability is much lower than that of carbonyls in earlier transition 
metal groups. The [Ni(CO)4] molecule is tetrahedral, volatile, very 
poisonous, easily oxidized and flammable. A phosphine derivative 
[Ni^(PF4),], and mixed compounds such as [Ni(CO),(PF3)2], are also 
known. Reduction of [Ni"(CN),]^- by potassium in liquid ammonia 
gives K,[Ni (CN),], whilst reduction with hydrazine sulphate in aqueous 
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media gives K4[Ni}(CN)6]. Pd and Pt do not form simple carbonyls like 
[Ni(CO),], but they do form phosphine complexes such as [Pt"(PPh3)4] 
and [Pt°(PPh3)3]: 

EtOH 


2K,[Pt"'Cl,] + NoH, + 8PPh; —= 2[Pt" (PPhs)4] + 4KCI + 4HCI + N3 


Pd°(CO)(PPh3)3] and [Pt°(CO)2(PPh;)2] are also known. The ligand CO 
is a weak c donor and a strong x acceptor, whilst PPh; is a stronger o donor 
but a weaker n acceptor. The absence of simple carbonyls for Pd and Pt is 
probably because they form x bonds less readily than Ni. Introducing a o- 
bonded ligand such as a halogen reverses the position, and [Pt" (CO);Cl;] 
is stable, [Pd (CO);CL;] is not very stable, and Ni does not form any 
carbonyl halides. [Ni(CO)4] is reduced by sodium in liquid ammonia to 
give a carbonyl hydride [(Ni(CO);H);](NH3),. This is red coloured 
and is dimeric. Reduction may also yield cluster compounds such as 
[Nis(CO),;- and [Ni((CO);;^-. A series of cluster compounds such as 
[Pt(CO)42- are formed by reducing [PtCI;]^- in alkaline solution under 
an atmosphere of CO. No similar Pd compounds have so far been observed. 


(II) STATE 


The (1I) state is very important for all three elements. A wide variety of 
simple Ni^* compounds exist. These include all the halides, the oxide, sul- 
phide, selenide and telluride, salts of all the common acids and also some 
less stable ones such as NiCO; and salts of oxidizing ions like Ni(CIO,);. 
The hydrated ion [Ni(H20),]?* gives rise to the green colour character- 
istic of many hydrated Ni salts. Many anhydrous Ni salts are yellow. 
Double salts are formed with alkali metals and NH}, for example 
NiSO4(NH4)2SO,:6H20. These are isomorphous with the correspond- 
ing double salts of Fe**, Co^* and Mg?* 

Though the chemistry of Ni is simplified by the dominance of the (+I) 
state, the Ni(+II) complexes are quite complicated. Octahedral and 
square planar complexes are commonly formed, and a few tetrahedral, 
trigonal bipyramidal and square-based pyramidal structures are also 
formed. Pd(--1I) and Pt(+II) complexes are all square planar. 


(a) { | { D (b) dor 
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Figure 26.1 d? arrangement in (a) weak and (b) strong octahedral fields. 
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The complexes formed with ammonia [Ni(NHs),*, [Ni(H2O); 
(NH3);^. and the complex ethylenediamine [Ni(ethylenediamine)]^* 
are all octahedral. These octahedral complexes are usually blue in colour, 
and they are paramagnetic as the d" ion has two unpaired electrons (Figure 
26.1a). In complexes with strong field ligands such as CN^, the electrons 
are forced to pair up and diamagnetic square planar complexes such as 
[Ni(CN),]?~ are formed (Figure 26.1b). 

The red coloured complex precipitated by Ni^* and dimethylglyoxime 
from slightly ammoniacal solution is also square planar. However, in the 
solid the square planar molecules are stacked on top of each other and a 
Ni-Ni interaction occurs. The Ni-Ni distance is 3.25 Å. This was one of 
the earliest examples of metal to metal bonding, and in the solid Ni should 
be regarded as octahedrally coordinated rather than square planar. The 
formation of this complex is used both for the detection and quantitative 
estimation of Ni. The dimethylglyoxime loses a proton, and forms a stable 
complex molecule. The complex is stabilized because two five-membered 
chelate rings are formed, and also by internal hydrogen bonding, shown by 
dotted lines in Figure 26.2. 


buc rique 
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CH,—C-N CH,—C—N N=C—CHs 
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Figure 26.2 Nickel dimethylglyoxime complex. 


The square planar complexes are generally red, brown or yellow in 
colour. The reason for the formation of square planar complexes is dis- 
cussed further in Chapter 7. 

Several tetrahedral Ni(+II) complexes are known. These generally 
contain halide ligands, and often phosphine, phosphine oxide or 
arsine ligands as well, as in [PhsAs]3 [NiCl.]*~, [(Ph3P)2+NiCl] and 
[Ph;AsO);NiBr;]. These complexes are typically intensely blue coloured, 
and can be easily distinguished from square planar complexes both by 
the colour, and because they are paramagnetic (Figure 26.3). 

When nickel cyanide is crystailized from a mixture containing ammonia 
and benzene, benzene ammino nickel cyanide is formed. The benzene 
molecules are not bonded, but are trapped in the cagework of the crystal. 
Such compounds are called clathrates and other molecules of a similar size 
may be trapped in a similar way. à 

Pd(4-II) and Pt(--II) exist as oxides, halides, nitrates and sulphates. The 
anhydrous solids are generally not ionic. PdO exists in the anhydrous state, 
but PtO is only known as an unstable hydrated oxide. All the dihalides 
MX; are known except for PtF;. Unlike the other halides, PdF, is ionic. 
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Figure 26.3 d" arrangement in tetrahedral field. 


The Pd** ion has a d* configuration and is paramagnetic. The [Pd(H2O),]?* 
ion exists in water, and is diamagnetic. Because this complex is spin 
paired it is presumed to have a square planar structure. All Pd(+II) and 
Pt(+II) complexes are diamagnetic. In hydrochloric acid the diamagnetic 
[PdCl,]^- ion is formed. All the other dihalides are molecular or poly- 
meric, and are diamagnetic. PdCl, and PtCl; are made from the elements 
and both exist in a and f forms. Which is formed depends on the exact 
conditions used. The a forms are the more common. 


Pd Ch =~. Pach), 
slow 
«SSU*C l 


P-(PdCI;) 


a-PdCl, is a dark red solid, whilst a-PtCl; is olive green. a-PdCl, has a flat 
chain polymeric structure (Figure 26.4a), in which the Pd atoms are in a 
square planar arrangement. It is hygroscopic and is soluble in water. The 
structure of a-PtCl, is not known, but it is insoluble in water, and dissolves 
in HCl, giving [PtCl,]?~ ions. 

The B forms of PdCl, and PtCl; have an unusual molecular structure. 
This is based on a Pd4Cl;; or Pt;Cl;; unit. The structure is best described 
as the metal surrounded by four Cl atoms in a Square planar environment, ' 


59009 Ji 


(a) a-(PdCl,), (b) B-(PdCl,), 
Figure 26.4 Structures of a- and B-PdCL;. 
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with six such, units linked by halogen bridges (Figure 26.4b). This is 
remarkably similar in shape to the [Nb&Cl;;]^* cluster compound shown 
in Figure 21.3d. In this the six Nb atoms were linked in an octahedral 
cluster with halogen atoms bridging all 12 edges. B-PdCl, is soluble in 
benzene and retains its structure. Despite the similarity in shape, the 
p-PdCl, structure appears to be covalent and stabilized largely by halogen 
bridges rather than by metal-metal bonding as in [Nb,Cl,2]**. 

An important reaction occurs between PdCl, and alkenes. With ethene, 
complexes such as [Pd(C3H;)Cl;] . [Pd(CsH,)Cls]> and [Pd(CH4)>2Ch] 
are formed. 


cl Ci. UTOR EE SECTETUR GI 
NUDO a: N 
Pd Pd 


N Via NV AM 
c C;H4 (ei pee Cerro s vn ul.) CoH, 


Pd Pd 


Similar compounds are known for Pt: for example, Zeise's salt 
K[Pt(CH4)(Cl)3]*H2O forms yellow crystals and has been known 
since 1825. The structure of these alkene complexes is unusual. In 
Zeise's salt the [Pt(C3H4)(Cl)s]- ion is essentially square planar with 
Cl at three corners and H;C—CH); at the other corner. However, the 
H,C=CH, molecule is perpendicular to the PtCl; plane, and the two 
C atoms are almost equidistant from the Pt. (The Pt—C distances are 
2.128À and 2.135 À.) The C=C distance in the complex is 1.375A 
compared with 1.337 A in ethene and a C—C distance of 1.54 À in ethane. 
Thus the double bond is only lengthened slightly in forming the complex. 
The double bond occupies the coordination position rather than a single 
C atom, and CH4 acts as a dihapto ligand. Thus the complex should be 
written K[Pt(n^-CoH4)(Cl)3] - H20. 

The bonding in these alkene complexes was not understood until 1951 
when Dewar suggested that the n bond donated electrons to a vacant o 
orbital on the metal, rather than involving bonding an individual C atom. 
This idea was extended by Chatt in 1953, and current thinking is that 
bonding is in two parts: 


1. A dative bond in which the electron pair in the filled x orbital on ethene 
overlaps with an empty hybrid orbital on the metal, giving a o bond. 

2. x overlap also occurs between a filled metal d orbital and an empty 
antibonding orbital on ethene. This is zt back donation or back bonding. 
Most of the transition elements form complexes with alkenes. The 
exceptions are the first few elements where the d orbitals on the metal 
are not sufficiently populated to allow back bonding. The extent of back 
bonding varies from one complex to another, and is related to the C—C 


bond length. 


CH, 


bs 


Figure 26.5 Zeise's salt 
[Pt(n?-C2H4)(CI)3]7 
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Besides theoretical interest in the bonding in these complexes, some are 
of importance in commercial processes. Complexes between PdCl, and 
alkenes are decomposed by water, giving ethanal (acetaldehyde): 


GH, + PdCl, + HO > CH;CHO + Pd + 2HCI 


This reaction forms the basis of the Wacker process for the production of 
acetaldehyde. The Pd is converted back into PdCl; in situ by CuCl): 


Pd + 2CuCl, > PdCl, + 2CuCl 
The solution contains HCI and the CuCl, is regenerated by passing in O2. 
2CuCl + 2HCI + 30; — 2CuCl, + H;O 
Thus the overall reaction is: 
H,C=CH, + 30; > CH;CHO 


This process is practicable because the reaction between Pd and CuCl, is 
quantitative, so the catalyst is recycled and only small amounts of Pd are 
required for replenishment. 

With propene CH5;- CH—CH;, the product is acetone. This reaction 
is also of commercial importance. If the reaction is carried out in acetic 
acid, ethene is converted to vinyl acetate. Though this is not a commercial 
process because of corrosion problems and difficulty in catalyst recovery, 
it has led to a study of palladium(II) acetate [PHR(CH4COO);]s. This has 
an unusual structure, comprising three metal atoms in a triangle, held 
together by six bridging acetate groups. 

PdCl, catalyses the reaction between ethene, CO and H20: 


CH;—CH, + CO + H; —^ CH3CH;COOH 


Magnus’ green salt has the formula [Pt(NH3),]^* [PtCL]^*, and 
the square planar anions and cations are stacked on top of each other. 
This structure also occurs in other complexes such as [Pd(NH3)4]?* 
[Pd(SCN)4]?- and [Cu(NH;);]?* [PtCl,]?~. The metal atoms in adjacent 
units may interact with each other, giving weak metal-metal bonds. 
Evidence for this is that if the anion and cation contain Pt(--II) they are 
colourless, pale yellow or pale red individually, but when stacked together 
they show an unusual iridescent green colour. They also show increased 
electrical conductivity. [Pt(ethylenediamine)Cl;] is stacked in a similar 
way (Figure 26.6). 

K,[Pt(CN)4]-3H2O is a well known complex and is colourless and 
stable. In the crystal structure the square planar [Pt(CN)4]?- units are 
stacked on top of each other, but the solid does not conduct electricity. 
However, several complexes can be derived from it which show electrical 
conduction in one dimension, and they are also dichroic. (Dichroic mate- 
rials have a different refractive index in different directions, so when they 
are viewed from different directions they appear differently coloured.) If 
this compound is oxidized it is possible to obtain bronze coloured com- 
pounds which are cation deficient such as K;[Pt(CN),]Bro.3: 3H;O and 
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Figure 26.6 Stacks of square planar [Pt(ethyleneaiamine)Cl,] molecules. 


K;[Pt(CN),]Clo.5 - 3H2O. The filled d? orbitals on the Pt ators overlap, 
giving a delocalized band along the Pt chain. In K;[Pt(CN);] - 3H;O this 
band is full: hence it cannot conduct. In Ko[Pt(CN),]Bro.; : 3H20 the Br 
act as electron acceptors, removing on average 0.3 electrons from each 
[Pt(CN),]?- unit. Thus the d? band is only five sixths filled, and hence 
the solid conducts electricity by a metallic mechanism in one dimension 
(Figure 26.7). In Ko[Pt(CN),] -3H;O the Pt—Pt distance is 3.48 À, but 
the strong overlap of the d? orbitals in Ko[Pt(CN);]Bro. : 3H2O reduces 
the Pt—Pt distance to 2.8-3.0A. 

A very important medical use of Pt(--II) compounds is the use of the cis 
isomer of [Pt(NH3)2(Cl)2] as an anti-cancer drug for treating several types 
of malignant tumours. The trans isomer is ineffective. The cis isomer is 
called cisplatin, and is highly toxic. It is injected into the bloodstream, and 
the more reactive Cl groups are lost so the Pt atom bonds to a N atom in 
guanosine (part of the DNA molecule). The cisplatin molecule can bond to 
two different guanosine units, and by bridging between them it upsets the 
normal reproduction of DNA. Those cells which are undergoing cell divi- 
sion are attacked by cisplatin. Tumours are usually growing rapidly, but so 
also are the bone marrow cells (producing red and white blood cells), and 
cells in the testes (producing sperms), so these are also affected. Dramatic 
results are possible, and a large number of patients are completely cured. 
There is a critical balance between giving enough cisplatin to kill the tumour 
and leaving sufficient white blood cells to protect the body from attack by 
bacteria and viruses. 


(+I) STATE 


This state in not important for any of the three metals. Few Ni(-- III) 
compounds are known. Oxidation of Ni(OH); in alkaline solution with 
Br; gives Ni;O;- 2H5O as a black solid, which decomposes to NiO on de- 
hydration. If Ni is fused in NaOH and dioxygen bubbled through, sodium 
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Figure 26.8 Structure of [Pt(NH3);Br;]. 
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nickelate(III) Na[Ni'!O;] is formed. The (+III) state can be stabilized in 
complexes. K3[NiFs] can be prepared by fluorinating NiCl; and KCI at a 
high temperature and pressure. It is a violet solid but is strongly oxidizing 
and reacts with H2O, evolving O;. The structure is octahedral, but is 
slightly elongated as expected from Jahn-Teller distortion due to its 
asymmetrically filled (t2) (e,)' electronic arrangement. [Ni!!!(ethylene- 
diamine);CL]Cl is also octahedral. The structure of [Ni (PEt;);Brs] is a 
trigonal bipyramid. 

Pd( +III) compounds are very rare and it is doubtful if Pt(--III) exists. 
Hydrated oxides may be known. The complexes Na*[PdF,] and 
NaK;[PdF;] have been reported. The [PdFs]^- ion has four short bonds 
and two long bonds as expected for a low-spin d^ octahedral complex. 
Heating Pd and F, gives a stable solid which was once thought to be 
PdF,. This has since been shown to be a mixed valency compound 
Pd^*[Pd'VF,]?- containing Pd(+II) and Pd(+IV). Complexes which 
are apparently in the (+III) state such as [Pt(ethylenediamine)Br3] and 
[Pt(NH3)2Brs] consist of chains of alternate square planar Pt(--II) units 
and octahedral Pt(+IV) units (Figure 26.8). 


(--IV) STATE 


Ni(+IV) is rare. The hydrated oxide is made by powerful oxidation of 
Ni^* in fused alkali, and the product oxidizes Mn^* to MnO% and de- 
composes water. Fluorination of NiCl; and, KCI gives the red complex 
K;[Ni! VF;] which is strongly oxidizing and liberates O2 with water. 

PdO, is only known in the hydrated form. In contrast PtO is the most 
stable oxide of Pt and exists in both anhydrous and hydrated forms. The 
anhydrous oxide is insoluble, but the hydrated form dissolves in acids and 
alkalis. 

PdF; is the only known halide of Pd, but all four Pt halides PtX, are 
known. Direct reaction of Pd and F; gives PdF; (really Pd"! [Pd! "F;]) and 
PdF,, whilst Pt gives PtF4, PtF; and PtFe. PtCl, is formed either by direct 
reaction, or by heating H»[PtCl,]. 


pr eee, H [PtCl] ^, PtCl, + 2HCI 


Pd(+IV) forms a few octahedral complexes [PdX;]?- where X = F, Cl 
or Br, and [PdX,(NH3)2]. These are generally reactive. [PdF,]?~ hydro- 
lyses rapidly in water whilst the other halide complexes are decomposed 
by hot water, giving [Pd X;]^- and halogen. 

In contrast Pt(--IV) forms a very large number of very stable octahe- 
dral complexes. These range from [Pt(NH3)s]**, [Pt(NH;)sCIJ?*, 
[Pt(NH3)4CE ?* . . -to [PtCl,]?~. Similar series of complexes exist with 
a wide range of ligands including F^, Cl”, Br , I^, OH’, acetyl acetone, 
NO;, SCN~, SeCN~, and CN~. Some of these were studied by Werner in 
the early studies on coordination complexes (see Chapter 7). 

Chloroplatinic acid is commercially the most common Pt compound. It 
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is formed when a Pt metal sponge dissolves in aqua regia or concentrated 
HCI saturated with Cl». It forms red crystals of formula H[PtCl,]-2H,0. 
The sodium or potassium salts are a common starting material for making 
other Pt(+IV) compounds. Platinized asbestos is used as a catalyst. It is 
made by soaking asbestos in a solution of chloroplatinic acid, followed by 
strong heating to decompose the complex to Pt metal. This leaves a small 
amount of Pt spread over a very large surface. 

Platinized platinum, or platinum black, electrodes are often used for 
conductivity measurements, and these are made by electrolysing hexa- 
chloroplatinates [PtCls]^- 

Platinum is unusual in that it forms alkyl derivatives by a Grignard 
reaction. 


4PtCl, + 12CH;Mgl > [(CHs);Pul], + 8MgCl; + 4Mglo 


There were reports of [(CH)4Pt]s, but these were incorrect, and the 
compound formed is actually [(CH3);Pt- OH]. These complexes exist 
as tetrameric solids in which Pt is six-coordinate. The Pt—C bond is very 
stable. These organo derivatives are soluble in organic solvents. 


(+V) AND (+VI) STATES 


These are only found for Pt, and are rare. The (+V) state is represented 
by PtFs, which is tetrameric and has the same structure as many transi- 
tion metal pentafluorides (Figure 21.1). The [PtF;]" ion also contains 
Pt(-- V) and was first formed by reacting PtFs and O, to give the com- 
pound O7 [PtF;]-. A similar reaction between Xe and PtF, led to reports 
by Bartlett in 1962 of the formation of Xe*[PtF,]~, the first reported 
compound of the noble gases. (This compound was subsequently shown 
to be [XeF]*[Pt2F;,]~.) The only examples of the (+VI) state which are 
known for certain are PtO, and PtF,. 


HORIZONTAL COMPARISONS IN THE IRON, COBALT AND 
NICKEL GROUPS 


The ferrous metals Fe, Co and Ni show horizontal similarities and differ 
from the platinum metals in that the ferrous metals are much more reac- 
tive. Within the ferrous metals the reactivity decreases from Fe to Co to 
Ni. Although the maximum oxidation states are Fe(+VI), Co(+IV) and 
Ni(+IV), these elements rarely exceed an oxidation state of (+III). The 
tendency to trivalency decreases across the period. Fe?* is the usual state 
but Co?* is a strong oxidizing agent unless complexed, and nickel is 
divalent in all its simple compounds. The lower valency states exist as 
simple ions. The elements are relatively abundant. 

The platinum metals Ru, Rh, Pd, Os, Ir and Pt are much more noble 
than the ferrous metals, and are little affected by acids. The reactivity of 
the metals increases from Ru to Rh to Pd and from Os to Ir to Pt, which 
is the opposite of the trend in the ferrous metals. The halogens react with 
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the metals only at high temperatures, and bring out the higher valencies, 
e.g. OsF,, IrFe, PtF,. The lower valency states are unstable except in 
complexes. Few simple ions exist. Because of the lanthanide contraction, 
the radii of the second and third rows of transition elements are very 
similar. Thus their atomic volumes are almost the same, so the densities 
of Os, Ir and Pt are almost double those of Ru, Rh and Pd. All six ele- 
ments are rare. 

Both the ferrous metals and the platinum metals are typical transition 
elements, and are characterized by: 


coloured compounds 

variable valency 

catalytic properties 

an ability to form coordination compounds 


UNE 


The differences between the two groups are: 


1. increased stability of higher oxidation states 
2. disappearance of simple ionic forms 
3. increased nobility 


These are the normal changes expected in a vertical group. 
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Group 11 — the copper group: 
coinage metals 


Table 27.1 Electronic structures and oxidation states 


Element Electronic structure Oxidation states* 
Copper Cu [Ar] 3d!" 45! TH (11) 

Silver Ag [Kr] 4d" 5s! III (III) 

Gold Au [Xe] 4f '* 5a" 6s! T mo pce 


* The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normal type. Oxidation states that are unstable, or in doubt, are given in 
parentheses. 


INTRODUCTION 


The elements all have one s electron outside a completed d shell. They 
show only slight similarities in properties and considerable differences. 
All three metals have the same crystal structure (cubic close-packed). 
They conduct electricity and heat particularly well, and they tend to be 
noble (unreactive). The only ions which exist in solution (apart from 
complexes) are Cu?* and Ag*. The most stable oxidation state varies; 
Cu(--H), Ag(+I) and Au(+III). Copper is produced on a large scale and 
11 million tonnes were used in 1992, mostly as the metal and in alloys. 
Copper is biologically important in various oxidase enzymes, as an oxygen 
carrier in invertebrates and in photosynthesis. There is great interest in 
various mixed oxides of copper which act as superconductors. 


ABUNDANCE, EXTRACTION AND USES OF THE ELEMENTS 


Copper is moderately abundant and is the twenty-fifth most abundant 
element in the earth's crust. It occurs to the extent of 68ppm by weight. 
Silver and gold are quite rare (Table 27.2). 
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Table 27.2 Abundance of the elements in the 
earth's crust, by weight 


ppm Relative abundance 


Cu 68 25 
Ag 0.08 66 = 
Au 0.004. 73 


Copper 


Copper nuggets (i.e. pieces of metal) have been found in the earth, but 
this source is largely exhausted. The most common ore is chalcopyrites 
CuFeS;. This has a metallic lustre and is similar in appearance to pyrites 
FeS, (fool's gold) but is more copper coloured. Other ores include CuS 
(called copper glance or chalcocite; dark grey coloured), basic copper 
carbonate CuCO;:Cu(OH)z (which is called malachite and is green), 
copper(I) oxide CuO (which is called cuprite and is ruby red coloured) 
and Cu;FeS, (called bornite or ‘peacock ore’ because it has a mixture of 
iridescent colours like a peacock's feathers (blue, red, brown and purple). 
Turquoise CuAlg(PO4)4(OH)s-4H20 is a popular gemstone because of 
its blue colour and delicate veining. 

The sulphide ores are often lean and may contain only 0.4-1% Cu. 
These are crushed and concentrated by froth-flotation, giving a concen- 
trate with 15% Cu. This is then roasted with air. 


2CuFeS; — 9 —5 CuS + Fe203 + 380; 
1400-1450*C 
Sand is added to remove the iron as iron silicate slag Fe;(SiOs)5 which 
floats on the surface. Air is blown through the liquid matte of CuS with 
some FeS and silica, causing partial oxidation: 


2FeS + 30; ^ 2FeO + 280; 
FeO + SiO; — Fe;(SiOs)s 
CuS + Oz > Cu;O + SO; 


After some time the air is turned off and self-reduction of the oxide and 
sulphide occurs, giving impure ‘blister copper’ which is 98-99% pure. 


CuS + 2Cu;O > 6Cu + SO; 


The ‘blister copper’ is cast into blocks and refined by eléctrolysis using Cu 
electrodes with an electrolyte of dilute H2SO, and CuSO4. 

It is not economic to treat very lean ores in this way, so these are dug up 
and left exposed to the air to weather. The CuS oxidizes slowly to CuSO, 
which is leached (dissolved out) with water or dilute H)SO,. Copper is 
displaced from the resulting copper sulphate solution by adding scrap iron 
which is sacrificed. 


Fe + Cu?* > Fe^* + Cu 
continued overleaf 
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World production of mined Cu was 9.3 million tonnes in 1992. The 
largest sources of copper ores are. in Chile 21%, the USA 19%, the 
Soviet Union 9%, Canada 8% and Zambia 5%. In addition, about 1.7 
million tonnes of scrap metal were recycled, giving a total of 11 million 
tonnes. 

The metal is used in the electrical industry because of its high conduc- 
tivity. It is also used for water pipes because of its inertness. Over 1000 
different alloys of copper exist. These include brass (Cu/Zn with 20-50% 
Zn), so-called ‘nickel silver’ (55-65% Cu, 10-18% Ni, 17-27% Zn), 
phosphor bronze (Cu with 1.25-10% Sn and 0.35% P) and various alloys 
for making coins. Copper sulphate is produced in moderately large amounts 
123956 tonnes in 1991. Several copper compounds are used in agricul- 
ture. For example, Bordeaux mixture is basic copper hydroxide, and is 
made from CuSO, and Ca(OH)». It is an important spray for preventing 
fungus attack on the leaves of potatoes (potato blight) which caused the 
potato famine in Ireland in 1845-1846. It is also used to spray vines to 
prevent fungal attack. Basic copper carbonate, copper acetate and copper 


| oxochloride have also been used. Paris Green is an insecticide made from 


basic copper acetate, arsenious oxide and acetic acid. 

There has been enormous interest in a variety of mixed oxides of cop- 
per such as Laj; ,,Ba,CuO4..,, since these behave as superconductors 
at temperatures below 50K. G. Bednorz and A. Müller were awarded 
the Nobel Prize for Physics in 1987 for work on these compounds. Other 
superconductors which work at higher temperatures (up to 125K) are 
based on YBa;CusO;. ,. These are described in Chapter 5 under "Super- 
conductivity’. 


Silver 


Silver is found as sulphide ores AgS (argentite), as the chloride AgCI 
(horn silver) and as the native metal. There are three extraction processes: 


1. Most is now obtained as a by-product from the extraction of Cu. Pb or 
Zn. It can be obtained from the anode slime formed in the electrolytic 
refining of Cu or Zn. í 

2. Zinc is used to extract silver by solvent extraction from molten lead in 
Parke's process. 

3. Silver and gold are extracted by making soluble cyanide complexes. 


World production of silver was 13818 tonnes in 1992, The main pro- 
ducers were Mexico 17%, the USA 13%, Peru 11%, Canada and Australia 
9% each, and the Soviet Union and Chile 7% each. The main uses of 
silver are as AgCl and AgBr in photographic emulsions, for jewellery and 
silver ornaments, for batteries and for silvering mirrors. 


Gold 


Historically gold has been found as lumps of metal in the ground called 
nuggets. Finds of this kind have started “gold rushes’ in the USA. How- 
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ever, gold occurs mainly as grains of metal disseminated in quartz veins. 
Many of these rocks have weathered with time. The gold and powdered 
rock are washed away in streams and accumulate as sediments in river 
beds. The grains of gold can be separated from silica by ‘panning’, i.e. 
swirling them both with water. Gold is very dense (19.3g cm?) and 
rapidly settles to the bottom, but the SiO», with a density of 2.5g cm", 
settles more slowly and is thrown away with the water. This method is little 
used nowadays since the sources are largely exhausted. 

Nowadays rocks containing traces of gold are crushed and extracted 
either with mercury or with sodium cyanide. Water and powdered rock 
are passed over mercury, in which the gold dissolves, forming an amalgam. 
The gold is recovered by distilling the amalgam, when the mercury distils 
off and is reused. This process is also used with river water and silt in 
Brazil. Losses of mercury have poisoned considerable stretches of the 
River Amazon, giving environmental problems. In the cyanide process 
the crushed rock is treated with a 0.1-0.2% solution of NaCN and aerated. 


4Au + 8NaCN + 2H;0 + O, — 4Na[Au(CN);] + 4NaOH 


The sodium argentocyanide complex is soluble, thus separating gold from 
the rest of the rock. The gold is precipitated from this solution by adding 
Zn powder. World production of gold was 2134 tonnes in 1992, and the 
main producers were South Africa 29%, the USA 14%, Australia 11%, 
the Soviet Union 10%, Canada 7% and China 6%. The major uses are as 
gold bullion (which in used-as international currency) and for jewellery. 
Gold used in jewellery gold is usually alloyed with a mixture of Cu and 
Ag. These alloys retain the golden colour, but are harder. The proportion 
of gold in the alloy is expressed in carats. Pure gold is 24 carats. The 
alloys commonly used are 9 carat, 18 carat and 22 carat, and these contain 
9/24, 18/24 and 22/24 pure gold respectively. Small amounts of gold are 
used to make corrosion-free electrical contacts, for example on computer 
boards. A thin film 107!! m thick is sometimes deposited on glass windows 
in prestigious skyscraper buildings (e.g. a bank in Toronto). This thin 
metal film reflects unwanted heat from the sun in the summer, thus 
keeping the building cool. The film keeps heat in during the winter. 


OXIDATION STATES 


The elements Cu, Ag and Au show oxidation states of (+1), (211) and 
(III). However, the only simple hydrated ions found in solution are Cu* 
and Ag*. The univalent ions Cu* and Au^ disproportionate in water, and 
as a result they only exist as insoluble compounds or complexes. Cu(+III), 
Ag(--III) and Ag(+II) are so strongly oxidizing that they reduce water. 
Thus they only occur when stabilized in complexes. or as insoluble com- 
pounds. The oxides and halides formed are shown in Table 27.3. 
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Table 27.3 Oxides and halides 


Oxidation states 


(*1) Gm o. (HT) (+IV) (+V) Others 
CuO CuO - - m 

Ag;O AgO (Ag:03?) = - 

Au;0 - Au0; = iD 

å CuF; E = - 

CuCl CuCl, - - = 

CuBr CuBr, - z 

Cul - - - -= 

AgF AgF; 2: T = AgF 
AgCI - - - - 

AgBr - - - - 

Agl - - = - 

E - AuF; F. (AuFs) 

AuCl - AuCl, - - 

= = AuBr; - - 

Aul - - s x 


The most stable oxidation states are shown in bold, unstable ones in brackets. 


STANDARD REDUCTION POTENTIALS (VOLTS) 


Acid solution 


Oxidation state 


T t" + 0 


PETE Odo NEZAN 


pr 4034 ———3 


As: 424 Ag* 98 aur £0.80 A 


«t. 241.29 * 4 
+1.29 24 +1.29 u+ E168, 


P LAM | 


* Disproportionates 


GENERAL PROPERTIES 


Group 11 metals (Cu, Ag and Au) have the highest electrical and thermal 
conductivities known. They are the most malleable and ductile structural 
metals. This is associated with their cubic close-packed structure. When 
sufficient force is applied, one plane may be forced to slip over another 
plane. The structure is very simple, so that when it slips it remains a 
regular cubic close-packed structure. 
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Atoms of Cu, Ag and Au (Table 27.1) have one s electron in their 
outer orbital. This is the same outer electronic arrangement as for the 
Group 1 metals. In spite of this, there are few similarities apart from the 
formal stoichiometry of compounds in the (+I) state and the high elec- 
trical conductivity of both groups of metals. 

Group 11 elements differ from Group 1 elements in that the penultimate 
shell contains ten d electrons. The poor screening by the d electrons 
makes the atoms of the copper group much smaller in size. As a result the 
Cu group have higher densities and are harder. Their ionization energies 
are higher (Table 27.4), and their compounds are more covalent. 

In the Cu group the d electrons are involved in metallic bonding. Thus 
the melting points and enthalpies of sublimation are much higher than for 
Group 1 metals. 

The higher enthalpy of sublimation and higher ionization energy are the 
reasons why Cu, Ag and Au tend to be unreactive, i.e. show noble 
character. Group 1 metals have large negative standard reduction poten- 
tials (E° values) and are at the top of the electrochemical series. They are 
the most reactive metals in the periodic table. In contrast the coinage 
metals have positive E* values and are thus below hydrogen in the elec- 
trochemical series. Thus they do not react with water or liberate H5 with 
acids. The nobility increases from Cu to Ag to Au, whereas on descending 
Group 1 the reactivity increases. The inertness of Au resembles that of the 
platinum metals. Cu is inert towards non-oxidizing acids, but reacts with 
concentrated HNO; and H5SO,. 

3Cu + 8HNO, — 2NO + 3Cu(NO;); + 4H,0 
dilute 


Cu + 4HNO; 2 2NO; + Cu(NO;)) + 2H;O 


concentrated 


Table 27.4 Some physical properties 


—_—_——— 


Covalent lonic radius (A) Melting Boiling Density Pauling's 
radius point point electro- 
(À) M* M?* M (C) (C) (gem ^?) negativity 


Cu 107 0.77 0.73 0.54! 1083 — 2570 8.95 1.9 
Ag 1.34 1.15 0.94 0.75 961 2155 10.49 1.9 
Au 134 1.37 - 0.85 1064 — 2808 — 19.32 24 


MM 


| = low spin radius. 


However, Cu is very slowly oxidized on the surface in moist air, giving a 
green coating of verdigris. This is basic copper carbonate CuCO; : Cu(OH); 
and is familiar on the roofs of buildings covered with copper sheet, and 
also on copper statues such as the Statue of Liberty in New York. 

Ag will dissolve in concentrated HNO; and in hot concentrated H3504. 
Au is inert to all acids except aqua regia (a 3: 1 mixture of concentrated 
HCI and HNO). The HNO; acts as an oxidizing agent and the chloride 
ions as a complexing agent. i 

Cu reacts with dioxygen, but Ag and Au are inert. 
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Cu + © red heat CuO higher temperature CuiÓ P O 
Cu and Ag metals react with H2S and S, but Au does not. Silver objects 
tarnish slowly in air (i.e. polished silver articles gradually blacken). This 
is due to traces of H;S in the air which react with Ag, forming black AgS. 


2Ag + HS > AgS + He 
black 


In a similar way passing HS into solutions containing Cu?* or Ag* gives 
black precipitates of CuS and AgS. All three metals react with the halo- 
gens. Simple compounds of Au decompose to the metal quite readily, 
those of Ag can be reduced fairly easily, and those of Cu less readily. 

For metals to react, an atom must first be isolated from the crystal 
structure and then be ionized. A high enthalpy of sublimation and a high 
ionization energy will reduce reactivity, though this may be partly offset 
by the energy gained when the ion is hydrated. Comparing Cu and K, Cu 
has a much higher melting point (and hence a higher enthalpy of sub- 
limation). Because of the increased nuclear charge of copper. the orbital 
electrons are more tightly held (and hence the ionization energy is higher). 
The enthalpy of hydration is not large enough to offset these large amounts 
of energy, and so potassium is much more reactive than copper. 

The oxides and hydroxides of Group 1 are strongly basic, and are soluble 
in water. In contrast the oxides of copper are insoluble and weakly basic. 
Group 1 compounds all contain simple colourless univalent ions and only 
form complexes with very strong complexing agents. In contrast the 
copper group elements show variable valency. The most common oxida- 
tion states are Cu(^ II). Ag(+1) and Au(+III), and the three elements 
differ widely in their chemistries. Their compounds are mainly coloured 
and they show a strong tendency to form coordination complexes. 

Copper is important in several catalysts. Cu is used in the direct process 
for manufacture of alkylchlorosilanes such as (CH3).SiCl;. which is used 
to make silicones: Cu and V catalyse the oxidation of cyclohexanol/cyclo- 
hexanone mixtures to adipic acid which is used to make nylon-66. 
CuCl, was used as the catalyst in the Deacon process for making Cl, from 
HCI. 


(+1) STATE 


In the (+1) state most of the simple compounds and complexes are dia- 
magnetic and colourless because the ions have a d'" configuration. There 
are a few coloured compounds. For example, CujO is yellow or red, 
Cu;CO; is yellow and Cul is brown. In these cases the colour arises from 
charge transfer bands and not from d-d spectra. 

It might be expected that the (+1) state would be the most common and 
most stable because of the extra stability resulting from a full d shell. 
Surprisingly this is not so. Although Ag" is stable in both the solid state 
and solution. Cu^ and Au^ disproportionate in water. 
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B Cut 
2Ccw* = Cut Cu | K= ae = 1.6 x 10° 
[Av*] 


3Au* = Aut +2Au K=—— = 


The equilibrium constant for the disproportionation of Cu” in solution is 
high, showing that the equilibrium is largely to the right. Thus the con- 
centration of Cu* is very low in solution and typically a Cu* ion exists in 
aqueous solution for less than a second. Similarly Au* is virtually non- 
existent in solution. The only copper(I) and gold(I) compounds that are 
stable to water are either insoluble or present as complexes. Examples of 
insoluble Cu(--I) compounds include CuCl, CuCN and CuSCN. Copper(I) 
thiocyanate CuSCN is used to estimate copper gravimetrically. 


2Cu?* + SOX- + 2SCN~ + H;O — 2Cu'SCN + H250, 


Cu2* is reduced to copper(I) oxide CuzO by mild reducing agents. This is 
the basis of Fehling’s test for reducing sugars (monosaccharides such as 
glucose). Equal quantities of two different solutions, Fehling’s A and 
Fehling's B. are mixed immediately before adding the sugar and warming. 
The solution is deep blue coloured and if a reducing agent is present a 
yellow or red precipitate of Cu;O is formed. (Fehling’s A solution is a 
solution of copper(II) tartrate, made from CuSO, and Rochelle salt 
(sodium potassium tartrate). Fehling’s B solution is NaOH.) 

CuO is a basic oxide and reacts with the halogen acids HCl, HBr and 
HI. giving insoluble CuCl, CuBr and Cul. CuF is unknown. CuCl and 
CuBr are usually made by boiling an acidic solution of CuCl, or CuBr, 
with excess Cu. This gives a solution containing the complex ions [CuCl] 
and [CuBr;] which are linear in shape. Diluting these solutions gives 
white CuCl or yellow CuBr. 

Addition of KI to a solution containing Cu?* results in the I^ ions 
reducing Cu?* to copper(I) iodide Cul and at the same time I” is oxidized 
to L. This reaction is used to estimate Cu?* in solution by volumetric 
analysis. Excess of KI is added to an acidified solution and the I, produced 
is estimated by titrating with sodium thiosulphate. 


2Cw^* + 417 — 2Cul + h 
2NaS-0; + b > Na;S4O, + 2Nal 


The copper(I) halides are partly covalent and have zinc blende structures 


with tetrahedrally coordinated Cu” ions. In the vapour CuCl and CuBr 


are polymeric and the main species is a six-membered ring. 


The copper(I) halides are insoluble in water. However, they dissolve in 
solutions containing an excess of halide ions by forming soluble halide 
coinplexes such as [CuCl] [CuCh] - and [CuCl,]". These and other 
Cu! complexes are tetrahedral in the solid. (In KCuCl» and K,CuCl, there 
are chains in which Cu is tetrahedrally surrounded by Cl, with simple units 
ioined into a chain by shared halide ions.) 
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The copper(I) halides also dissolve in strong HCI, HNO; and aqueous 
solutions of ammonia. Solutions of CuCl in concentrated HCI and CuCl in 
NH,OH are important because they absorb carbon monoxide. Three 
points arise from this: 


1. A solution of CuCl in NH4OH is often used to measure the amount of 
CO in gas samples, simply by measuring the change in volume of the 

as. 

X Though the metals of this group do not form neutral carbonyl com- 
pounds, an unstable carbonyl halide [Cu(CO)CI] is formed by bubbling 
CO through a solution of CuCl. Both Cu and Au form carbonyl halides 
[M(CO)CI] when CO is passed over the heated halide. 

3. Several complexes with alkenes and alkynes can be made in a similar 
way by bubbling the hydrocarbon through a solution of Cu! or Ag'. 
Alkene complexes can also be made by passing the hydrocarbon over 
the heated halide. These have the formula [MRX] where R is an 
unsaturated hydrocarbon and X a halogen. These complexes are very 
reactive, and are often polymeric. The M—C bonds are not sym- 
metrical, suggesting o rather than x bonding. Au! forms complexes 
less readily, and only with high molecular weight alkenes. 


Cyanide complexes are well known, and are used to extract Ag and Au 
as soluble complexes. The metals are recovered from the complex by 
reduction with zinc. 


4Au + 8CN- + 2H;0 + O; 5 4[Au(CN);]- + 40H™ 


Two-coordinate complexes such as [Au(CN)2]~ have a linear structure. 
However, in solid K[Cu'(CN)>] the Cu is bonded to three CN”, giving a 
planar triangular arrangement. The CN” are bonded in the usual way 
through C, but the third CN ^ acts as a bridging group to another Cu atom. 

Cyanide ions may react with metal ions in two ways: 


l. as a reducing agent 
2. as complexing agent 


Thus adding KCN to a CuSO, solution first causes reduction and pre- 
cipitates copper(1) cyanide. This reacts with excess CN ^, forming a soluble 
four-coordinate complex [Cu(CN),]*~ which is tetrahedral in shape. 


2Cu?* + 4CN^ -> 2Cu*CN^ + (CN); 


cyanogen 


CuCN + 3CN~ — [Cu(CN).]- 


Cu(+1) forms several different polymeric complexes which involve a 
cluster of four Cu atoms at the corners of tetrahedron, but which do not 
involve metal-metal bonding. The phosphine and arsine complexes 
Cugl,(PR3)4 and Cusl,(AsR3)4 are examples of such clusters. In these 
the four Cu form a tetrahedron. The four phosphine or arsine ligands 
are attached to the four corners, and the I atoms are located above the 
four faces of the tetrahedron, with each I triply bridged to three Cu atoms. 
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In [Cus (SPh);]?- the Cu atoms form a tetrahedron and the six S atoms 
bridge the six edges of the tetrahedron. 

Ag(--I) is the most important state for silver and many simple ionic 
compounds are known containing Ag*. Practically all Ag! salts are in- 
soluble in water. Exceptions include AgNO}, AgF and AgClO, which 
are soluble. The salts are typically anhydrous except for AgF - 4H;O. The 
Ag* ion is hydrated in solution but only as the dihydrate [Ag(H50);] *. 
Ag! commonly forms two-coordinate complexes rather than four-coordi- 
nate complexes as in Cu'. 

AgNO; is one of the most important salts. Ag;O is mainly basic, dis 
solving in acids. Moist Ag;O absorbs carbon dioxide and forms Ag;CO;. 
Since Ag;O dissolves in NaOH it must have slight acidic properties too. 

The silver halides are used in photography (see later). AgF is soluble 
in water but the other silver halides are insoluble. In qualitative analysis 
solutions containing the halide ions Cl”, Br” and I^ are tested by adding 
AgNO; solution and dilute HNO;. A white precipitate of AgCI indicates 
the presence of a chloride, a pale yellow precipitate of AgBr indicates a 
bromide and a yellow precipitate of Agl indicates an iodide. The presence 
of these halide ions may be confirmed by testing the solubility of the silver 
halide precipitates in ammonium hydroxide. AgCI is soluble in dilute 
NH,OH, AgBr dissolves in strong 0.880 ammonia, and Agl is insoluble 
even in 0.880 ammonia. When AgCl and AgBr dissolve, they form the 
ammine complex [H3N— Ag —NH;]*, which is linear. 

A few silver compounds with colourless anions are coloured. For 
example, AgI, Ag;CO; and Ag;PO, are yellow and AgS is black. This 
is because the Ag* ion is small and highly polarizing and the anion, e.g. 
I, is large and highly polarizable. This leads to some covalent character. 

Ag* forms a variety of complexes. Most simple ligands result in two- 
coordination and a linear structure, for example [Ag(NH;)5] * , [Ag(CN)2] 
and [Ag(S.03)2]*~. Bidentate ligands form polynuclear complexes. The 
halide complexes of Cu* and Ag* are unusual because the stability 
sequence is I > Br > Cl > F, whilst for most metals the sequence is the 
reverse. Ligands capable of x bonding, such as phosphine derivatives, may 
form both two- and four-coordinate complexes. 

Au(+1) is less stable. It is known as the oxide Aus;O. The halides AuCl 
and AuBr can be obtained by gently heating the corresponding AuX3 
halide. Aul is precipitated by adding I to Aul. These Au(-I) com- 
pounds disproportionate in water to Au metal and Au(+III). 

Au(+I) also exists in linear complexes such as [NC>Au<CN] , 
[CI Au —CI]-, [R3P—> Au CI] and [R3P— Au«—CH;]. The cyanide 
complex is soluble in water and is formed in the cyanide extraction pro- 
cesses by dissolving Au in an aqueous solution containing CN' in the 
presence of air or H5O». Phosphine complexes are made by treating 
AusCl, with RaP in ether solution, giving RAPAuCI. The CI may be sub- 
stituted by-other groups such as I, SCN or Me. If R;PAuCI is strongly 
reduced, e.g. with NaBHg, then à cluster compound Au;, Cl; (R3P); is 
formed. The cluster has a structure related to an incomplete icosahe- 
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dron. There is an Au at the centre and Au at ten of the 12 corners of the 
icosahedron. : 

An important use of Au(+I) is in drugs to treat rheumatoid arthritis. 
The drugs are thought to be linear complexes of the type [RS Au —SR] 
or [R;P— Au «—PR;]. Changing the organic group R varies the solubility 
of the drug in lipids and affects how readily the drug is spread round the 
body. 

There is some evidence that gold can exist as the Au” auride ion. This 
has an electronic configuration ds? which is a stable arrangement. The 
compound CsAu has no metallic lustre and the solid does not conduct 
electricity like a metal. This compound is ionic Cs*Au™ and is not an 
alloy. The Au^ ion has been confirmed in liquid ammonia solutions. Au^ 
is large and has been isolated in solids with several large cations. 


Photography 


The silver halides are of great importance in photography. A photographic 
film consists of a light sensitive emulsion of fine particles (grains) of silver 
salts in gelatine spread on a clear celluloid strip or a glass plate. The grain 
size is very important to photographers, as this affects the quality of the 
pictures produced. AgBr is mainly used as the light sensitive material. 
Some Agl is used in ‘fast’ emulsions (i.e. ones which can take photographs 
when the intensity of the light is low, or are used for photographing mov- 
ing objects like racing cars where the exposure must be very short). AgCI 
may also be present in the emulsion. 

The film is placed in a camera. When the photograph is exposed, light 
from the subject enters the camera and is focussed by the lens to give a 
sharp image on the film. The light starts a photochemical reaction by 
exciting a halide ion, which loses an electron. The electron moves in a 
conduction band to the surface of the grain, where it redüces a Ag* ion to 
metallic silver. In the early days of photography, exposures were long. 
often 10 or 20 minutes, so that sufficient silver was produced to give a 
negative picture. Parts of the subject which are light become black on the 
film. In modern photography only a short exposure of perhaps 1/100th of 
a second is used. In this short time, only a few atoms of silver (perhaps 
10—50) are produced in each grain exposed to light. Parts of the film which 
have been exposed to the bright parts of the subject contain a lot of grains 
with some silver. Parts exposed to paler parts of the subject contain a few 
grains with some silver, whilst parts not exposed contain none. Thus the 
film contains a latent image of the subject. However, the number of silver 
atoms produced is so small that the image is not visible to the eye. 

Next the film is placed in a developer solution. This is a mild reducing 
agent, usually containing quinol. Its purpose is to reduce more silver halide 
to Ag metal. Ag is deposited mainly where there are already some Ag 
atoms. Thus the developing process intensifies the latent image on the film 
so it becomes visible. The correct conditions for processing must be used 
to obtain an image of the required blackness. The important factors are 
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the concentration of the developer solution, the pH, the temperature and 
the length of time that the film is kept in the developer solution. 

If the film was brought out into daylight at this stage, the unexposed 
parts of the emulsion would turn black and thus destroy the picture. To 
prevent this happening any unchanged silver halides are removed by 
placing the film in a fixer solution, In the early days, strong ammonia was 
used to dissolve the unchanged AgBr. Though this was effective, the smell 
of ammonia in the confined space of a darkroom must have been un- 
pleasant and harmful to the photographer. Nowadays a solution of sodium 
thiosulphate is used as fixer. It forms a soluble complex with silver halides. 


AgBr + 2Na5S;0; — Na:[Ag(S»O1)5] + NaBr 


After fixing, the film can safely be brought out into daylight. Parts 
blackened by silver represent the light parts of the original picture. This is 
therefore a negative. 

To obtain an image with light and dark the right way round, a print must 
be made. Light is passed through the negative onto a piece of paper coated 
with AgBr emulsion. This is then developed and fixed in the same way as 
before. 


(+11) STATE 


The (+11) state is the most stable and important for Cu. Cu?* has the 
electronic configuration d" and has an unpaired electron. Its compounds 
are typically coloured due to d-d spectra and the compounds are para- 
magnetic. CuSO,: 5H5O and many hydrated copper(II) salts (formerly 
called cupric salts) are blue. 

On strong heating, oxosalts such as Cu(NO;); decompose into CuO 
which is black. Very strong heating (>800°C) gives Cu;O. The addition 
of NaOH to a solution containing Cu?* gives a blue precipitate of the 
hydroxide. The hydrated ion [Cu(H;O)«]?* is formed when the hydroxide 
or carbonate are dissolved in acid, or when CuSO, or Cu(NO); are 
dissolved in water. This ion has the characteristic blue colour associated 
with copper salts, and has a distorted octahedral shape. There are two long 
bonds trans to each other, and four short bonds (Figure 27.1). This is 
called tetragonal distortion and is a consequence of the d? configuration. 
The octahedral arrangement causes crystal field splitting of the d orbitals 
on Cu into low energy hg and higher energy e, levels. The nine d 
electrons are arranged (r5,)* and (e,)*. The three e, electrons occupy the 
d,: y; and d.: orbitals, two in one orbital and one in the other. Since the eg 
level is not symmetrically filled, Jahn-Teller distortion occurs. This re- 
moves the degeneracy of the e, and fr orbitals (i.e. they are no longer the 
same energy). Thus the complex is distorted. The d,:_,2 orbital is under the 
influence of four ligands approaching along the directions +x, —x, +y and 
—y. The d.: orbital is under the influence of only two ligands approaching 
along +z and —z. Thus the energy of the d,:_,: orbital is raised more than 
that of the d.» orbital. Because of this, the three electrons in the t», level are 
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Figure 27.1 Tetragonally distorted octahedron, with four short bonds in a square 
planar arrangement, and two long trans bonds. 


arranged (d.2)? (d,2_,2)'. Because the d,» orbital contains two electrons the 
ligands approaching along the +z and —z directions are prevented from 
coming as close to the copper as those approaching along +x, —x, +y and 
—y (see Chapter 7.) 

This distorted octahedral arrangement is common in copper com- 
pounds. For example, the halides CuX; have a distorted rutile (TiO;) 
structure with a coordination number of 6. The bond lengths in the Cu X; 
halides are: 


CuF, 4 bonds 1.93 À and 2 bonds 2.27 À 
CuCl, 4 bonds 2.30 À and 2 bonds 2.95 Å 
CuBr, 4 bonds 2.40 À and 2 bonds 3.18 À 


Similar reasoning to that for the distortion of octahedral Cu?* com- 
plexes also applies to octahedral complexes of any other metal ion where 
the e, orbitals are not symmetrically filled, i.e. when they contain one or 
three electrons. Distortions of this kind are found in: 


Co** and NP*  low-spin | (65, (e,)' 
and Cr^ and Mn** high-spin (65,)? (ep)' 


Aqueous Cu** solutions form many complexes with ammonia 
and amines, such as [Cu(H,O)sNH3]?*, [Cu(H20)4(NH3)2]?*, 
[Cu(H,0)3;(NH3)3]?* and [Cu(H2O)2(NH3)4]?*. It is difficult to add 
a fifth ‘or sixth NH3, though it is possible to make [Cu(NH;);]^* using 
liquid ammonia as solvent. The reason for this is the Jahn- Teller effect 
which distorts the octahedral complex and makes the fifth and sixth bonds 
long and weak. Similarly with the bidentate ligand ethylenediamine (en) 
the complexes [Cu(en)(H;O),]?* and [Cu(en);((H;O);]^ are formed 
quite easily but [Cu(en);]^* is formed only with a large excess of ethyl- 
enediamine. 

The halide complexes show two different stereochemistries. In 
(NH4)2[CuCl4] the [CuCI]^- ion is square planar, but in Cs;[CuCl,] 
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and Cs-[CuBr4] the [CuX;]?- ions have a slightly squashed tetrahedral 
shape. Tetrahedral [CuCl;]"- ions are orange and square planar [CuCl,]^- 
ions are yellow. 

Most Cu( +I) complexes and compounds have a distorted octahedral 
structure and are blue or green. The metal ion has the d" electronic con- 
figuration, This leaves only one ‘hole’ into which an electron may be 
promoted, so the spectra should be similar to the d' case (e.g. Ti^*) and 
have a single broad absorption band. This is observed, and these com- 
plexes absorb in the region 11000—16000cm-'. However, octahedral 
complexes of Cu" are appreciably distorted (Jahn- Teller effect) so there 
is more than one peak. These overlap so the band is not symmetrical. It is 
not possible to assign the peaks unambiguously. The anhydrous salts of 
CuF, and CuSO; are, perhaps surprisingly, white. 

For many years no anhydrous nitrates of the transition metals were 
known. Heating the hydrated salts simply decomposed them. Water is a 
stronger ligand than the nitrate group, and so a hydrated nitrate prepared 
in aqueous solution will lose nitrate groups rather than water on heating. 
The remedy is to prepare anhydrous nitrates without water rather than 
attempting to remove water from hydrated salts. Many anhydrous nitrates 
have now been prepared using a non-aqueous solvent such as liquid 
N50, 

Anhydrous copper(II) nitrate can be made by dissolving Cu metal 
in a solution of N5O, in ethyl acetate. The reaction is vigorous, and 
Cu(NO);- N50, is crystallized from the solution. This has the structure 
NO" [Cu(NO;);]". Heating to 90°C drives off N5O, and gives blue an- 
hydrous Cu(NO;)>. Anhydrous Cu(NO4); can be sublimed at 150—200?C, 
and has an unusual crystal structure. There are two different crystalline 
forms. The structure of one of the two solid forms shows infinite chains of 
Cu amd NO; groups. Each Cu forms two short Cu—O bonds (1.9 A), and 
the Cu is coordinated to six more oxygen atoms in other chains, forming 
longer bonds (2.5 A), making Cu eight-coordinate (Figure 27.2). In the 
vapour, Cu(NO,)> is monomeric. 

Copper(II) acetate is dimeric and hydrated, Cu;(CH3COO),- 2H;O. 
The structure (Figure 27.3) is similar to that of the carboxylate complexes 
of Cr", Mo", Rh" and Ru", but there is an important difference. The 
structure consists of two Cu atoms each with a roughly octahedral struc- 
ture. The four acetate groups act as bridging ligands between the two Cu 
atoms. Thus O atoms from the acetate groups occupy four positions (in a 
square plane) round each Cu. The fifth position round each Cu is occupied 
by the O atom from a water molecule. The other Cu atom occupies the 
sixth of the octahedral positions. So far the structure is the same as that of 
chromous acetate. The difference is that the Cu—Cu distance is 2.64 A, 
which is significantly longer than the distance of 2.55 A found in metallic 
copper. Thus Cu does not form a M—M bond, whereas Cr and the other 
metals which form carboxylate complexes do form M—M bonds. The Cu"! 
ions in this complex have a d" configuration with one unpaired electron. If 
the two Cu ions form a metal-metal bond these electrons will be paired 
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Figure 27.2 The crystal structure of one form of anhydrous Cu(NO3)2. (S.C. Wall- 
work, Proc. Chem. Soc. (London), 34, 1959.) 
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Figure 27.3 Structure of (Cu(CH;: COO); - H20);. 


and the complex will be diamagnetic. If they do not form a bond then the 
complex will be paramagnetic. However, the magnetic moment measured 
at 25°C is 1.4 BM per Cu atom, rather than the spin only value of 1.73 BM. 
This suggests that there is an ‘interaction’ or weak coupling of the unpaired 
spins on the two Cu atoms in this complex. This is thought to involve 
lateral overlap of the 3d,2_,» orbitals on the copper atoms, and is some- 
times called 6 bonding. 

Ag(--II) is known as the fluoride AgF. This is a brown solid and is 
made by heating Ag in F}. AgF; is a strong oxidizing agent, and a good 
fluorinating agent like CoF3. It decomposes on heating: 


AgF; =, AgF + JF; 


CHIT) STATE 


Ag" is more stable in complexes such as [Ag(pyridine),]^*, 
[Ag(dipyridyl);]^* and [Ag(ortho-phenanthroline);]^* which form 
stable salts with non-reducing anions such as NO; and CIO;. They 
are usually prepared by oxidizing a solution of Ag* and the ligand 
with potassium persulphate. The complexes are square planar and 
paramagnetic. 

A black oxide of formula AgO is formed by strong oxidation of Ag,O 
in alkaline solution. Ag" has a d? configuration and must be paramagne- 
tic, but AgO is diamagnetic. AgO does not contain Ag(+II), but is a 
mixed oxide Ag'Ag!!!O;. 

Au(+II) probably occurs in dithiolene compounds and in 
[Au(BoC2H;1)2} 7, but otherwise it only exists as a transient 
intermediate. 


(+) STATE 


The (+III) state is uncommon for Cu and Ag. In alkaline solution Cu?* 
can be oxidized to KCul'O,, and if a fused mixture of KCI/CuCl, is 
fluorinated, Ks[Cu'"F;] is formed. Strong oxidation with periodic acid 
(H5106) gives K;Cu'' (IO,);- 7H5O. Fluorination of a fused mixture of 
alkali metal halide and silver halide gives M*[Ag'"F,]", and electrolytic 
oxidation of Ag* can give impure Ag O03. Oxidation of alkaline Ag;O 
with persulphate gives the mixed oxide Ag'Ag''O;. Persulphate in 
the presence of periodate or tellurate ions gives compounds such as 
K;H[Ag'! (IO,);] and Na;Hs[Ag"'(TeO;);]. These compounds are all 
unstable and are strong oxidizing agents. 

In contrast, Au(--III) is the most common state for gold. There are few 
simple compounds, and these do not contain Au** ions. Au'! has a d* 
configuration like Pt", and like Pt it forms square planar complexes. 
These compounds decompose to the metal quite readily on heating. 
[Au''CL]- + OH- > Au(OH); SII ACIES Au + Au;O + O 

All the halides AuX; are known. AuCl is made from the elements, or 
by dissolving gold in aqua regia and evaporating. 


Au + HNO, + HCI > H30* [AuCl,]- :3H;0 > AuCl; 


AuBr; is made from the elements and Aul; is made, from the bromide. 
AuF; can only be formed with a strong fluorinating agent: 


Au + BrF; — AuF3 


The fluoride is made up of square planar AUF, units linked into a chain by 
cis fluoride bridges. The chloride and bromide are dimeric. 


832 


GROUP 11 - THE COPPER GROUP: COINAGE METALS 


cl cl cl 


cl CI cl 


The ‘liquid gold’ used to decorate picture frames, glass and ceramic 
ornaments is a chloro complex of Au’ dissolved in an organic solvent. 
The complex is probably polymeric, and possibly a cluster compound. 
When ‘liquid gold’ is heated it decomposes, leaving a film of metallic gold. 

Hydrated gold oxide is amphoteric. It dissolves in alkalis to give salts 
such as sodium aurate NaAuO; : H5O, and in strong acids to give H[AuCl,], 
H[Au(NO:);] and H[Au(SO,)2]. Cationic Au(+III) complexes are also 
known, e.g. [Au(NH3)4](NO3)3 which is square planar. The complexes 
are generally square planar, and more stable than the simple compounds, 
The dialkyls R,AuX where X = CI^, Br^, CN^, SOS. are stable organo- 
metallic compounds with strong Au—C bonds. The halides are dimeric 
and the cyanides are tetrameric. 


R R 
| | 
R—Au—C=N—Au—R 
R cl R | | 
"n © C 
Au Au Ill I 
N N N 
R CI R | | 
R—Au—C=N—Au—R 
| | 
R R 
(+V) STATE 


AuF; is the only (+V) compound known. It is formed as a dark red dia- 
magnetic polymeric solid by warming O2AuF, and condensing the product 
on a ‘cold finger’. The compound is unstable, and decomposes to AuF; and 
F, above 60°C. 


Au + 3F, 4 O 370°C 


OAuFę > AuF; + $F) + O; 


high pressure 


BIOLOGICAL ROLE OF COPPER 


Copper is essential to life and adult humans contain about 100 mg. This is 
the third largest amount of a transition metal, after Fe (4 g) and Zn (2g). 
Though small amounts of Cu are essential, larger amounts are toxic. 
About 4-5mg of Cu are required daily in the diet, and deficiency in 
animals results in the inability to use iron stored in the liver. Thus the 
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animal suffers from anaemia. The Cu is bound to proteins in the body 
either as metalloproteins or as enzymes. Examples include various oxi- 
dases and blue proteins. These include: 


1. Amine oxidases (oxidation of amines). 

2. Ascorbate oxidase (oxidation of ascorbic acid). 

3. Cytochrome oxidase (acts with haem as the terminal oxidase step). 

4. Galactose oxidase (oxidation of an OH group to CHO in the mono- 
saccharide galactose). 


Copper is also important in; 


1. Lysine oxidase, which affects the elasticity of aortic walls. 
2. Dopamine hydroxylase, which affects brain function. 

3. Tyrosinase, which affects skin pigmentation. 

4. Ceruloplasmin, which plays a role in Fe metabolism. 


Wilson's disease is a hereditary shortage of ceruloplasmin, causing Cu 
accumulation in the liver, kidneys and brain. This disease is treated by 
feeding the patient with a chelating agent such as EDTA. The Cu forms a 
complex and is excreted. At the same time many other essential metals 
involved in other enzyme systems form EDTA complexes and are ex- 
creted. The treatment would thus upset many different enzyme systems, 
so the required metals must be replaced in the diet and treatment must be 
very carefully monitored. 

Haemocyanin is a copper containing protein which is important as an 
oxygen carrier in some invertebrate animals. Despite its name it is a non- 
haem protein. The molecular weight is roughly one million, and the 
molecule contains two Cu! ions. Despite the d? configuration of Cu?* the 
molecule is diamagnetic because of strong antiferromagnetic coupling 
between the copper ions. Haemocyanin is found in the blood of snails, 
crabs, lobsters, octapuses, and scorpions. The oxygenated haemocyanins 
are blue coloured (unlike human blood), and have one dioxygen molecule 
attached to two Cu atoms. Deoxygenated haemocyanin contains Cu! and 
is also blue. 

There are several blue proteins which contain Cu. They act as electron 
transfer agents by means of a Cu?*/Cu* couple. Their colour is much 
more intense than would be expected for d-d spectra. The colour is 
thought to be caused by charge transfer between Cu and S. Examples 
include plastocyanin and azurin. Plastocyanin occurs in the chloroplasts 
of green plants, has a molecular weight of about 10500 and contains one 
Cu atom, It is important in photosynthesis as an electron carrier. Azurin is 
found in bacteria. It contains one Cu per molecule and is structurally 
similar to plastocyanin, but it has a molecular weight of about 16000. 
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Group 12 — the zinc group 


Table 28.1 Electronic structures and oxidation states 


Element Electronic structure Oxidation states* 
Zinc Zn [Ar] 34? 45? I 
Cadmium Cd [Kr] 4d"? 5s? I 
Mercury Hg [Xe] 4/'* 5d" 65? IH 


* The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normal' type. 


INTRODUCTION 


These elements all have a d'? s$? electronic arrangement and they typically 
form M?* ions. However, many of their compounds are appreciably 
covalent. Hg(+II) compounds are more covalent and its complexes are 
more stable than is the case for Zn and Cd. Because these ions have a 
complete d shell, they do not behave as typical transition metals. Though 
the ions are divalent, they show only slight similarity with Group 2 
elements. Thus Zn shows some similarities to Mg. However, Zn is more 
dense and less reactive due to its smaller radius and higher nuclear charge. 
Also Zn has a much stronger tendency to form covalent compounds. Zn 
and Cd are broadly similar in most of their properties. The behaviour of 
Hg differs appreciably from that of Zn and Cd. In many ways Hg is unique. 
It is a liquid at room temperature, it is noble, and it forms 'apparently 
univalent’ mercury(I) compounds. Mercury is the only element in the 
group with a well established (+I) oxidation state. The increased stability 
of the lowest oxidation state in the heaviest element in the group is more 
typical of the p-block elements than the transition elements. 

Zn is produced on a large scale. In 1992, 7.3 million tonnes of the metal 
were produced. It is mostly used as a metal for rustproofing, for casting and 
for making alloys. ZnO is also important commercially. 

Zinc has an important role in several enzymes. Biologically it is the 
second most important transition metal. 
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ABUNDANCE AND OCCURRENCE 


Zn occurs in the earth's crust to the extent of 132 ppm by weight. It is the 
twenty-fourth most abundant element. World production of Zn was 7.3 
million tonnes in 1992. The main regions where it is mined are Canada 
18%, Australia 14%, China 10%, and the Soviet Union, Peru and the 
USA 8% each. Cd production in 1992 was 20700 tonnes, and Hg 
production was 3200 tonnes. Cd and Hg are quite rare. In spite of this 
the elements are familiar because their extraction and purification are 
simple. 


Table.28.2 Abundance of the elements in the 
earth's crust, by weight 


ppm Relative abundance 
Zn 76 24 
Cd 0.16 65 
Hg 0.08 - 


When the'earth was formed Zn was deposited as sulphides. ZnS is mined 
and is called sphaelerite in the USA and zinc blende in Europe. The 
structure is like that of diamond with half the positions occupied by S and 
half by Zn or some other metal. Sphaelerite almost always contains iron, 
and the formula may be written (ZnFe)S. This commonly occurs with 
galena PbS. Hydrothermal weathering of the sulphides gave deposits of 


carbonates and silicates. ZnCO; is another important ore. It is called | 


smithsonite in the USA (after James Smithson the founder of the Smith- 
sonian Institution in Washington DC), but ZnCO, is called calamine in 
Europe. Hemimorphite Zn4(OH),(SizO,) - H20 is less important commer- 
cially but is an interesting example of a pyrosilicate.In 1988 the main 
sources of ores were Canada 19%, the USSR 13.5%, Australia 11%, and 
China and Peru 7% each. Cadmium ores are very rare. Cd is found as 
traces in Zn ores and it is extracted from these. Hg is mined as the rather 
scarce ore cinnabar HgS mainly in the USSR, Spain, Mexico and Algeria. 


EXTRACTION AND USES 


Extraction of zinc 


Zinc ores (mainly ZnS) are concentrated by flotation, then roasted in air to 
give ZnO and SO;. (The SO; is used to make H,SO,.) Zn is extracted 
from the oxide by two different processes. 


1. ZnO may be reduced by carbon monoxide at 1200°C in a smelter. The 
reaction is reversible, and the high temperature is required to move 
the equilibrium to the right. At this temperature the Zn is gaseous. If 
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the gaseous mixture of Zn and CO, was simply removed from the 
furnace and cooled, then some reoxidation of Zn would occur. Thus the 
zinc powder obtained would contain large amounts of ZnO. 


ZnO + CO = Zn + CO; 


Modern smelters minimize the reoxidation in two ways: 

(a) by having excess carbon, so the CO, formed is converted to CO. 

(b) by shock cooling the gases leaving the smelter so they do not have 
time to attain equilibrium. This rapid cooling is achieved by spray- 
ing the hot gas with droplets of molten lead. This gives 99% pure 
Zn. Any cadmium present can be separated by distillation. 

2. Alternatively ZnS is heated in air at a lower temperature, yielding 
ZnO and ZnSO,. These are dissolved in H?SO,. Zn dust is added to 
precipitate Cd, and then the ZnSO, solution is electrolysed to give pure 
Zn. The electrolytic process is expensive and is not used in the UK. 


Extraction of cadmium 


Cd is found as traces (2-3 parts per thousand) in most Zn ores, and is 
extracted from these. The ore is treated and yields a solution of ZnSO, 
containing a small amount of CdSO,. Cd is recovered by adding a more 
electropositive metal (i.e. one higher in the electrochemical series) to 
displace it from solution. Zn powder is added to the ZnSO,/CdSO, 
solution, when the Zn dissolves and Cd metal is precipitated. Zn is higher 
in the electrochemical series than Cd, and elements high in the series 
displace elements lower in the series. 


Zn(oiay + Cd(soturion) > ZNGoturion) + Cdisoig E° = 0,36 V 


The Cd concentrate so obtained is then dissolved in H5SO,, and purified by 
electrolysis. The Zn is recovered from the ZnSO, solution by electrolysis. 


Extraction of mercury 


Hg is also scarce. It is mined as the bright red coloured ore cinnabar HgS 
mainly in the USSR, Spain, Mexico and Algeria. Sometimes droplets of 
Hg are found in these ores. The ore is crushed and as HgS has a very high 
density (8.1 g cm ^?) it is separated from other rocks and concentrated by 
sedimentation. If the ore is lean, it is heated in air. The Hg vapour formed 
is condensed, and the SO; is used to make H5SO,. 


HgS + 0,5 He + SO, 


Pich ores are heated with scrap iron or quicklime. 


HgS + Fe — Hg + FeS 
4HgS + CaO — 4Hg + CaSO, + 3CaS 


continued overleaf 
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Hg obtained in this way may contain traces of other metals dissolved in it, 
particularly Pb, Zn and Cd. Very pure Hg may be obtained by blowing air 
through the metal at 250°C, when traces of other metals form oxides. 
These oxides float on the surface and are easily removed: 


1. By scraping them off the surface as scum 

2. By treatment with dilute HNO3, when the oxides dissolve 

3. Hg can be purified and separated from the other metals and oxides by 
distillation. The boiling points are: Pb, 1751°C; Zn, 908 °C; Cd, 765°C; 
Hg, 357°C. 


Uses of zinc 


Zn is used in large amounts for coating iron to prevent it from rusting. A 
thin coating of Zn may be applied electrolytically (galvanizing). Thicker 
layers may be applied by hot-dipping (dipping the metal in molten zinc). 
The latter process is misleadingly called ‘hot galvanizing’. Alternatively the 
object may be coated with powdered Zn and heated (Sherardizing), or 
sprayed with molten Zn. Large amounts of Zn are used to make alloys. 
The most common alloy is brass (a Cu/Zn alloy with 20-50% Zn). Zinc is 
the most widely used metal for casting metal parts. Zinc is also used as the 
negative électrode in sealed ‘dry’ batteries (Leclanché cells, mercury cells 
and alkaline manganese cells). ZnO is sometimes used as a white pigment 
in paint. It is particularly bright as it absorbs UV light and re-emits it as 
white light. 


Uses of cadmium 


Most of the Cd produced is used for protecting steel from corrosion. It is 
applied electrolytically by Cd plating. Cd absorbs neutrons very well, and 
is used to make control rods for nuclear reactors. Cd is also used for 
alkaline Ni/Cd storage batteries used both in diesel locomotives, and also 
as the ‘nicad’ rechargeable ‘dry batteries’ used in radios and electrical 
appliances. CdS is an important but expensive yellow pigment. This is used 
in paint. 


Uses of mercury 


The largest use of mercury is in electrolytic cells for the production of 
NaOH and Cl). The electrical industry uses Hg in mercury vapour street 
lights, switches and rectifiers. Historically Hg has been, and still is, used in 
the extraction of precious metals (particularly silver and gold) as amalgams. 
Phenyl mercury(II) acetate and other oganomercury compounds have 
fungicidal and germicidal properties. They are sometimes used in agricul- 
ture for treating seeds. Mercury(I) chloride [Hg;]Cl; is used for treating 
club-root, a disease in brassicas (the cabbage family of plants). HgO has 
been used in antifouling paints for ships, etc. HgCl» is used to make organo 
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derivatives. All Hg compounds are toxic, but the organo compounds are 
extremely dangerous and have lasting ecological effects. Small scale uses of 
mercury include thermometers, barometers and manometérs, amalgams 
as a detonator (mercury fulminate) and in some medicines. i 


OXIDATION STATES 


The elements in this group all have two s electrons beyond a completed d 
shell. Removal of the s electrons results in divalent compounds, and the 
(+I) oxidation state is characteristic of the group. 

Hg(+1) compounds are important. The univalent ion Hg* does not 
exist, as mercury(I) compounds are dimerized. Mercury(I) chloride is 
therefore Hg;Cl; and contains [Hg—Hg]** ions. In these, the two Hg* 
species which have a 6s! configuration are bonded together using their s 
electrons. Thus mercury(I) compounds are diamagnetic. Unstable species 
Zn3* abd Cd3* have been detected in fused mixtures such as Cd/CdCly, 
and Cd/CdCL;//AICls. A yellow compound [Cd;][ AICI;]; has been isolated 
from such melts, but it disproportionates instantly in water. 


[Cd] t > Cd?* + Cd 


The normal trend is that on descending a group the bonds become weaker 
because the orbitals are larger and moie diffuse. Thus overlap is less 
effective. The reverse trend is observed in this group. The Hg—Hg bond is 
much stronger than the Cd— Cd bond. This is because the first ionization 
energy of Hg is much higher than for Cd (Table 28.4), and hence Hg shares 
electrons more readily. 

Oxidation states higher than (--II) do not occur. This is because removal 
of more electrons would destroy the symmetry of a completed d shell. 


SIZE 


The ionic radii of the M?* ions of Group 12 are appreciably smaller than 
for the corresponding elements in Group 2. This is because Zn, Cd and 
Hg have 10 d electrons which shield the nuclear charge rather poorly. The 
difference in size accounts for the lack of similarity in properties 
between the two groups. 
100À Zn = 0.744 
-118À  Cd'*-095À 

Ba? —135À | Hg*-102À 
The lanthanide contraction results in the size of the second and third 
row transition elements being nearly the same. With earlier pairs of 
transition elements, Zr/Hf and Nb/Ta, the sizes were particularly close. 


With Cd/Hg the effect of the lanthanide contraction is still felt, but to a 
much smaller degree. Hg?* is larger than Cd?* but the increase is size is 
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Table 28.3 Some physical properties 


Covalent Ionic Melting Boiling Density Pauling's 

radius radius point point electro- 

(A) M** (A) (C) (°C) (gem™) negativity 
Zn 1.25 0.740 420 907 7.14 1.6 
Cd 1.41 0.95 321 765 8.65 iss 
Hg 1.44 1.02 539. 357 13.534 1.9 


eee 


smaller than that between Zn?* and Cd?*. The chemical evidence is 
that Cd and Hg are dissimilar. 


IONIZATION ENERGIES 


The first ionization energy for Group 12 elements (Table 28.4) is consider- 
ably higher than for the corresponding Group 2 elements. This is because 
the atoms are smaller and the filled d level is poorly shielding. The filled 4/ 
shell in Hg further increases the binding energy of the outer electrons, and 
the first ionization energy for Hg is greater than for any other metal. The 
second ionization energies are high, but M?* ions are known for all three 
elements as the solvation or lattice energy is sufficient to offset this. 
Mercury tends to form covalent compounds. The third ionization energies 
are so high that (+III) compounds do not exist. 


Table 28.4 Promotion and ionization energies 


Promotion energy Ionization energy 
ss sip! (kJ mol~!) 
(kJ mol!) Ist 2nd 3rd 
Zn 433 906 1733 3831 
Cd 408 876 1631 3616 
Hg 524 1007 1810 3302 


GENERAL PROPERTIES 


Zn, Cd and Hg show few of the properties associated with typical transition 
elements. This is because they have a complete d shell, which is not 
available for bonding. 


1. Zn and Cd do not show variable valency. 

2. They have a d"? electronic configuration and so cannot produce d-d 
spectra. Thus many of their compounds are white. However, some 
compounds of Hg(+II) and a smaller number of Cd(--Il) are highly 
coloured due to charge transfer from the ligands to the metal. (The 
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metals of this group are smaller and thus have a greater polarizing 
power than Group 2 metals. This increases the chance of covalency and 
also the chance of charge transfer.) 

3. The metals are relatively soft compared with the other transition 
metals. This is probably because the d electrons do not participate in 
metallic bonding. 

4. The melting and boiling points are very low. This explains why the 
metals are more reactive than the copper group, even though the 
ionization energies for the two groups suggest the reverse. (Nobility is 
favoured by a high heat of sublimation, a high ionization energy and a 
low heat of hydration.) 


Mercury is the only metal which is liquid at room temperature. The 
reason for this is that the very high ionization energy makes it difficult for 
electrons to participate in metallic bonding. The liquid has an appreciable 
vapour pressure at room temperature. Thus exposed mercury surfaces 
should always be covered (for example with toluene), to prevent vaporiza- 
tion, and hence poisoning. The gas is unusual because it is monatomic like 
the noble gases. 

Similarities between Group 2 elements with an outer electronic struc- 
ture s? and the zinc group an outer electronic structure d's are slight. 
Both groups are divalent. The hydrated sulphates are isomorphous, and 
double salts such as K,SO,-HgSO,-6H2O are analogous to K,SO,- 
MgSO,-6H5O. However, the zinc group is more noble, more covalent, 
has a much greater ability to form complexes and is less basic. 


STANDARD REDUCTION POTENTIALS (VOLTS) 


Acid solution - 


Oxidation state 
+H +1 0 +i + 


54 +0.91, +0.79 
gi agre Hg 


+0.85 


The reactivity decreases from Zn to Cd to Hg. This is shown by their 
standard reduction potentials. Zn and Cd are electropositive metals. Hg 
has a positive potential and is therefore quite noble. The large difference 
between Cd and Hg may be partly explained by Hg having the highest first 
ionization energy of any metal, and by the higher solvation energy of Cdi 


Zm* *2e— Zn E°= —0.76V 
Cd +2e>Cd | E?*- -0.40V 
but Hg*-2e— Hg  E*- +0.85V 
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Zn and Cd are silvery solids which tarnish rapidly in moist air. Hg is a 
silvery liquid and does not tarnish readily. Zn and Cd dissolve in dilute 
non-oxidizing acids, liberating H2, but Hg does not. All three metals react 
with oxidizing acids such as concentrated HNO; and concentrated H5SO,, 
forming salts and evolving a mixture of oxides of nitrogen and SO2. Under 
these conditions Hg forms (+11) salts, but with dilute HNO, a mercury(I) 
salt Hgo(NO3)2 is slowly formed. 

Zn is the only element in the group which shows any amphoteric proper- 
ties, and it is soluble in alkalis, forming zincates. These are formulated 
Na,[Zn(OH),], Na[Zn(OH)3- H20] or Na[Zn(OH);-(H2O)3] similar to 
aluminates. 

All three metals form oxides MO, sulphides MS and halides MX; by 
heating the elements. On stronger heating HgO decomposes, and this has 
been used as a preparation of O;. 

Hg + 0; 25, ngo 7", Hg + O, 
All three elements form insoluble sulphides. In qualitative analysis CdS 
(yellow) and HgS (black) are precipitated by passing H5S into acidified 
solutions. ZnS (white) is more soluble and is precipitated by H5S only from 
alkaline solutions. ZnCl, and CdCl, are ionic, but HgCl, is covalent. The 
energy to promote an s electron to a p level prior to forming two covalent 
bonds decreases from Zn to Cd, but rather surprisingly increases from Cd 
to Hg. Zn and Cd react with P to give phosphides, but Hg does not. 

All three metals form alloys with several other metals. Those formed by 
Cu and Zn are called brass, and different brasses have from 20% to 50% 
Zn. These are commercially important. Alloys of other metals with Hg are 
called amalgams. Sodium amalgam is produced in the mercury cathode cell 
in the manufacture of NaOH. Both zinc and sodium amalgams are used as 
strong reducing agents in the laboratory. Many of the first row transition 
elements do not form amalgams, and Mn, Cu and Zn are the only ones to 
do so. The heavier transition elements form amalgams quite readily. 

In a vertical group in the d-block the second and third row elements are 
very similar in both size and chemical properties and differ from the first 
row element. In this group Zn and Cd are very similar and differ 
considerably from Hg. 


OXIDES 


ZnO is the only oxide of commercial importance. Its main use is in the 
production of rubber since it shortens the time taken for vulcanization to 
occur. ZnO is also used as a white pigment in paint. It is much less used for 
this purpose than is TiO}, which has a higher refractive index and hence 
a better covering power. ZnO is the starting point for making other Zn 
compounds such as zinc stearate and zinc palmitate. These two compounds 
are ‘soaps’ and are used to stabilize plastics and to make paint dry. World 
production of ZnO was 366500 tonnes in 1991. 


| DIHALIDES 
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Basic properties increase down the group. ZnO is amphoteric. It dis- 
solves in acids, forming salts, and in alkali, forming zincates such as 
[Zn(OH),- and [Zn(OH),- H2O]". Addition of alkali to an aqueous 
solution of a Zn^* salt first gives a white gelatinous precipitate of 
Zn(OH), which redissolves in excess alkali, forming zincates. CdO is 
largely basic, but with very strong alkali Na?[Cd(OH),] is formed. Both 
Zn(OH), and Cd(OH), dissolve in excess ammonia, giving ammine com- 
plexes. HgO is completely basic. 

All three oxides are formed by direct combination of the elements or by 
heating the nitrates. ZnO and CdO both sublime, showing that they are 
appreciably covalent. HgO does not sublime as it decomposes on heating. 

2HgO Seta oi^ EO, 
The thermal stability of the oxides thus decreases from Zn to Cd to Hg. 

ZnO is white when cold but turns yellow on heating. It returns to white 
on cooling. CdO may be yellow, green or brown at room temperature, 
depending on its previous heat treatment. However, it is white at liquid air 
temperature. These divalent compounds have a complete d shell, so the 
colour is not from d-d spectra. Their colour is due to defects in the solid 
structure. (On heating ZnO it loses O.) The number of defects increases 
with temperature and is zero at absolute zero (see Chapter 3). HgO exists 
in red and yellow forms. 

Addition of a base to a solution of the salts precipitates Zn(OH)2, 
Cd(OH), and a yellow form of HgO, not Hg(OH),. The yellow form of 
HgO has the same crystal structure as the more common red form which is 
formed by heating the elements or Hg(NO;);. The difference in colour 
is due to the particle size. 

When Zn(OH); and Cd(OH), are treated with H20, they form per- 
oxides which have variable compositions. 


DIHALIDES 


All 12 dihalides MX; are known. The fluorides have. appreciably higher 
melting points than the other halides, and the fluorides are ionic. The 
melting points of the chlorides, bromides and iodides are fairly low. This 


suggests that they are partly covalent. ; Whe 
ZnF;, CdF, and HgF> are white solids and are considerably more ionic 


Table 28.5 Dihalides and their melting points 


ZnF, 872°C CdF, 1049*C HgF, 645°C (decomp.) 
ZnCl, 283°C CdCl, 568°C HgCl, 276°C 
ZnBr; 394°C CdBr, 567°C HgBr; 236°C 


ZnL 446°C Cd 387°C HgL 259°C 
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and have higher melting points than the other halides. They are not very 
soluble in water. This is partly because of their higher lattice energies, and 
partly because they do not form halogen complexes in solution. ZnF; has 
the rutile (TiO) structure in which Zn?* is octahedrally surrounded by six 
F- ions. The larger Cd^* and Hg** ions are eight-coordinate with a 
fluorite (CaF2) structure. 

ZnCb, ZnBr, and Znl, may be considered as close-packed arrays of 
halide ions, with Zn?* ions occupying one quarter of the tetrahedral holes. 
The CdX, compounds are close-packed arrays of halide ions with Cd^* 
occupying half the octahedral holes. There is a considerable amount of 
polarization, and the crystal lattices are not completely regular as expected 
for ionic compounds. CdCl, and Cdl, form slightly different layer lattices, 
in which Cd?” ions occupy all the octahedral holes in one layer, and none 
in the next. This illustrates that they are partly covalent (see Chapter 3). In 
contrast HgCl,, HgBr2 and Hgl, are covalent with low melting points. 
HgCl; solid contains linear C_—Hg—Cl molecules with a bond length 
Hg— Cl of 2.25 A. There is little interaction between the Hg and Cl atoms 
other than between the Hg and the two Cl, atoms it is closely associated 
with (interatomic distance 3.34 A). HgBr; and Hgl form layer lattices. 

The halides are all white except for CdBr which is pale yellow, and Hgl; 
which exists in red and yellow forms. The colour is due to charge transfer. 

The chlorides, bromides and iodides of Zn and Cd are hygroscopic, and 
are very soluble in water. The solubilities are: 


ZnCl, 432g in 100g water at 25°C 
CdCl, 140g in 100g water at 20°C 


The high solubility is partly because the crystal lattice is not very strong 
(hence the low melting points). Another reason for the high solubility is 
that the metal ions form a variety of complexes in solution such as 
[Zn(H20),]?*, ZnCh hydrated), ZAClyurateay and [ZnCl(H20)s]"". Solu- 
tions of Zn^* and Cd^* salts are acidic, because of hydrolysis: 

H20 + [Zn(H;O),]^* > [Zn(H,O);OH]* + H0* 
Concentrated solutions of ZnCl, are corrosive, and dissolve paper. ZnCl, 
is commercially important and is used for treating textiles. ZnCl, is also 
used as a flux for soldering. This is sometimes called killed salts and it 
dissolves metal oxides, thus allowing the solder to stick to a clean metal 
surface. 

Zn salts are usually hydrated. Cd salts are less hydrated and when the 
halides dissolve they do not ionize completely, and may undergo self- 
complexing. Thus Cdl, may give a mixture of hydrated Cd?*, Cal", 
[Cdl;]- and [CdL;J^- in solution, the proportions depending on the con- 
centration. Mercury(II) salts are usually anhydrous and do not ionize 
appreciably on dissolution in water. HgCl, is called corrosive sublimate. lt 
was made by heating HgSO, and NaCl and has been used as an antiseptic 
since the Middle Ages. It is very poisonous. However, calomel Hg>Cl, is 
used in medicine as a powerful laxative. 


E MES COMPLEXES 
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Zn?* and Cd?*-form complexes with O donor ligands and also with N and 
S donor ligands and with halide ions. Hg(--II) forms complexes with N, P 
and S donor ligands, but is reluctant to bond to O. The stability of Hg 
complexes is much greater than that of the other two elements. This is 
unusual because smaller ions usually complex best. No complexes are 
known with bonding ligands such as CO, NO or alkenes. However, Zn 
and Cd do form complexes with CN, e.g. [Zn(CN),]*~. Zn complexes are 
usually colourless, but Hg complexes (and to a lesser extent Cd complexes) 
are often coloured because of charge transfer. Coordination numbers from 
2 to 8 are known. Since the elements have a d!° configuration there is no 
crystal field stabilization energy. 

Zn" and Cd" occur largely in four-coordination as tetrahedral complexes. 
Many tetrahedral complexes are known (e.g. [MCL], [M(H20),]**, 
[M(NH3),*, [M(NH3)2(Cl)2], [Zn(CN)4P^, [Zn(pyridine)zCl] and 
[Cd(pyridine);Cl;]). In [Zn(NCS),]** the ligand is bonded through N, but 
in {Cd(SCN),}?* the ligands bond through S. 

Zn and Cd form several six-coordinate octahedral complexes such as 
(M(H20),]?*, [M(NH3)g?*, [M(ethylenediamine)3]’* and [Cd(ortho- 
phenanthroline)s]^*. The octahedral complexes of Zn are not very stable, 
but Cd forms octahedral complexes more readily and they are more stable 
than those of Zn because Cd is larger. 

Most Hg" complexes are octahedral. These are appreciably distorted 
with two short bonds and four long bonds..In the extreme this distortion 
results in only two bonds. Examples of this are the compounds Hg(CN); 
and Hg(SCN); and the complex [Hg(NH3);]Cb. The latter contains the 
linear [H,;N—Hg—NH,J** ion. Hg" also forms some tetrahedral com- 
plexes (e.g. [Hg(SCN)4]^- and halide complexes such as Ko[Hgl;]). The 
latter is used as Nessler's reagent for the detection and quantitative deter- 
mination of ammonia in solution. Nessler's reagent gives a yellow colour or 
brown precipitate with concentrations as low as 1 part per million of NH3. 
This test is used on drinking water. The presence of NH{ ions in water at 
this concentration is not in itself harmful, but it may indicate contamina- 
tion of the water with sewage. Mercury(II) chloride in solution is mainly 
HgCl, but [HgCl,]?~ can be formed if CI- are in excess. In the Hg 
complexes, two ligands are held more strongly than the others, and some 
ammine complexes lose ammonia from the solid. 


[Hg(NH3)4(NO3); > [Hg(NH3)2](NO3)2 + 2NHs 


Two-coordinate complexes are rare for Zn and Cd. 

Three-coordination is rare but an example is [HgI;] . Five-coordination 
is not common, but examples include [CdCl;}?~ and [Zn(terpyridyl)CL], 
which have a trigonal bipyramid shape. There are a few complexes with 
coordination numbers of 7 and 8. Examples of coordination number 8 are 
[Zn(NO3)4]?~ and [Hg(NO3)4]*_. These involve bidentate O donor ligands 
with a small ‘bite’ such as NO; , in which two O atoms occupy coordination 
positions. 
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Ac 
[9 
Zn = Zn 
AC Ac 
Zn 


Figure 28.1 Structure of basic zinc acetate (CHyCOO),: Zn4O. 


Zinc forms basic zinc acetate (CH3;COO),- Zn4O, a complex very like 
basic beryllium acetate both in structure and properties (see Figure 28.1). 
The zinc complex hydrolyses more readily than the beryllium complex, as 
zinc can increase its coordination number to 6. 


MERCURY(+1) COMPOUNDS 


Only a few Hg(I) compounds (formerly called mercurous compounds) are 
known. They contain the ion (Hg—Hg)?*, not Hg*. The two Hg atoms 
are bonded together using the 6s orbitals. Mercury is unique in forming 
stable dinuclear metal ions. The only other metals which form dinuclear 
ions are (Zn—Zn)?* and (Cd—Cd)?*. These ions are unstable and have 
only been detected spectroscopically in melts of Zn/ZnCl; and Cd/CdCl. 

Mercury(I) compounds can be made by reducing the mercury(II) salt 
with the metal. Alternatively mercury(I) nitrate can be made by dissolving 
Hg in dilute HNO;. Other salts are made from this by adding NaHCO, to 
precipitate Hg;COs, and treating this with HCl, HF, H,SOy,, etc. to 
produce the salt required. 

All four mercury(I) halides are known. [Hg;]F» is hydrolysed by water, 
and then disproportionates. 


[Hg?]F; + 2H;0 > 2HF + [Hg;](OH); 


unstable 


disproportionates 
pon 


[Hg;](OH); Hg"O + Hg? + H,O 
[Hg2]Ch. [Hg2]Br. and [Hg;]l; are insoluble in water. The nitrate 
[Hg2](NO3)2-2H2O is soluble in water, and contains the linear [HxO— 
Hg—Hg—OH,]}’* ion, and [Hg;](CIO.); - 4H5O is also soluble. No oxide, 
hydroxide or sulphide is known. 

The standard reduction potentials are so close that oxidizing agents like 
HNO; will convert Hg to Hg* rather than Hg(I) if the oxidizing agent is 
present in excess. 


[ MERCURY (+I) COMPOUNDS 


| [=] 


Hg*—Hg E= +0.85V 
and [He] t= Hg  E° = +0.79V 


The reduction potential diagram shows that [Hg]^* is stable to dispropor- 
tionation by a small margin under standard conditions. 


Hg** + Hg = Hgt | E° = +0.13V 


The equilibrium constant K for the reaction can be calculated from the 
potential E?: 


f? eh 
af nk 


g = Concentration (Hgj?* 


concentration Hg?*.— ^PPIoX- NU 


Thus solutions of mercury(I) compounds contain one Hg?* ion for every 
170 [Hg;]^* ions. The equilibrium is finely balanced. If a reagent is added 
which removes Hg?* from this mixture (by forming either an insoluble 
compound or a complex) then the equilibrium moves to the left. Under 
these conditions (Hg>)** ions disproportionate completely into Hg* 
and Hg. For example, the addition of OH™ or S?- ions gives a precipitate 
of HgO and Hg, or HgS and Hg. The absence of several mercury(I) 
compounds such as hydroxides, sulphides and cyanides is because they 
precipitate Hg?*, and allow disproportionation to occur. Conversely, 
mercury(I) compounds can be made by heating mercury(II) compounds 
with at least a 50% excess of Hg. 


HgCl, + Hg > [Hg3]* Ch 


In qualitative analysis the presence of Hg2Clz in solution is confirmed by 
the formation of a black precipitate when treated with NH4OH. The dark 
residue may be Hg(NHs);Cl;, HeNH;CI or HgiNCI - H20 or a mixture of 
all three together with Hg. 

Mercury(I) ions form few complexes. This is because of the large size of 
the binuclear ion, and because most ligands cause disproportionation. 

Mercury is unique in the Hg(--I) state in that it consists of two directly 
linked metal atoms. The mercury(I) ion thus has the structure [Hg—HgP* 
Evidence for this comes from several sources: 


X-ray diffraction 


The crystal structures of several mercury(I) compounds have been 
determined by X-ray diffraction. For example, consider Hg'Cl. If the 
compounds comprised Hg* and Cl the structure should contain alternate 
Hg* and CI” ions. It does not have this structure, but contains a linear 
arrangement Cl—Hg—Hg—Cl. The other Hg' compounds also have 
Hg—Hg pairs rather than discrete Hg* ions. The Hg—Hg bond length 
varies in different compounds: [Hgz]F;. 2.51 A; [Hg2]Ch. 2.53 A; [Hg;]Br», 
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2.49A; [Hg;]ls. 2.69 A; [Hg2](NOs)2-2H20, 2.54 À; [Hg;]SO,. 2.50 A. 
These are all much shorter than the Hg—Hg distance of 3.00A in solid 
mercury. 


Equilibrium constant 


Equilibrium constants can be measured and provide evidence about the 
species present. Mercury(I) compounds can often be made from the cor- 
responding mercury(II) compound by treatment with mercury. If the 
reaction is: 
Hg(NO;). + Hg — 2HgNO, 
Hg^* + Hg > 2Hg* 


then by the law of mass action 


Het 2 
n — constant 
Experiments have shown this to be untrue. If, however: 
m [Hgy* : 
Hg^* + Hg —> (Hg;) then THe] ^ constant 


This has been verified experimentally, thus proving that mercury(I) ions 
are (Hg3^*, that is (Hg—Hg)^* 


Concentration cell 


Measurement of the e.m.f. of a concentration cell of mercury(I) nitrate 
shows that the mercury(I) ion carries two positive charges. For the cell 
below, the potential E? was measured and found to be 0.029 V at 25°C. 


Hg 0.005M 0.05M Hg 
mercury(I) nitrate mercury(I) nitrate 
in M/10 HNO; in M/10 HNO; 
u) Q) 
2.303RT c 


log 


E- 
nF € 


Substituting values in this equation: 


0.059. — 0.05 
0:029 |e op ees 
2S rS Sec 
hence n-2.0 


The number of charges on the ion n can be calculated since R the gas 
constant, T the absolute temperature, F the Faraday, and cı and c, the 
concentrations of the solutions, are all known. The value of n was 2, 
confirming (Hg;)^* 


POLYCATIONS 
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Raman spectra 


The Raman spectrum for mercury(I) nitrate contains the lines characteris- 
tic of the NO3 group. Similar lines appear in the spectra of many other 
nitrates. Mercury(I) nitrate has an extra line in the spectrum at 171.7 cm^! 
which is attributed to the Hg—Hg bond. Homonuclear stretching of a 
diatomic species is Raman active but not infra-red active. This was the first 
example of Raman spectra identifying a new species. 


Magnetic properties 


All mercury(I) compounds are diamagnetic both in the solid state and in 
solution. Hg* would have an unpaired electron and would be paramagne- 
tic, but in [Hg—Hg]?* the electrons are all paired and it should therefore 
be diamagnetic. 


Cryoscopic measurements 


The depression of freezing point produced depends on the number of 
particles dissolved in the liquid. The observed depression fits for mer- 
cury(I) nitrate ionizing into Hg3* and two NO3 ions, not into Hg* and 
NO;. 


POLYCATIONS 


The compounds Hg;(AICl4)2 and Hg4(AsF,)2 contain cations with three 
and four mercury atoms joined together in an almost linear chain. They 
can be made by reactions such as: 


2Hg + HgCl, + 2AICl; > Hgs(AICI4); 
3Hg + 3AsF; — Hg3(AsFo)2 + AsF3 
4Hg + 3AsF; — Hg,(AsF,)2 + AsF3 


Their crystal stuctures give the following bond lengths in the cations: 


" 2+ 2+ 
[52:23 Á uz 233 Á ng] a i a cee NERIS ug] 
The bond lengths, though not identical, are within the range shown in 
most mercury(I) compounds. The nature of the bonding in these ions is of 
interest. In the mercury(I) Hg3* ion the two Hg atoms are bonded together 
using the 6s orbital. This idea cannot be extended to three or four Hg 
atoms. If the mercury(I) ion was made from a Hg^* ion with a Hg atom 
coordinated to it Hg?* — Hg, then this might be extended to the trimer Hg 
— Hg^* — Hg. However, it is hard to see how a linear tetramer could be 
formed. The answer may lie in multi-centre bonding. An unusual solid 
[Hg» ss(AsF6)]; can be made in liquid SO: 


6n(Hg) + 3n(AsFs) > [Hgz «s( AsFs)], + n(AsF;) 
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The crystal structure contains chains of Hg atoms in the x and y directions. 
The compound conducts electricity almost as well as mercury, and it 
becomes a superconductor at low temperatures. 


ORGANOMETALLIC COMPOUNDS 


The first organometallic compound was Zeise's salt K[Pt(n? — 
C;H;)Ch]H;O. This was isolated in 1825, but remained a chemical 
curiosity. The first useful organometallic compounds were prepared by Sir 
Edward Frankland in 1849, and they found use in organic synthesis. 
These were of two types: 


1. zinc alkyls ZnR; and 
2. alkyl zinc halides RZnX. 


They were originally prepared as follows: 


inert atmosphere 


Ed 4 Zo eee porn S BOZ + Zn; 
N: 
The reaction works best with alkyl or aryl iodides, but it is cheaper to use 
RBr with a Zn/Cu alloy. CO; may also be used as the inert atmosphere. 
The products ZnR; are either covalent liquids or low melting solids. The 
alkyl zinc halides RZnX apparently have the structure: 


These were. used in organic syntheses before Grignard reagents RMgX 
were discovered. Grignard compounds are usually more convenient to 
make and use. 

Organo compounds of Zn and Cd (and also Li and Mg) all decompose 
rapidly on contact with water and air. The Zn and Cd alkyls are 
conveniently prepared from Grignard or alkyl lithium reagents, or alkyl 
mercury compounds. 


CdCl, + 2RMgCI — CdR, + 2MgCl, 
ZnCl, + 2RLi > ZnR; + 2LiCl 
Zn + HgR; — ZnR; + Hg 
If required the Grignard-type compounds can be made as follows: 


CdR, + Cdl, — 2RCdI 


' RZn and R,Cd react in a similar way to Grignard reagents and lithium 


alkyls, but are less reactive and are unaffected by CO . Their lesser 
reactivity allows selective alkylation: 


R-Zn + EtOH — RZnOEt + RH 


| BIOLOGICAL ROLE OF ZINC 
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The most important use of organocadmium compounds is to produce 
ketones. This also exploits the lower reactivity of the Cd alkyls, as 
Grignard reagents would react further with the ketone produced. 


R 
N 
^ R;Cd + 2CH4COCI 5 2 CO + CdCl, 
7 


CH; 


A large number of organomercury compounds are known of types R2Hg 
and monomeric RHgX. They are much more stable to air and water than 
the zinc compounds. They are easily made by Grignard reactions with 
HgCl, in tetrahydrofuran, or by reacting HgX> with a hydrocarbon: 


HgCl, + RMgBr — RHgCI + $MgCl, + JMgBr; 
RHgCl + RMgBr > R2Hg + MgCl; + 4MgBr> 
HgX; + RH — RHgX + HX 
Arylmercury compounds may be prepared from mercury(I) acetate: 
C6H6 + (CH3COO);Hg — C6H5: HgOOC: CH; 


phenylmercury(II) acetate 
Organomercury compounds are important for the preparation of organo- 
metallic compounds of Groups 1 and 2, Al, Ga, Sn, Pb, Sb, Bi, Se, Te. 
Zn and Cd. 


R3Hg + 2Na > 2RNa + Hg 


HgR; compounds are covalent liquids or low melting solids They are 
extremely poisonous. RHgX compounds are solids, and they are ex- 
tremely toxic. Many RHgX compounds, particularly EtHgCl, PhHgCl and 
PhHgOOC > CH;, and Hg(Me); have been widely used for treating seeds, 
and as pesticides and fungicides. 

Mercury(II) salts will add to double bonds in alkenes. 


HgCl, + Noel => aSc- cC nga 
Mercury(II) salts also act as catalysts in the hydration of alkynes (acety- 


lenes). The production of ethanal (acetaldehyde) from ethyne (acetylene) 
is commercially important. 


CH=CH S, cH,=CHOH P9. CH;—CHO 


BIOLOGICAL ROLE OF ZINC 

Zn has an important biological role in the enzyme systems of animals and 
plants. Humans contain about 2g of Zn. This is the second largest amount 
of a transition metal after Fe; 4g. There are about 20 enzymes containing 
Zn, and some of the best known are as follows: 
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1. Carbonic anhydrase, which is present in red blood cells, is involved in 
respiration. It speeds up the absorption of CO; by red blood cells in 
muscles and other tissues, and the reverse reaction involving the release 
of CO, in the lungs. At the same time it regulates the pH. 


CO; + OH“ = HCO; 


2. Carboxypeptidase, which is present in the pancreatic juice, is involved 
in the digestion of proteins by animals, and protein metabolism in plants 
and animals. The enzyme catalyses the hydrolysis of the-terminal 
peptide (amide) link at the carboxyl end of the peptide chain. The 
enzyme is selective. It works only when the group R in the terminal! 
amino acid is aromatic or a branched aliphatic chain, and has the L 
configuration. 


R O R O R O 
I Il I 


| | | 
—CH—C—NH—CH—C—NH—CH—C—OH + H;0 > 


R" O RO ROO 
toni Jeu Jis 
—CH—C—NH—CH—C—OH + NH,—CH—C—OH 


3. Alkaline phosphatase (energy release). 
4. Dehydrogenases and aldolases (sugar metabolism). 
5. Alcohol dehydrogenase (metabolism of alcohol). 


TOXICITY OF CADMIUM AND MERCURY 


It is strange that Zn is an essential element for life, but that the other two 
elements in the group, Cd and Hg, are both extremely toxic. The main 
threat from Cd is in places near Zn smelters, as Cd may escape as dust with 
flue gases. The manufacture of Ni/Cd batteries has caused problems in 
Sweden and Japan. There is also concern at the amount of Cd in cigarette 
smoke. If Cd is ingested it accumulates in the kidneys. It causes mal- 
function of the kidneys and also replaces Zn in some enzymes, thus pre- 
venting them from working. 

Mercury vapour is toxic, and if inhaled can cause giddiness, tremors, 
lung damage and brain damage. In the laboratory, mercury should be 
covered with oil or toluene, and spillages should be treated with flowers 
of sulphur, forming HgS. 

Inorganic compounds such as HgCl, Hg,Clj and HgO are also 
poisonous if eaten. Mercury is a cumulative poison (like Cd, Sn, Pb and 
Sb). Because they have no biological function, there is no mechanism for 
excreting them from the body. Hg"! inhibits enzymes, particularly those 
containing thiol groups. 

These inorganic mercury compounds have been used for controlling the 
growth of slime moulds in wood pulp and paper making factories. They are 
also used in antifouling paints for boats, as a fungicide for treating seeds 
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and plants, and for treating a plant disease called clubroot in brassicas. 
More recently organomercury compounds such as dimethyl mercury 
Hg(Me); and MeHgX have been used for treating seeds against attack by 
fungi. Alkyl mercury compounds such as dimethyl mercury are much more 
toxic than inorganic mercury compounds. Aryl mercury compounds are 
even more dangerous. They cause brain damage giving numbness, loss of 
vision, deafness, madness and death. 

There have been several alarming incidents involving mercury poisoning. 


1. In the early 1900s mercury salts were used in the production of felt hats. 
The dust affected the central nervous system of workers, causing tremor 
of muscles called *hatter's shakes’. This led to the expression ‘mad as a 
hatter'! 

2. More recently 52 people died at Minamata (Japan) in 1952 through 
cating fish contaminated by mercury. The Hg came from losses from a 
factory using Hg" salts to catalyse the production of ethanal (acetal- 
dehyde) from ethyne (acetylene). The HgCl; was converted to an 
organomercurial compound MeHgSMe by anaerobic bacteria in the 
mud on the sea bed. This is concentrated in the food chain. First it is 
taken up by plankton, which is eaten by the fish, and other seafood, 
which in turn is eaten by man. There were outbreaks of mercury 
poisoning in Japan in 1960 and again in 1965 arising through eating 
contaminated shellfish. 

3. Corn seeds which had been treated with an organomercurial compound 
to prevent fungal attack were eaten as food-rather than being planted to 
grow a crop in Iraq in 1956 and again in 1960. This resulted in many 
deaths. There have also been problems through loss of mercury salts 
used as antifungicides in paper mills in Sweden. 


The problems of mercury poisoning are now better understood. Though 
inorganic mercury salts are poisonous, they are nothing like as toxic as 
alkyl and aryl mercury compounds. However, the loss of inorganic 
mercury compounds must be prevented as Hg** and (Hg;)** can be 
methylated by bacteria present in rivers, lakes and the sea. Algae, molluscs 
and fish may concentrate the small amounts present by a factor of 2-10 
times, and they may be eaten by something else and concentrated again. 
HgMe, and Hg—Me* are both very stable and persist for a long time 
because they have a strong Hg—C bond. Considerable efforts are now 
being made to prevent the discharge of mercury compounds with industrial 
effluent. The main problems come from acetaldehyde and vinyl chloride 
monomer plants where mercury compounds are used as a catalyst, and 
from the electrolytic production of NaOH and Cl, where it is used as the 
cathode. 


4. The most recent problem is from the widespread use of mercury to 
extract gold in Brazil. River water and silt are passed over mercury, 
when the gold dissolves in the mercury, forming an amalgam. Losses of 
mercury have poisoned considerable stretches of the Amazon river. 
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PROBLEMS (CHAPTERS 19-28) 
1. Explain why La?O; is not reduced by Al. 
2. Explain why TiO; is white but TiCl; is violet. 


3. Draw the structure of rutile. What is the coordination number of the 
ions and what is the radius ratio? 


4. Describe how Ti metal is obtained, and explain why it has been called 
the wonder metal. 


5. Describe the uses of titanium compounds in paint, in the polymeriza- 
tion of ethene and in the fixation of dinitrogen. 


6. Explain why the physical and chemical properties of Zr and Hf 
compounds are much more similar than the properties of Ti and Zr. 


7. Describe what happens when the pH of a solution containing [V04] 
ions is gradually reduced. 


8. When ammonium vanadate is heated with oxalic acid solution, a 
compound (Z) is formed. A sample of (Z) was titrated with KNnO, 
solution in hot acidic solution. The resulting liquid was reduced with 
SO», the excess SO; boiled off, and the liquid again titrated with 
KMnO,. 

The ratio of the volumes of KMnO, used in the two titrations was 
5:1. What conclusions can you make regarding the nature of 
compound (Z). (KMnO, oxidizes all oxidation states of vanadium to 
vanadium (+V). SO; reduces vanadium (+V) to vanadium (--IV).) 
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11. 
T2 


16. 
17 


21. 


23. 


24, 


. Give equations to show the reactions between CrO, Cr,03 and CrO, 


with aqueous acids and alkalis. 


. Describe the structures of chromium(II) acetate and copper(II) 


acetate, and comment on any unusual features they have. 
How may the last traces of dioxygen be removed from dinitrogen? 


Manganese has been described as ‘the most versatile element’. Explain 
this, and show the similarities and differences between the chemistry 
of manganese and rhenium. 


. Explain why [Mn(OH),]** is pale pink, MnO; is black and MnO% is 


intensely coloured purple. 


Explain why a green solution of potassium manganate(VI) KMnO, 
turns purple and a brown solid is precipitated when carbon dioxide is 
bubbled into the solution. 


. Draw the crystal structure of ReO3, and compare it with the perovskite 


structure. 
Why do metals such as iron corrode, and how may this be prevented? 


Describe how iron is extracted from its ores, and how it is converted 
into steel. 


. What are pig iron, wrought iron, mild steel, high carbon steel and 


stainless steel? 


. Predict the electronic arrangement on the metal from crystal field 


splitting and the nature of the ligands in the following complexes: 
(a) [Fe(H20)s]?*, (b) [Fe(CN).]*~ and (c) [Fe(CN)g]^". How many 
unpaired electrons are there in each complex, and what would you 
expect their magnetic moments to be? 


> " : 3 
. Iron pentacarbonyl has a trigonal bipyramidal structure, yet the Dc 


nmr spectrum of Fe(?CO); shows only a single peak even when the 
-sample is held at low temperatures. Two peaks would be expected for 
a trigonal bipyramidal molecule. (The 13C nucleus has a spin of } and 
behaves in much the same way as a proton in nmr.) Explain the 
unusual spectrum. 


Compare and contrast the structures of haem, vitamin Bız and 
chlorophyll. 


. Outline the essential features involved in the binding of O; to the 


myoglobin molecule. 


Write a critical account of the various ways in which the nine elements 
in the iron, cobalt and nickel groups have been grouped together for 
comparison purposes. 

Draw and name the possible isomers of the following complexes: (a) 
[Co(en),^*. (b) [Co(en)SCN)] 
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25. 


26. 
21. 
28. 


29. 
30. 
31 


32. 


33. 


34. 
35. 


36. 


37. 


39: 


A monomeric complex of cobalt gave the following results on analysis: 


Co NH; [om SOi- 
96,17::212410 04:27. 30 32/817 01534:65 
The compound is diamagnetic, and contains no other groups or 
elements, except water might be present. 
Calculate the empirical formula of the compound, give the structural 
formulae of all possible isomers, and suggest methods to distinguish 
between the isomers. 


Give examples of metal clusters in transition metal ions. 
Draw the structures of six different carbonyl complexes. 


Discuss the origin of square planar complexes formed by Ni(II), and 
explain what other st.upes may be formed. 


Suggest reasons why the noble metals are relatively unreactive. 
Give examples of compounds containing metal-metal bonds. 


Compare and contrast the chemistry of the elements copper, silver and 
gold. 


What are the electronic structures of Zn, Cd and Hg, and of their 2+ 
ions? Discuss their position in the periodic table. Would you expect 
them to behave as typical transition elements? 


Draw the structure of zinc blende. What is the coordination number of 
the ions and what is the radius ratio? 


Explain how Zn is sacrificed in the extraction of Cd. 


Explain why a solution of zinc sulphate gives a white precipitate when 
added to an aqueous solution of ammonia, but not when added to an 
aqueous solution of ammonia containing ammonium chloride. 


What is cadmium used for, how is it produced, and why are there 
problems of cadmium poisoning in the vicinity of zinc smelters? 


List the main ways in which mercury compounds are discharged into 
the environment. Comment on the toxicity of inorganic and organo- 
mercury compounds. 


- Give an account of disproportionation. Why is the mercury(I) ion 


written Hg3*, whilst the copper(I) ion is written Cu*? 


What evidence is there that the mercury(I) ion is Hg3* rather than 
Hg*? 


. When mercury is oxidized with a limited amount of oxidizing agent 


(i.e. an excess of Hg) then Hg! compounds are formed. If there is an 


excess of oxidizing agent then Hg" compounds are formed. Explain 
this. 
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Table 29.1 Electronic structures and oxidation states 


Element Electronic Electronic Oxidation 

structure structure states* 

of atoms of M** 
Lanthanum La [Xe] 5d! 6s? [Xe HII 
Cerium Ce [Xe] 4f! Sd! 6s? — [Xe]4f) +I IV 
Praseodymium Pr [Xe] 4^ 6s? [Xe] 4f? HIE (IV) 
Neodymium Nd [Xe] 4f* 65^ [Xe] 4f? (FID) +10 
Promethium Pm [Xe] 4^ 6s? [Xe] 4f* (+11) +01 
Samarium Sm [Xe] 4f° 6s? [Xe] 4^ (II) +I 
Europium Eu [Xe] 4/7 6s? [Xe] 4f° 4H HE 
Gadolinium Gd [Xe] 4f? 5d" 6 [Xe] 4f" +H 
Terbium Tb [Xe] 4f^ 6s? [Xe] 4f* HI (41V) 
Dysprosium Dy  [Xe]jdj" 6s [Xe] 4f? +IH (IV) 
Holmium Ho  ([Xe]4f" e D [Xe]4f" ESI 
Erbium Er [Xe] 4" — 6s [Xe] 4f"! +11 
Thulium Tm  [Xe]4/" — 6s [Xe] 4/? (+11) +01 
Ytterbium Yb [Xe] 4f'* 6s? [Xe] 4/ ^ +11 +I 
Lutetium Lu [Xe] 4f!* Sd! 6s* [Xe] 4/"* E 


ee eee a ee er a RENEE E 
* The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normal type. Oxidation states that are unstable, or in doubt, are given in 
parentheses. 


OXIDATION STATES 


The sum of the first three ionization energies for each element are given in 
Table 29.2. The values are low. Thus the oxidation state (+III) is ionic and 
Ln?* dominates the chemistry of these elements. The Ln?* and Ln** ions 
that do occur are always less stable than Ln?*. (In this chapter the symbol 
Ln is used to denote any of the lanthanides.) In just the same way as for 
other elements, the higher oxidation states occur in the fluorides and 
oxides, and the lower oxidation states occur in the other halides, par- 
ticularly bromides and iodides. Oxidation numbers (+11) and (--IV) do 
occur, particularly when they lead to: 


1. a noble gas configuration, e.g. Ce** (f?) 
2. a half filled f shell, e.g. Eu?* and Tb** (f?) 
3. a completely filled f level, e.g. Yb^* (f^^). 


In addition (+11) and (+1V) states exist for elements that are close to these 
states. Thus Sm?* and Tm?* occur with f° and f"? arrangements and Pr°* 
and Nd^* have f! and f? arrangements. The (+III) state is always the most 
common and the most stable. The only (IV) and (^ II) states which have 
any aqueous chemistry are Ce**, Sm^*, Eu^* and Ya 

- The lanthanide elements resemble each other much more closely than do 
a horizontal row of the transition elements. This is because the lanthanides 
effectively have only one stable oxidation state, (+11). Thus in this series 
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Table 29.2 lonization energies and standard electrode potentials 


Sum of first three E? Radius 
ionization energies Ln°* | Ln Ln** 
(kJ mol!) (volts) (A) 
Lanthanum La 3493 -2.52 1.032 
Cerium Ce 3512 —2.48 1.020 
Praseodymium Pr 3623 —2.46 0.99 
Neodymium Nd 3705 —2.43 0.983 
Promethium Pm - —2.42 0.97 
Samarium Sm 3898 —2.41 0.958 
Europium Eu 4033 -2.41 0.947 
Gadolinium Gd 3744 —2.40 0.938 
Terbium Tb 3792 -2.39 0.923 
Dysprosium Dy 3898 —2.35 0.912 
Holmium Ho 3937 —2,32 0.901 
Erbium Er 3908 -2.30 0.890 
Thulium Tm 4038 —2.28 0.880 
Ytterbium Yb 4197 -2317 ; 0.868 
Lutetium Lu 3898 -226 0.861 


ee OO 


Radii are for six-coordination. 


it is possible to compare the effects of small changes in size and nuclear 
charge on the chemistry of these elements. 


ABUNDANCE AND NUMBER OF ISOTOPES |! 


The lanthanide elements are not particularly rare. Cerium is about as 
abundant as copper. Apart from promethium, which does not occur in 
nature, all the elements are more abundant than iodine. 

The abundance of the elements and the number of naturally occurring 
isotopes vary regularly (Table 29.3). Elements with an even atomic 
number (i.e. an even number of protons in the nucleus) are more abundant 
than their neighbours with odd atomic numbers (Harkins’ rule). Elements 
with even atomic numbers also have more stable isotopes. Elements with 
odd atomic numbers never have more than two stable isotopes. Through- 
out the periodic table the stability of a nucleus is related to both the 
number of neutrons and the number of protons in the nucleus (Table 29.4). 

Element 61, promethium, does not occur naturally. It was first made and 
studied at Oak Ridge in Tennessee. USA, in 1946. Its absence may be 
explained by Mattauch’s rule. This states that if two elements with con- 
secutive atomic numbers each have an isotope of the same weight, one of 
the isotopes will be unstable. Since elements 60 and 62 have seven isotopes 
each, there are not many stable mass numbers available for promethium. 
element 61 (Table 29.5). 

According to Mattauch’s rule, if promethium is to have a stable isotope, 
it must have a mass number outside the range 142-150. The only isotopes 


of Pm which have been made so far are radioactive. 
continued overleaf 
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Table 29.3 Abundance of the elements in the earth’s crust. by weight and number 
of natural isotopes 


Atomic Element Abundance Relative Naturally 

number (ppm) abundance occurring 
in earth's crust isotopes 

58 Ce 66 26 4 

59 Pr 9.1 37 1 

60 Nd 40 27 7 

61 Pm 0 i) 

62 Sm 7 40 if 

63 Eu 2.1 49 = 2 

64 Gd 6.1 4l 7 

65 Tb 12 56 = 1 

66 Dy 4.5 42 7 

67 Ho 1.3 55 1 

68 Er a 43 6 

69 Tm 0.5 61 1 

70 Yb 3.1 44 7 

71 Lu 0.8 59 2 


Table 29.4 Numbers of stable nuclei with odd and even numbers of 
neutrons and odd and even atomic number 


Atomic number Number of neutrons Stable nuclei 

Even Even 164 

Even Odd 55 

Odd Even 50 

Odd Odd 4 

pois chute Se eee 1 A E 
Table 29.5 
DŘ 
Element 60 142, 143, 144, 145. 146. 148, 150 
Element 62 144, 147, 148. 149, 150, 152. 154 


Se 


EXTRACTION AND USES 


World production of rare earth minerals was 80000 tonnes in 1992, 
containing 47 900 tonnes of lanthanide oxides Ln;O;. The main sources of 
minerals are the USA 27%. China 20%, Australia 8% and India 6%. 


1. Monazite sand is the most important and most widespread mineral. It 
accounts for 78% of the rare earths mined. Before 1960 monazite was 
the only source of lanthanides. It is a mixture containing mostly La 
phosphate and trivalent phosphates of the lighter lanthanide elements 
(Ce, Pr and Nd). In addition it contains smaller amounts of Y and the 
heavier lanthanides, and thorium phosphate. Th is weakly radioactive. | 
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and traces of its daughter product Ra are also present, and are more 
radioactive. 

2. Bastnaesite is a mixed fluorocarbonate M'"'CO,F where M is La or the 
lanthanides. Large amounts are mined in the USA, and it provides 22% 
of the total supply of lanthanides. It is only found in the USA and 
Madagascar. 

3. Very small amounts of another mineral, xenotime, are also mined. 


Monazite is treated with hot concentrated H2SO,. Th, La and the lan- 
thanides dissolve as sulphates, and are separated from insoluble material. 
Th is precipitated as ThO, by partial neutralization with NH4OH. NaSO, 
is used to salt out La and the light lanthanides as sulphates, leaving the 
heavy lanthanides in solution. The light lanthanides are oxidized with 
bleaching powder Ca(OCI)». Ce?* is oxidized to Ce^* which is precipitated 
as Ce(IOs), and removed. Lat may be removed by solvent extraction 
with tri-n-butylphosphate. The individual elements can be obtained by ion 
exchange if required. The treatment of bastnaesite is slightly simpler as it 
does not contain Th. 

Once the different lanthanide elements have been separated completely 
or partially, the metal may be obtained as follows: 


1. By electrolysis of the fused LnCls, with NaCl or CaCl, added to lower 
the melting point. 

2. La and the lighter metals Ce to Eu are obtained by reducing anhydrous 
LnCl, with Ca at 1000-1100°C in an argon-filled vessel. The heavier 
elements.have higher melting points and so require a temperature of 
1400*C. At this temperature CaCl) boils, so LnF; are used instead, and 
in some cases Li is used instead of Ca. 


About 5000 tonnes of La and 13000 tonnes of the lanthanides are 
produced annually. The metals are of little use on their own. The main use 
is for an unseparated mixture of La and the lanthanides called Mischmetal 
(50% Ce, 40% La, 7% Fe, 395 other metals). This is added to steel to 
improve its strength and workability. It is also used in Mg alloys. Misch- 
metal is also used in small amounts as ‘lighter flints'. La2O3 is used in 
Crooke's lenses, which give protection from UV light by absorbing it. 
CeO; is used to polish glass and as a coating in ‘self-cleaning’ ovens. 
CelY(SO;), is used as an oxidizing agent in volumetric analysis. Gas 
mantles are treated with a mixture of 176 CeO; and 99% ThO; to increase 
the amount of light emitted by coal gas flames. Other lanthanide oxides are 
used as phosphors in colour TV tubes. ‘Didymium oxide’ (a mixture of 
praseodymium and neodymium oxides) is used with CuCl, as the catalyst 
in the new Deacon process to make Cl; from HCl. Nd;O; is used dissolved 
in SeOCL as a liquid laser. (Selenium oxochloride is used as the solvent 
because it contains no light atoms which would convert the input energy 
into heat.) Lanthanide elements are present in warm superconductors such 
as Laj;.,,Ba, CuOq4-,) and YBa;CusO;-.. and others (8m, Eu, Nb, Dy 
and Yb) have been substituted. These are described at the end of Chapter 5. 
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SEPARATION OF THE LANTHANIDE ELEMENTS 


The properties of metal ions are determined by their size and charge. The 
lanthanides are all typically trivalent and are almost identical in size, and 
so their chemical properties are almost identical. The separation of one 
lanthanide from another is an exceedingly difficult task, almost as difficult 
as the separation of isotopes of one element. The classical methods of 
separation. exploit slight differences in basic properties, stability or 
solubility. These are outlined below. However, in recent years the only 
methods used are ion exchange and valency change. 


Precipitation 


With a limited amount of precipitating agent the substance with the lowest 
solubility is precipitated most rapidly and most completely. Suppose 
hydroxyl ions are added to a solution containing a mixture of Ln(NO;)s. 
The weakest base Lu(OH); is precipitated first, and the strongest base 
La(OH); is precipitated last. The precipitate contains more of the elements 
at the right of the series. Thus the solution contains more of the elements at 
the left of the series. The precipitate can be filtered off. Only partial 
separation is effected, but the precipitate can be redissolved in HNO; and 
the process repeated to obtain greater purity. 


Thermal reaction 


If a mixture of Ln(NO3); is fused, a temperature will be reached when the 
least basic nitrate changes to the oxide. The mixture is leached with water. 
The nitrates dissolve and can be filtered off, leaving the insoluble oxides. 
The oxides are dissolved in HNO; and the process repeated. 


Fractional crystallization 


This can be used to separate lanthanide salts. The solubility decreases from 
La to Lu. Thus salts at the Lu end of the series will crystallize out first. 
Nitrates, sulphates, bromates, perchlorates and oxalates have all been used 
as also have double salts such as Ln(NO3); 3Mg(NO3); : 24H20 because 
they crystallize well. The process needs repeating many times to obtain 
good separations. Non-aqueous solvents such as diethyl ether have been 
used to separate Nd(NO;)s and Pr(NO);. 


Complex formation 


A mixture of lanthanide ions is treated with a complexing agent such as 
EDTA (ethylenediaminetetraacetic acid). All the ions form complexes. 
Those ions at the right hand side of the lanthanide series such as Lu?* form 
the strongest complexes as they have the smallest ions. Oxalates of the 
lanthanides are insoluble. However, addition of oxalate ions to this 
solution does not give a precipitate since the Ln** ions are all complexed 
with EDTA; 
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HOOC—CH; CH,—COOH 
N—CH,—CH,—N 


HOOC—CH, CH,—COOH 
Figure 29.1 EDTA. 


If some acid is added to the solution, the least stable EDTA complexes are 
dissociated. This releases ions at the left hand side of the series Ce?* , P+, 
Nd?* which are immediately precipitated as the oxalates. These are filtered 
off. Separation is not complete, so the oxalates are redissolved and the 
process repeated many times. 


Solvent extraction 


The heavier Ln?* ions are more soluble in tri-n-butylphosphate than are 
the lighter Ln?* ions. Their solubilities in water and ionic solvents, 
however, are reversed. The ratios of the partition coefficients of La(NO3)3 
and Gd(NO3)3 between a solution of the metal ions in strong HNO; and 
tri-n-butylphosphate is 1 : 1.06. This difference is quite small, but by using 
a continuous counter-current apparatus a Very large number of partitions 
can be performed automatically. This is much less tedious than performing 
10000 or 20 000 crystallizations. Kilogram quantities of 9575 pure Gd have 
been obtained by this method. The technique was originally developed in 
the early days of atomic energy to separate and identify the lanthanide 
elements produced by fission of uranium. 


Valency change 


A few lanthanides have oxidation states of (4 IV) or (+11). The properties 
of Ln** or Ln?* are so different from those of Ln?* that separation is fairly 
easy: 

Cerium can be separated from lanthanide mixtures quite easily as it is 
the only lanthanide which has Ln** ions stable in aqueous solution. 
Oxidizing a solution containing a mixture of Ln** ions with NaOCl under 
alkaline conditions produces Ce**. Because of the higher charge, Ce** is 
much smaller and less basic than Ce** or any other Ln?*. The Ce** is 
separated by carefully controlled precipitation of CeO, or Ce(103)s, 
leaving the trivalent ions in solution. 

Alternatively Ce** can readily be extracted from other Ln?* lanthanides 
by solvent extraction in HNO; solution using tributyl phosphate. Ninety- 
nine per cent pure Ce can be obtained in one stage from a mixture con- 
taining 40% Ce. 

In a similar way the properties of Eu2* are very different from those of 
Ln?*. Europium sulphate Eu2*SO3- resembles the Group 2 sulphates and 
is insoluble in water. Ln** sulphates are soluble. If a solution of Ln i ions 
is reduced electrolytically using a mercury cathode, or by using zinc 
amalgam, then Eu^* will be produced. If HO, is present EuSO, will be 
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precipitated. This can be filtered off. (Sm?* and Yb?* may also be 
produced in the same way, but these are oxidized slowly by water.) 

Valency change is still a useful method for purifying Ce and Eu despite 
the advent in recent years of ion exchange. 


Ion excnange 


This is the most important, the most rapid and most effective general 
method for the separation and purification of the lanthanides. A solution 
of lanthanide ions is run down a column of synthetic ion-exchange resin 
such as Dowex-50. This is a sulphonated polystyrene and contains the 
functional groups —SO3H. The Ln** ions are absorbed onto the resin and 
replace the hydrogen atom on —$O;H. 


Lng) + 3H(resin) = Ln(resin)ss) + 3Ha) 


The H* ions produced are washed through the column. Then the metal 
ions are eluted, that is are washed off the column in a selective manner. 
The eluting agent is a complexing agent, for example a buffered solution of 
citric acid/ammonium citrate, or a dilute solution of (NH4).(H - EDTA) 
at pH 8. Consider the citrate case. An equilibrium is set up: 


Ln(resin); + 3H* + (citrate)- = 3H(resin) + Ln(citrate) 


As the citrate solution flows down the column, Ln** ions are removed 
from the resin and form the citrate complex. A little lower down the 
column the Ln?* ions go back onto the resin. As the citrate solution runs 
down the column the metal ions form complexes alternately with the resin 
and the citrate solution many times. The metal ion gradually travels down 
the column, and eventually passes out of the bottom of the column as the 
citrate complex. The smaller lanthanide ions such as Lu?* form stronger 
complexes with the citrate ions than do the larger ions like La**. Thus the 
smaller and heavier ions spend more time in solution, and less time on the 
column, and are thus eluted from the column first. The different metal ions 
present separate into bands which pass down the column. The progress of 
the bands may be followed spectroscopically by atomic fluorescence. The 
solution leaving the column is collected by means of an automatic fraction 
collector in separate containers. By this means the individual elements can 
be separated. The metals may be precipitated as insoluble oxalates, and 
then heated to give the oxides. 

The chromatographic process is analogous to carrying out many separa- 
tions or many crystallization, but the separation is carried out on a 
single column. By using a long ion-exchange column the elements may 
be obtained 99.9% pure with one pass. 


CHEMICAL PROPERTIES OF (+III) COMPOUNDS 


The metals are all soft and silvery white. They are electropositive and 
therefore they are very reactive. The heavier metals are less reactive than 
the lighter ones because they form a layer of oxide on the surface. The 
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chemical properties of the group are essentially the properties of trivalent 
ionic compounds. 

The sum of the first three ionization energies varies with minima at La?* , 
Gd^* and Lu?* which are associated with attaining an empty, half full or 
full f shell. Maxima occur at Eu** and Yb?* associated with breaking a half 
full or full shell. 

The standard reduction potentials (E^) are all high (Table 29.2). They 
vary in a regular way over a small range from —2.48 to —2.26 volts, 
depending on the size of the ions. 

The lanthanides are all much more reactive than is Al (E° = —1.66 volts) 
and are slightly more reactive than Mg (E? = —2.37 volts). Thus they react 
slowly with cold water, but more rapidly on heating. 


2Ln + 6H50 — 2Ln(OH)3 + 3H; 


The hydroxides Ln(OH)s are precipitated as gelatinous precipitates by the 
addition of NH4OH to aqueous solutions. These hydroxides are ionic and 
basic. They are less basic than Ca(OH), but more basic than Al(OH); 
which is amphoteric. The metals, oxides and hydroxides all dissolve in 
dilute acids, forming salts. Ln(OH)s are sufficiently basic to absorb CO; 
from the air and form carbonates. The basicity decreases as the ionic radius 
decreases from Ce to Lu. Thus Ce(OH); is the most basic, and Lu(OH)3, 
which is the least basic, is intermediate between scandium and yttrium in 
basic strength. The decrease in basic properties is illustrated by the 
hydroxides of the later elements dissolving in hot concentrated NaOH, 
forming complexes. 


Yb(OH); + 3NaOH > 3Na* + [Yb(OH)«]*~ 
Lu(OH); + 3NaOH > 3Na* + [Lu(OH)g- 


The metals tarnish readily in air, and on heating in Os they all give 
oxides Ln;O4. Yb and Lu form a protective oxide film, which prevents the 
bulk of the metal forming the oxide unless it is heated to 1000°C. The one 
exception is Ce which forms Cel VO, rather than Ce;Os. The oxides are 
ionic and basic. Basic strength decreases as the ions get smaller. 

The metals react with Hs, but often require heating up to 300—400*C to 
start the reaction. The products are solids of formula LnH;. Eu and Yb 
both have a tendency to form divalent compounds and EuH> and YbH» are 
salt-like hydrides and contain M?* and two H`. The others all form 
hydrides LnH; which are black, metallic and conduct electricity. These are 
better formulated as Ln**. 2H and an electron which occupies a 
conduction band. In addition Yb forms a nonstoichiometric compound 
approximating to YbH» s. The hydrides are remarkably stable to heat, 
often up to 900°C. They are decomposed by water, and react with oxygen. 


CeH, + 2H;0 > CeO, + 2H» 


These ‘dihydrides’ take up H if heated under pressure, and all except Eu 
form salt-like hydrides LnHs made up of Ln** and three H These do not 
have a delocalized electron, and do not show metallic conduction. 
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The anhydrous halides MX can be made by heating the metal and 
halogen, or by heating the oxide with the appropriate ammonium halide. 


Ln,O; + 6NH,CI 5, 2LnCl, + 6NH; + 3H;O 


The fluorides are very insoluble, and can be precipitated from solutions 
of Ln?* by addition of Na*F~ or HF. This is used as atest for the 
lanthanides in qualitative analysis. However, with excess F7, the smaller 
lanthanide ions may form soluble complexes [LnF(H5O), *. The chlorides 
are deliquescent and soluble, and crystallize with six or seven molecules of 
water of crystallization. If the hydrated halides are heated, they form 
oxohalides instead of dehydrating to anhydrous halides. 

LnCl;:6H,0“" LnOCI + 5H;O + 2HCI 
Heating CeX5- (H;O), results in CeO;. The bromides and iodides are 
similar to the chlorides. 

At elevated temperatures, the lanthanides react with B, giving LnB, and 
LnB,. 

On arc-melting the metals with C in an inert atmosphere they form 
carbides of stoichiometry LnC; and Ln;(C;);. The carbides can also be 
made by reducing Ln;O; with C in an electric furnace. LnC; are more 
reactive than CaC>. They react with water, giving ethyne and also some 
hydrogen, C,H, and C;H,. They also show metallic conductivity. They do 
not contain Ln(--1I) and are best described as acetylides of Ln^* and C37 
with the extra electron in a conduction band. 


2LnC, + 6H;0 — 2Ln(OH); + 2C;H» + H2 


Oi CINE CIH 2 COH 
At elevated temperatures the metals also react with N, P, As, Sb and Bi, 
giving LnN etc. The latter is hydrolysed by water in a similar way to AIN: 


LnN + 3H;0 — Ln(OH); + NH; 


A wide variety of oxosalts are known, including nitrates, carbonates, 
oxalates, sulphates, phosphates and also salts of strongly oxidizing ions 
such as perchlorates. 


OXIDATION STATE (+1V) 


The only (41V) lanthanide which exists in solution and has any aqueous 
chemistry is Ce**. It is rare to find 4+ ions in solution. The high charge 
on the ion leads to it being heavily hydrated, and except in strongly acidic 
solutions the hydrated Ce** is hydrolysed, giving polymeric species and 
H+. Ce(+IV) solutions are widely used as an oxidizing agent in volumetric 
analysis instead of KMnO; and K;Cr;O;. In classical analysis burettes 
containing Ce** must be washed with acid, since washing with water gives 
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the hydrated ion. Aqueous cerium(IV) solutions can be prepared by 
oxidizing à Ce?* solution with a very strong oxidizing agent such as 
ammonium peroxodisulphate (NH.4)555O;. Ce(--IV) is also used in organic 
reactions, for example the oxidation of alcohols, aldehydes and ketones at 
the a-carbon atom. The common compounds are CeO; (white when pure) 
and CeO: (H20), (a yellow gelatinous precipitate). CeO, can be ob- 
tained by heating the metal, or Ce(OH); or Cell'(oxalate);, in air. CeO, 
has a fluorite type of structure. It is insoluble in acids and alkalis, but 
dissolves if reduced, giving Ce** solutions. 


Ce + 0; CeO, 
2Ce(OH); + 30; > 2Ce0; + 3H;0 
Ce>(C204)3 + 20;> 2CeO» + 6CO; 


Ce(SO,)> (formerly called ceric sulphate) is well known and is yellow 
like K;CrO,. CeF; is obtained from CeF; and F>. It is white, and is 
rapidly hydrolysed by water. It has a three-dimensional crystal structure 
with the metal at the centre of a square antiprism. A number of complexes 
are stable, for example ammonium cerium(IV) nitrate (NH); [Ce(NO;),]. 
The crystal structure is unusual and contains bidentate NO3 groups. The 
Ce atom has a coordination number of 12, and the shape is an icosahedron. 
This structure is stable even in solution. Two of the NO} ions may be 
replaced by phosphine ligands Ph3PO, giving a neutral 10-coordinate 
complex [Ce'Y(NO3)4(Ph3PO),]. 

The other (+IV) compounds are not stable in water and are known 
only as oxides, fluorides and a few fluoro complexes. Thus PrO», PrF4, 
Na;[PrF;], TbO2, TbF;, TbO;, DyF, and Cs3[DyF;] are all known. 

The elements Pr, Nd, Tb and Dy also form (+IV) states. These are 
generally unstable, occur only as solids, and are found as fluorides or 
oxides which may be nonstoichiometric. 


OXIDATION STATE (+l) 


The only (--II) states which have any aqueous chemistry are Sm?*, Eu** 
and Yb?*. 

The most stable divalent lanthanide is Eu?*, This is stable in water, but 
the solution is strongly reducing. Eu!!SO, can be prepared by electrolysing 
Eu! (SO;), solutions, when the divalent sulphate is precipitated. Eu"! Cl 
can be made as a solid by reducing Eu"!Cl; with H2. 


2EuCh, + Hz > 2EuCh + 2HCI 


Aqueous Eu?* solutions can be reduced by Mg, Zn, zinc amalgam or 
electrolytically to give Eu^*. EuH is ionit and similar to CaH;. Eu(II) 
resembles Ca in several ways: ; 

1. The insolubility of the sulphate and carbonate in water. 


2. The insolubility of the dichloride in strong HCl. 
3. The solubility of the metals in liquid NH3. 
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One major difference between Eu and Ca is that the dihalides EuX; have a 
magnetic moment of 7.9 Bohr magnetons corresponding to seven unpaired 
electrons, whereas Ca compounds are diamagnetic. 

The couple Eu?*|Eu?* has a standard reduction potential of —0.41 
volts. This is about the same as for Cr^*|Cr^*, and these are both about the 
strongest reducing agents that do not reduce water. 

Yb* and Sm?* can be prepared by electrolytic reduction of their 
trivalent ions in aqueous solution. However, the Ln?” ions are readily 
oxidized by air. These two elements form hydroxides, carbonates, halides, 
sulphates and phosphates. 

The states Nd(--II), Pm(+II), Sm(+II) and Gd(+1I) are only found in 
solid dihalides LnCl; and LnI;. These dihalides can be made by reducing 
the trihalide with hydrogen, with the metal, or with sodium amalgam. The 
dihalides such as Lal, and NdlI, tend to be nonstoichiometric. They show 
metallic conduction, and are better represented as La^* + 217 + electron. 

A detailed study of the third ionization energy shows the stability of a 
half filled and completely filled shell. The ionization energies also suggest 
that there may also be extra stability associated with a three quarters filled 
shell. 


SOLUBILITY 


Salts of the lanthanides usually contain water of crystallization. Solubility 
depends on the small difference between the lattice energy and the solva- 
tion energy, and there is no obvious trend in the group. The solubility of 
many of the salts follows the pattern of Group 2 elements. Thus the 
chlorides and nitrates are soluble in water and the oxalates, carbonates 
and fluorides are almost insoluble. Unlike Group 2, however, the sulphates 
are soluble. Many of the lanthanides form double salts with the corre- 
sponding Group 1 or ammonium salts, e.g. Na,SO4Ln2(SO,4)3: 8H2O, and 
as these double salts crystallize well, they have been used to separate the 
lanthanides from one another. 


COLOUR AND SPECTRA 


Many trivalent lanthanide ions are strikingly coloured both in the solid 
state and in aqueous solution., The colour seems to depend on the number 
of unpaired f electrons. Elements with (n) f electrons often have a similar 
colour to those with (14 — n) f electrons. (See Table 29.6.) However, the 
elements in other valency states do not all have colours similar to their 
isoelectronic 3+ counterparts (Table 29.7). 

Colour arises because light of a particular wavelength is absorbed in the 
visible region. The wavelength absorbed corresponds to the energy re- 
quired to promote an electron to a higher energy level. In the lanthanides 
spin orbit coupling is more important than crystal field splitting. In the 
spectra of transition metals, crystal field splitting is of major importance. 
All but one of the lanthanide ions show absorptions in the visible or near- 
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Table 29.6 Colour of Ln?* ions 


Number Colour Number Colour 
of 4f of 4f. 

electrons electrons 
Lat 0 Colourless Lut 1 
Cet. 1 Colourless Yb** io M 
Prt 2 Green Tm* 12 Pale green 
Nd & 3 Lilac Er* 11 Pink 
Pm? 4 Pink Ho?* 10 Pale yellow 
Sm 5 Yellow Dy* 9 Yellow 
Eut 6 Pale pink Tb 8 Pale pink 
Gd* 7 Colourless Gd^* 7 Colourless 


Table 29.7 Colours of Ln‘*, Lr?* and their isoelectronic Ln?* counterparts 


Electronic configuration Isoelectronic M2* 
Ce** Orange-red 4f? Lat Colourless 
Sm? Blood-red Af* Eut Pale pink 
Eu^* Pale greenish yellow Af Gd?* Colourless 


Yb?* Yellow ap Lu?* Colourless 


UV regions of the spectrum. The exception is Lu?* which has a full f shell. 
These colours arise from f-f transitions. Strictly these transitions are 
Laporte forbidden (since the change in the subsidiary quantum number is 
zero). Thus the colours are pale because they depend on relaxation of the 
rule. The f orbitals are deep inside the atom. Thus they are largely shielded 
from environmental factors such as the nature and number of ligands which 
form the complexes, and from vibration of the ligands. Thus the position of 
the absorption band (i.e. the colour) does not change with different 
ligands. Vibration of the ligands changes the external fields. However, this 
only splits the various spectroscopic states by about 100 cm, so the 
absorption bands are unusually sharp. The lanthanides are used for wave- 
length calibration of instruments because of their sharp absorption bands. 
For an f electron the subsidiary quantum number l = 3, so m; may have 
values 3, 2, 1, 0, —1, —2, —3. Thus a large number of transitions are 
usually possible. This is in marked contrast to the transition elements 
where d-d spectra give absorption bands whose position changes from 
ligand to ligand, and the width of the peak is greatly broadened because of 
the vibration of the ligands. It is also possible to get transitions from the 4f 
to the Sd level. Such transitions give broader peaks and their position is 
affected by the nature of the ligands. 

Absorption spectra of lanthanide ions are useful both for the qualitative 
detection and the quantitative estimation of lanthanides. Lanthanide ele- 
ments are sometimes used as biological tracers for drugs in humans and 
animals. This is because lanthanide elements can quite easily be followed 
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in the body by spectroscopy, because their peaks are narrow and very 
characteristic. 

Ce?* and Yb?* are colourless because they do not absorb in the visible 
region. However, they show exceptionally strong absorption in the UV 
region, because of transitions from 4f to 5d. Absorption is very strong for 
two reasons. Since Al = 1 this is an allowed transition and so gives stronger 
absorption than forbidden f-f transitions. Furthermore, promotion of 
electrons in these ions is easier than for other ions. The electronic con- 
figuration of Ce?* is f! and Yb?* is f 8. Loss of one electron gives the extra 


. stability of an empty or half full shell. f-d peaks are broad, in contrast to 


the narrow f—f peaks. 

Charge transfer spectra are possible due to the transfer of an electron 
from the ligand to the metal. This is more probable if the metal is in a high 
oxidation state or the ligand has reducing properties. Charge transfer 
usually produces intense colours. The strong yellow colour of Ce^* 
solutions arises from charge transfer rather than f—f spectra. The blood red 
colour of Sm?* is also due to charge transfer. 


MAGNETIC PROPERTIES 


La? and Ce** have an f° configuration, and Lu^* has an f'* configura- 
tion. These have no unpaired electrons, and are diamagnetic. All other f 
states contain unpaired electrons and are therefore paramagnetic. 

The magnetic moment of transition elements may be calculated from the 
equation: 


user) = YASS + 1) + LL +I) 


His+z) is the magnetic moment in Bohr magnetons calculated using both 
the spin and orbital momentum contributions. $ is the resultant spin 
quantum number and L is the resultant orbital momentum quantum 
number. For the first row transition elements, the orbital contribution is 
usually quenched out by interaction with the electric fields of the ligands in 
its environment. Thus as a first approximation the magnetic moment can 
be calculated using the simple spin only formula. (us is the spin only 
magnetic moment in Bohr magnetons. S is the resultant spin quantum 
number and z is the number of unpaired electrons.) 


us = YSS + 1) 


Hs = yn(n + 2) 
This simple relationship works with La** (f°), and two of the lanthanides 
Ge?* (f^) and Lu?* (f'*). 


La?* and Lu?* have no unpaired electrons, n = 0 and us = YO(0 + 2) = 0 
Gd?* has seven unpaired electrons, n = 7 and 
us = VI(7 + 2) = y63 = 7.9BM 


The other lanthanide ions do not obey this simple relationship. The 4f 
electrons are well shielded from external fields by the overlying 5s and 5p 
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electrons. Thus the magnetic effect of the motion of the electron in its 
orbital is not quenched out. Thus the magnetic moments must be calcu- 
lated taking into account both the magnetic moment from the unpaired 
electron spins and that from the orbital motion. This also happens with the 
second and third row transition elements. However, the magnetic proper- 
ties of the lanthanides are fundamentally different from those of the 
transition elements. In the lanthanides the spin contribution 5 and orbital 
contribution L couple together to give a new quantum number J. 


J = 1] when-the shell is less than half full 
and J =e when the shell is more than half full 


The magnetic moment p is calculated in Bohr magnetons (BM) by: 


n= gu + 1) 


where 


S(S +1) — L(L + 1) 
cu 
p 2J0 + 1) 


Figure 29.2 shows the calculated magnetic moments for the lanthanides 
using both the simple spin only formula, and the coupled spin plus orbital 
momentum formula. For most of the elements there is excellent agreement 
between the calculated values using the coupled spin + orbital momentum 
formula and experimental values measured at 300 K. The range of experi- 
mental values are shown as bars. 

The agreement for Eu?* is poor, and that for Sm?* is not very good. The 
reason is that with Eu?" the spin orbit coupling constant is only about 
300cm-!. This means that the difference in energy between the ground 
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Table 29.8 Magnetic moments of La** and the lanthanide** ions 


Element Electronic Magnetic moment 

structure 

of MP* Calculated Observed 

(BM) (BM) 

Lanthanum La [Xe] 4f" 0 0 
Cerium Ce [Xe] 4f! 2.54 2.3-2.5 
Praseodymium Pr [Xe] 4f? 3.58 3.4-3.6 
Neodymium Nd [Xe] 4^? 3.62 3.5-3.6 
Promethium Pm [Xe] 4f* 2.68 27 
Samarium Sm [Xe] 4f? 0.84 1.5-1.6 
Europium Eu [Xe] 4f° 0 3.4-3.6 
Gadolinium Gd [Xe] 4/7 7.94 7.8-8.0 
Terbium Tb [Xe] 4f* 9.72 9.4-9.6 
Dysprosium Dy [Xe] 4f” 10.63 10.4- 10.5 
Holmium Ho [Xe] 4f 10.60 10.3—10.5 
Erbium Er [Xe] 4f! 9.57 9.4-9.6 
Thulium Tm [Xe] 4f" 7.63 7.1-74 
Ytterbium Yb [Xe] 4/ ^ 4.50 4.4-4.9 
Lutetium Lu [Xe] 4/'* 0 0 


state and the next state is small. Thus the energy of thermal motion is 
sufficient to promote some electrons and partially populate the higher 
state. Because of this the magnetic properties are not solely determined by 
the ground state configuration. Measuring the magnetic moment at a low 
temperature prevents the population of higher energy levels. The magnetic 
moment of Eu?* at low temperature is close to zero as expected. (The 
measurement of magnetic moments is described in Chapter 17. 

The unusual shape of the spin plus orbital motion curve arises because of 
Hund's third rule. When the f level is less than half full the spin and orbital 
momenta contributions work in opposition (J = L — S). When the f shell is 
more than half full they work together (J = L + S). 


~ LANTHANIDE CONTRACTION 


Covalent and ionic radii normally increase on descending a group in the 
periodic table due to the presence of extra filled shells of electrons. On 
moving from left to right across a period, the covalent and ionic radii 
decrease. This is because the extra orbital electrons incompletely shield 
the extra nuclear charge. Thus all the electrons are pulled in closer. The 
shielding effect of electrons decreases in the order s > p > d > f. The 
contraction in size from one element to another is fairly small. However, 
the additive effect over the 14 lanthanide elements from Ce to Lu is about 
0.2 A, and this is known as the lanthanide contraction. 

The hardness, melting points and boiling points of the elements all 
increase from Ce to Lu. This is because the attraction between the atoms 
increases as the size decreases. 
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The properties of an ion depend on its size and its charge. The Ln?* 
lanthanide ions change by only a small amount from one element to the 
next (Table 29.9), and their charge is the same, and so their chemical 
properties are very similar. Since Lu?* is the smallest ion it is the most 
heavily hydrated. Though the lanthanides do not form complexes very 
extensively, since Lu?* is the smallest ion the complexes formed by Lut 
are the strongest. La?* and Ce** are the largest ions so La(OH); and 
Ce(OH); are the strongest bases. 

The lanthanide contraction reduces the radii of the last four elements in 
the series below that for Y in the preceding transition series. Since the size 
of the heavier lanthanide ions, particularly Dy** and Ho**, are similar to 
that of Y?* it follows that their chemical properties are also very similar. 
As a result the separation of these elements is very difficult. 


Table 29.9 Ionic radii of Sc!*, Y* and La?* and the Ln?* ions (A) 


Sc 
0.745 
Y 
0.900 
La Ce Pr Nd Pm Sm Eu. Gd Tb Dy Ho Er Tm  Yb Lu 
1.032 1.02 0.99 0.983 0.97 0.958 0.947 0.938 0.923 0.912 0.901 0.890 0.880 0,868 0.861 


Ionic radii depend on how nany electrons are removed. For simplicity, 
the radii of ions with the same charge are compared in Table 29.9. A 
similar change in size across the series is observed if covalent radii are 
compared (Table 29.10). 

Because of this contraction in size across the lanthanide series, the 
elements which follow in the third transition series are considerably smaller 
than would otherwise be expected. The normal size increase Sc > Y—La 
disappears after the lanthanides. Thus pairs of elements such as Zr /Hf, 
Nb/Ta and Mo/W are almost identical in size. The close similarity of 
properties in such a pair makes chemical separation very difficult. The sizes 
of the third row of transition elements are very similar to those of the 
second row of transition elements (see Table 29.10). Thus the second and 
third rows of transition elements resemble each other more closely than do 
the first and second rows. 


Table 29.10 Covalent radii of the transition elements (À) 


SE EE MM. 
Sc Ti V Cr Mn Fe Co Ni 
1.44 1.32 1.22 147 1.17 1:17 1.16 1.15 
Y Zr Nb Mo Tc Ru Rh Pd 
1.62 1.45 1.34 1.29 - 1.24 1.25 1.28 
La- +i Hf Ta Ww Re Os Ir Pt 
1.69 E 1.34 1.30 1.28 1.26 1.26 1.29 
L09..F L4 pan E lua vio EE EE 
14 Lanthanide elements 
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COMPLEXES 


The lanthanide ions Ln?* have a high charge, which favours the formation 
of complexes. However, the ions are rather large (1.03—0.86 À) compared 
with the transition elements (Cr^* = 0.615 Å, Fe?* = 0.55 À (low spin)) 
and consequently they do not form complexes very readily. Complexes 
with amines are not formed in aqueous solution because water is a stronger 
ligand than the amine. However, amine complexes can be made in non- 
aqueous solvents. Very few stable complexes are formed with CO, CN- 
and organometallic groups. This is in contrast to the transition metals. The 
difference arises because the 4f orbitals are well shielded and are 'inside 
the atom'. Thus they cannot take part in x back bonding, whereas in the 
transition elements the d orbitals are involved in x bonding. The most 
common and stable complexes are those with chelating oxygen ligands such 
as citric acid, oxalic acid, EDTA* and acetylacetone. These complexes 
frequently have high and: variable coordination numbers, and water -or 
solvent molecules are often attached to the central metal. B-Diketone 
complexes of Eu** and Pr?* dissolved in organic solvents are used as 
lanthanide shift reagents in nmr spectroscopy. 

Coordination numbers below 6 are uncommon, and occur only with 
bulky ligands such as (2,6-dimethylphenyl)" and [N(SiMe;);] . In contrast 
to the transition elements, the coordination number 6 is not common. The 
most common coordination numbers are 7, 8 and 9 and these give a variety 
of stereochemistries. Coordination numbers 10 and 12 occur with the 
larger (lighter) lanthanides and small chelating ligands NOy and SO; 
(Table 29.11). 

Complexes with monodentate oxygen ligands are much less stable than 
the chelates, and tend to dissociate in aqueous solution. There are hardly 
any complexes with nitrogen donor ligands except ethylenediamine and 
NCS- , and these are decomposed by water. Fluoride complexes LnF 75) 
are formed particularly by the smaller ions, but chloride complexes are not 
formed in aqueous media or concentrated HCI. This is an important dis- 
tinction between the lanthanide and actinide groups. 

Ce** is smaller and more highly charged, and [Ce(NO;),]"- is formed in 
the non-aqueous solvent N;O;, and is 12-coordinate. Each NO}; uses two 
oxygen atoms to coordinate to the metal. 

The lanthanides form no complexes with x bonding ligands, and the lack 
of x bonding is attributed to the unavailability of the f orbitals for bonding. 

It is difficult to explain the bonding in complexes with high coordination 
numbers. If one s orbital, three p orbitals and all six d orbitals in the 
valency shell are used for bonding, this accounts for a maximum coordina- 
tion number of 9. The higher coordination numbers of 10 and 12 present a 
problem. They imply either participation of f orbitals in bonding, or bond 
orders of less than one. : 

There are few organic compounds of the lanthanides. Alkyls and aryls 
can be made with lithium reagents in ether solution: 


LnCl, + 3LiR > LnR; + 3LiCl 
LnR; + LiR > Li[LnR,] and [LnMe,]}*~ 


[ a a FURTHER READING 


877 


Table 29.11 Some lanthanide complexes 


Coordination Complex Shape 
number E 

4 [Lu(2.6-dimethylphenyl);]- Tetrahedral 

6 [ce "ci? Octahedral 

6 [Er(NCS),] Octahedral 

7 [Y(acetylacetone)$H50] Mono-capped trigonal prism 

8 [La(acetylacetone)(H20)7] Square antiprism 

8 [Ce V (acetylacetone);] Square antiprism 

8 [Eu(acetylacetone); Square antiprism 

(phenanthroline)] 

8 [Ho(tropolonate)4] Dodecahedral 

9 [Nd(H;O),]* Tri-capped trigonal prism 
10 [Ce (NO), ( PhPO);] Complex 

$ (each NO; is bidentate) 

12 [Ce  (NO4) Icosahedral 


(each NO; is bidentate) 


Se 


Cyclopentadienyl compounds — [Ln(CsHs)s], [Ln(CsHs);Cl] and 
[Ln(C;Hs)Clp] are known but are sensitive to water and air. 
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PROBLEMS 


1. Name the lanthanide elements in the correct order, and give their 
chemical symbols and electronic structures. 


2. In what way are the observed oxidation states of the lanthanides related 
to their electronic structures? 


3. Why is it difficult to separate compounds of the lanthanide elements? 
What methods have been used, and which of these is still used? 


4. What is the lanthanide contraction, and what are its consequences? 


5. In what ways does the filling of the 4f energy level affect the rest of the 
periodic table? 


6. Contrast the electronic spectra of the lanthanide and transition metal 
ions. Why do the lanthanide ions give rise to very sharp bands in their 
electronic spectra, and why are the magnetic properties of their com- 
plexes little affected by the nature of the ligands? 


7. Compare the coordination numbers and stereochemistries commonly 
found in lanthanide complexes with those commonly found in transition 
metal complexes. 


8. Work out the number of unpaired electrons in the ground state of the 
following ions: 


La?*, Ceti Lut, Yb?*, Gd?^* Ew2+ Tb**. 


The actinides 


Table 30.1 The elements and their oxidation states 


Atomic Symbol Outer electronic Oxidation states* 
number structure 
89 Actinium Ac 6d! 75° ni 
90 Thorium Th 6d? 7s? In Iv 
91 Protactinium Pa 5f? 6d' 7s IL IV V 
92 Uranium U Sf? 6d! 7s? I IV V VI 
93 Neptunium Np 5f* 6d! 7s? ILIV V VI VII 
94 Plutonium Pu S poised IAS HIE IV V VI VII 
95 Americium Am sf! T? IL Hr IV V VI 
96 Curium Cm 5f? 6d! 7s? n Iv 
97 Berkelium Bk D LESER Il IV 
98 Californium Cf Cres 1 nr 
99 Einsteinium Es seseque ai 
100 Fermium Fm 2 bera 1r HI 
101 Mendelevium Md spia? 1 i 
102 Nobelium No fS vota H i 
103 Lawrencium Lr Sf'^ 64 7s? nt 
104 Rutherfordium Rf 4f'* 6d? 7s? 
*The most important oxidation states (generally the most abundant and stable) are 
shown in bold. Other well-characterized but less important states are shown 
in normal type. 


ELECTRONIC STRUCTURE AND POSITION IN THE PERIODIC 
TABLE 


Examination of the preceding elements in the periodic table shows that 
francium Fr and radium Ra belong to Groups 1 and 2 and their outermost 
electrons must be in 7s orbitals. The next element actinium Ac begins to fill 
the penultimate d shell (—6d"7s°). It has properties typical of the Se, Y, La 
group. By analogy with what happened after La, it might be expected that 
in the following 14 elements electrons would enter the 5f shell and form a 
second inner transition series. The next 14 elements from atomic number 
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90 thorium to atomic number 103 lawrencium are called the actinide 
elements. However, the electronic structures of the actinides do not follow 
the simple pattern found in the lanthanides. 

Immediately after La the 4f orbitals become appreciably lower in energy 
than the 5d orbitals. Thus in the lanthanides the electrons fill the 4f orbitals 
in a regular way (apart from minor differences where it is possible to attain 
a half filled shell). It might have been expected that after Ac the 5f orbitals 
would become lower in energy than the 6d orbitals. However, for the first 
four actinide elements Th, Pa, U and Np the difference in energy between 
5f and 6d orbitals is small. Thus in these elements (and their ions) electrons 
may occupy the 5f or the 6d levels, or sometimes both. Later in the actinide 
series the 5f orbitals do become appreciably lower in energy. Thus from Pu 
onwards the 5f shell fills in a regular way, and the elements become very 
similar. 

Before 1940 the only actinides known were Th, Pa and U. These 
elements were (wrongly) thought to be part of the d series. The reasons for 
this were some chemical similarity with groups of transition metals Ti, Zr, 
Hf....Th? and Cr, Mo, W....U? The increase in the number of 
oxidation states formed by the elements Ac, Th, Pa and U is reminiscent of 
the inverted pyramid of oxidation states obtained with the d-block 
elements (see Table 17.2). Also the increased stability of the higher states 
follows the same pattern as found in the d-block. This is in contrast to the 
almost uniform (+III) oxidation state of the lanthanides. U is the heaviest 
naturally occurring element. As a result of work on the atomic bomb 
during World War II, and of later work on atomic energy, at least 12 more 
elements have been made artificially. Since these man-made elements have 
atomic numbers higher than U they are sometimes called the trans- 
uranium elements. 

However, as the transuranium elements were discovered and studied it 
became apparent that they were f-block elements from: 


1. the sharpness of the lines in their UV-visible spectra 
2. magnetic studies 
3. the increasing importance of the (+III) oxidation state. 


It is now generally accepted that the actinides are a second inner transition 
series, beginning with thorium and ending with lawrencium. 
The lanthanide and actinide elements may be compared (Table 30.2). 


Table 30.2 The lanthanide and actinide elements 


Transition 


elements Lanthanides 


La 
Ac 


Ce Pr Nd Pm Sm Eu Gd Tb Dy Ho Tee ari A Eu 
Th; Papu. Np Pu Am Cm Bk Cf Es Fm -Md No Lr 


Actinides 


OXIDATION STATES 


881 


There are many similarities between the lanthanides and the later 
actinides. Cm closely resembles Gd, and both have the electronic con- 
figuration f^, d', s?. The elution of Am, Cm, Bk and Cf from an ion- 
exchange column exactly parallels that of the lanthanides Eu, Gd, Tb and 
Dy. The melting points and densities of the actinide elements do not fit 
with the values for the d-block (see Appendices II and III). 

The elements Pa, U, Np, Pu and Cm have very sharp lines in their 
absorption spectra. This is a characteristic feature of f-f spectra. Spectral 
lines from the actinides are about ten times as intense as those from the 
lanthanides. If there is only one f electron present there will be only one 
peak in the spectrum, and therefore it will be easy to interpret. Usually the 
spectra are very complex, and are very difficult to interpret. The magnetic 
properties of the actinides are also difficult to interpret. 

Whether the elements possess any d electrons in their ground state 
configuration is of little practical importance. In the most common 
oxidation state (+III) the two s electrons and the d electron (if present), 
will be removed. The energies of the 5f and 6d orbitals are very close. The 
bond energy is greater than the promotion energy 5f > 6d. The 7s and 7p 
orbitals are of comparable energy. Thus the levels occupied by electrons 
may change depending on the nature of the ligands, or between the solid 
state and a solution. It is often impossible to say which orbitals are being 
used 

The 5f orbitals extend into space beyond the 6s and 6p orbitals and 
participate in bonding. This is in direct contrast to the lanthanides where 
the 4f orbitals are buried deep inside the atom, totally shielded by outer 
orbitals and thus unable to take part in bonding. The participation of the 5f 
orbitals explains the higher oxidation states shown by the earlier actinide 
elements. The greater extension of the 5f orbitals compared with the 4f is 
shown by the difference in electron resonance spectra. of Nd?* and U** 
ions in CaF, or SrF>. Both ions have an f? ground state (spectroscopic term 
symbol “Ig. — see Chapter 29). The U?* signal shows hyperfine structure 
caused by interactiori with fluorine nuclei, whilst Nd** ions do not. 


OXIDATION STATES 


The known oxidation states of the elements are shown in Table 30.1. 

The (4I) state is quite rare. Am^* has an f’ configuration. It is the 
analogue of Eu?* in the lanthanides, but it only exists in the solid as the 
fluoride. In contrast Cf2*, Es?" , Em? ^. Md?* and No?* exist as ions in 
solution. Their properties are like the Group 2 metals, particularly Ba^. 
It is the most stable oxidation state for No, and corresponds to an f 
arrangement. 

The zctinides all have an oxidation state of (+III), like the lanthanides. 
However, this is not always the most stable oxidation state in the actinides. 
(III) is not the most stable oxidation state for the first four elements Th, 
Pa, U and Np. For example, U?* is readily oxidized in air, and in solution. 
The (+III) state is the most stable state for the later elements 9>;Am — 
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103Lw (excluding 102N0). Their properties are similar to those of the 
lanthanides. 

The most stable oxidation states for the first four elements are Th (+IV), 
Pa (+V) and U (4 VI). These high oxidation states involve using all the 
outer electrons (including f electrons) for bonding. Though Np(+ VIT) 
exists, it is oxidizing and the most stable state is (+V). Pu shows all the 
oxidation states from (+III) to (+VII), but the most stable is Pu(IV). Am 
has a range of oxidation states from (+11) to (+ VI). However, for Am and 
almost all the remaining elements the (+III) state is the most stable. 

The (4-IV) state exists for all the elements from oTh to 97Bk, and it is 
the most important state for Th and Pu. M** ions are known in acid 
solution, and are precipitated by F~, PO3> and 10; ions. The elements all 
form solid dioxides MO; and fluorides MF;. 

The (+V) state occurs for the elements o;Pa — osAm, and it is the most 
stable state for Pa and Np. A few solid compounds are known. M?* ions do 
not occur in solution, but MOŽ ions exist between pH 2-4, and these 
oxoions are linear [O—M—O]*. These ions disproportionate rapidly in 
solution, but are found in solid compounds. 


(+V) (HV) (*VI) 
2UO: + 4H* > U** + UO$* + 2H;0 


The (-- VI) state exists as fluorides MF, for the elements U, Np, Pu and 
Am. The (+VI) state is more widely found as the dioxo ion MO3*. This 
ion is linear [O—M—O}*", and is stable. It exists both in solution and in 
crystals. The crystal structure of uranyl nitrate UO2(NO3)2(H2O)2 consists 
of the linear (O—U—O)** ion surrounded by two NO; groups and two 
H;O molecules. The NO; groups are bidentate, so two O atoms from each 
NO; bond to the U. O atoms from the two H,O atoms also bond to U, 
giving a coordination number of 8. Similarly in the crystal structure of 
sodium uranyl acetate Na[UO.(CH3;COO);] the acetate groups are 
bidentate using both O atoms, so U is eight-coordinate. 

The lower oxidation states tend to be ionic, and the higher ones 
covalent. M2*, M?* and M** ions are all known. Hydrolysis of these ions 
occurs quite readily, but can be suppressed by using acid solutions. Perch- 
loric acid is often the most suitable as it has little tendency to form com- 
plexes. Hydrolysis of compounds in the higher oxidation states give (+V) 
— MO} ions and (4 VI) > MO3* ions. 


OCCURRENCE AND PREPARATION OF THE ELEMENTS 


All the elements after Pb, that is from g,Bi onwards, have unstable nuclei 
and undergo radioactive decay. The elements up to and including QU 
occur in nature and have been known for a long time. Even though they 
undergo radioactive decay, Th and U are by no means rare. They make up 
8.1 ppm and 2.3 ppm of the earth’s crust respectively. The fact that Th and 
U occur at all on the earth is because the isotopes 783Th, ^33U and *33U 
have half lives sufficiently long for some to have remained since the earth 
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was formed (fiz for 7g8U is 4.5 x 10? years, and t; for ?33U is 7.04 x 10° 


years). The elements following U have shorter half lives, and any present 
when the earth was formed has already decayed. 

If the elements are significantly radioactive they must be handled with 
care. The later actinides have very short half lives (often a few minutes or 
less). Thus it is not possible to get high concentrations, or perform any- 
thing other than quick tracer experiments. Studying some of the elements 
is complicated because the radiation decomposes water into H and OH 
radicals. These radicals may reduce higher oxidation states such as 
Pu(^- VI), Pu(-- V), Am(- VI), Am(+V) and Am(+IV). 

The radioactivity produces self-heating. Ten grams of **°Pu generates 
0.02 watts of heat. This cannot be used as a large scale power source since 
this isotope is fissile and thus undergoes nuclear fission. (The critical mass 
of 2°Pu is only about 1 kg.) The heat may decompose some compounds. It 
also prevents accurate structure determination by X-ray diffraction, since 
the atoms have: an unusually high degree of thermal motion. The 
production of heat in this way by some of the actinides is used in light- 
weight power sources. For example, the heat is used to produce electricity 
with a thermopile in heart ‘pace-makers’. They were used in the first moon 
probes, the Apollo space mission and in satellites. The isotopes 23 Pu and 
242Cm are used for this purpose. They are a emitters, and very little 
shielding is required as a particles are easily stopped by surrounding 
material. 24!Am has also been used, but it emits y rays in addition to o 
rays, and thus requires extensive shielding. 

Up to 10% Th is found in Monazite sand, mixed with the lanthanides as 
(ThLn)PO,. It is also found as the ore thorite ThSiO,. U is mined as the 
ore pitchblende UO;. Very small amounts of Ac, Pa, Np and Pu have been 
detected in these ores. These four elements are only available by synthetic 
routes. Plutonium is formed in large amounts by irradiating uranium fuel 
in nuclear reactors. This is important because plutonium is fissile, and can 
be used for military purposes (to make atomic weapons) and also as a fuel 
for nuclear generating stations to make electricity. 

The chemistry of Th and U resembles that of the Ti and Cr groups of 
transition metals in several respects. The elements with higher atomic 
numbers than U are called the transuranium elements. These have all been 
produced artificially in the period since 1940. These elements were pro- 
duced using a nuclear reactor to irradiate suitable elements with neutrons. 
They are also made using an accelerator to bombard a sample with a 
particles (He nuclei), or the nuclei of light atoms such as C, B, N, O or Ne. 
Most of the transuranium elements were discovered (first made) at the 
University of California. 


PREPARATION OF THE ACTINIDES 


The early members of the series are usually formed by (ny) reactions 
which are usually followed by B emission. They were first made in 1940 by 
bombardment of U in a cyclotron at Berkeley. They are now obtained 
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from spent U fuel rods. Though the main reaction in a reactor is fission of 
233U into two smaller nuclei with the release of a lot of energy, several 
secondary reactions occur. The U fuel rod is irradiated with slow neutrons 
(of energy 1 MeV). A neutron may be captured by the nucleus in a (n, y) 
reaction. The neutron increases the mass number of the nucleus by one, 
and some energy is released as y radiation. Further neutrons may be 
added in a similar way. Addition of neutrons increases the neutron to 
proton ratio (the n/p ratio). This eventually makes the nucleus unstable 
because it contains too many neutrons. The nuclei decay by converting a 
neutron into a proton and a p particle (electron). This reduces the n/p 
ratio and also increases the atomic number by one. Thus a new element is 
formed, one place to the right in the periodic table of the original element 
(see Chapter 31, under Stability and the ratio of neutrons and protons). 
When the fuel rod is eventually removed from the reactor, it is processed, 
and the new elements can be recovered. There is not much use for Np so 
normally only Pu is recovered. (Pu is useful both as a nuclear fuel, and for 
weapons.) 


235 2 p 
QU + in "QU + in^ "NU ———> *}iNp 


1 6.7 days 
238 W B p 
SU + in > RU > Np > "Pu 
tyz 23.3 min yy 2.3 days 


The yield of the heavier elements is controlled by two factors: 


1. The half lives of the various isotopes. 
2. By their ability to absorb neutrons, that is their neutron cross-section. 


Isotopes of elements after Pu can be made by a succession of (n, y) 
reactions starting with Pu in a nuclear reactor. 


3 1n.y) (n.y) 
229pu n, 23) pu ——> 754Pu LE Am 


ty 13.2 years 


The stepwise addition of slow neutrons is tedious. A quicker method is 
to subject the sample to a very high flux or density of fast neutrons, without 
allowing time for the intermediate products to decay. This happened 
during the hydrogen bomb explosions when elements Es einsteinium and 
ywoFm fermium were formed. As yet this does not provide a convenient and 
practicable synthetic route! In reactor fuel elements **U adds a fast 
neutron and then loses two neutrons. 


(n.2n) 53 p 
aqu Ce, gu —P5— SiNp 
1,5 6.7 days 


An alternative method is to bombard the sample with small ions. These 
must have sufficient energy to overcome the coulombic repulsion between 
the ion and the heavy nucleus. These ions are given a high kinetic energy of 
motion by accelerating them to a great speed in a linear accelerator, or ina 
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Table 30.3 The main isotopes and their sources 


Atomic Element Main Half life Source 
number isotopes 
Z 
89 Actinium iL 21.7 years Natural 35Ra PY. 2?Ra eae BAC 
90 Thorium 22Th 1.4 X l0 years Naturally occurring ores 
91 Protactinium Spa 3.3x 10* years Natural (0.1 ppm in U ores) and from **°U fuel 
elements 
92 Uranium 250 7.1 x 108 years Natural (0.7% abundance in U ores) 
Be 4.510’ years Natural (99.3% abundance in U ores) 
93 Neptunium 2? Np 2.20x10*years Formed from U fuel elements 


Riu agu BU e Np 


BU (n, mut. 


94 Plutonium SAP y 86.4 years Several isotopes are formed in fuel elements 
“Np IIN gre 
Py 24x 10tyears RU Me gU Be Np D ea 


WPu 3.8 x 10° years — "Pu use capu 
Mpy 8.2 x 107 years — "Pu five (ny), 244py 


two (ny) 
95 Americium ul Am 433 years RU Sm Pu he 7j Am 
3am — 77x10 years — "Pu four (ny), 243p, ane Am 
Am 3p WAM 
16.0 h 
an 
96 Curium 22Cm 162 days 3 Pu ————————— Cm 
n 
24Cm 17.6 years Pu four'(n "pu ghee Am he 
Am ygi Cm 
97 Berkelium Bk 314 days 
"d Californium Ct 250 MESE Intense and prolonged neutron bombardment of 
Edi 2.6 years ??py in nuclear reactors 
99 Einsteinium AES d 
100 Fi RE 4.5 days 1 2 
101 Mendelediom Mid 1.5 [a Bombardment of Cr with He? followed by p 
102 Nobelium 253N 9 3 seconds Bombardment of mud with c 
103 Lawrencium ue i 8 seconds Bombardment of ?*Cf with B 
104 Rutherfordium — "*'Rf Approx. 70 
seconds 
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cyclotron. The simplest ion used is the a particle (that is a He nucleus). 
These increase the mass number by four and the atomic number by two. 


24pu + He — 7g¢Cm 
Often the addition of the helium nucleus upsets the ratio of neutrons to 
protons (see Chapter 31), and one or more neutrons are emitted. The 
equations for nuclear reactions may either be written showing all the 
particles in the equation, e.g. 


239Pu + $He > 784Cm + 2(òn) 
or in a shorthand way with the particles added and lost shown in brackets: 


(a,2n) 
Ropu ——» *8.Cm 


(a. n) 
28m", Bk 


2 >, 
2C 222), 24er 


(a.2n) 
ACE — —5 Fm 


2gs (0), 25644 


The heaviest elements were obtained by bombarding the sample with 
accelerated ions B°*, C°*, N’* or O**. 


XU + N — 2REs + 3(0n) 
2NU $0 Fm + 4(jn) 
246Cm + 2C — No + 4(òn) 
cf + UB — WuLr + 6(}n) 


The sources, half lives and mass numbers of the most accessible isotopes 
are given in Table 30.3. 

Other isotopes are known, and some have long half lives. "Bk is only 
prepared with difficulty by ion bombardment in an accelerator, but it has a 
half life of about 7000 years. 

The quantities of these elements which are available are given in Table 
30.4. The elements above atomic number 100 fermium exist only as short- 
lived species, and only minute quantities (a few atoms) have been 
prepared. The most stable isotopes are {iMd = 53 days, jj3No = 185 


seconds, 7a$Lr = 45 seconds and 304 Rf = approx. 70 seconds. 


GENERAL PROPERTIES 


Some properties of the elements are given in Table 30.5. The elements are 
all silvery metals. Their melting points are moderately high, but are 
considerably lower than those for the transition elements. The size of the 
ions decreases regularly along the series, because the extra charge on the 
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Table 30.4 Availability of various isotopes 


ee. OO OOOO ——————— 


Tonnes Kilograms 100 grams Milligrams Micrograms 
232 237 231 244) 
ay zope zapu Mad kie 
222pu 22m 
241 Am 282 
243 ‘Am 2535 
Cm MES 


Table 30.5 Some properties of the actinides 


m.p. b.p. Density Radius Radius 

CC) CC) (gem 7) M** (A) M** (A) 
Ac 817 2470 - 1.12 - 
Th 1750 4850 11.8 (1.08) 0.94 
Pa 1552 4227 15.4 1.04 0.90 
U 1130 3930 19.1 1.025 0.89 
Np 640 5235 20.5 1.01 0.87 
Pu 640 (3230) 19.9 1.00 0.86 
Am 1170 2600 13.7 0.975 0.85 
Cm 1340 13.5 0.97 0.85 
Bk 986 14.8 0.96 0.83 
Cf (900) 0.95 0.82 
Es (860 


nucleus is poorly screened by the f electrons. This results in an ‘actinide 
contraction’ similar to the lanthanide contraction. Comparison of the M? 
ionic radii with whose for lanthanides (Table 29.9) shows that the actinide 
and lanthanide ions are very similar in size. Hence their chemical 
properties are alike. However, the actinides have much higher densities 
and a much greater tendency to form complexes. 

The actinides are reactive metals like lanthanum and the lanthanides. 
They react with hot water, and tarnish in air, forming an oxide coating. In 
the case of Th this coating is protective, but this is not so with the others. 
The metals react readily with HCl, but reaction with other acids is slower 
than expected. Concentrated HNO; passivates Th, U and Pu. The metals 
are basic and do not react with NaOH. They react with oxygen, the 
halogens and with hydrogen. Tite hydrides are nonstoichiometric and have 
ideal formulae MH» or MH3. 

The metals are usually obtained by electrolysis of fused salts, or by 
reducing the halides with Ca at high temperatures. 


THORIUM 


Thorium is by no means rare. It comprises 8.1 ppm of the earth's crust and 
is the thirty-ninth most abundant element. The main source 1s monazite 
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sand in which it occurs up to 1076 as the phosphate, mixed with phosphates 
of the lanthanides. Thorium is also found as uranothorite (a mixed silicate 
of Th and U) in the Sudbury ores (Canada). Monazite is treated with 
NaOH. The insoluble hydroxides are filtered off and dissolved in HCI. The 
pH is adjusted to 6, when the hydroxides of Th(IV), U(IV) and Ce(IV) are 
precipitated. This separates them from the trivalent lanthanides. The 
hydroxide precipitates are dissolved in 6M HCI and extracted with tri- 
butylphosphate and kerosene. If required the metal can be obtained by 
reducing ThO; with Ca, or ThCly with Ca or Mg. These reactions must be 
carried out under an atmosphere of argon, as This very reactive when hot. 

The only stable oxidation state is Th(--IV). and the Th** ion is known 
both in the solid and in solution. Th(NO;),:5H;0 is the best known 
salt. and it is very soluble in water. In dilute solutions hydrated ions 
[Th(H5O), |" exist. and on adding NaOH. a precipitate of Th(OH), is 
produced. The oxide ThO; is formed by heating the nitrate, or by heating 
the metal in air. The oxide is white and has the highest melting point of any 
oxide (3220°C). It is unreactive except that it dissolves in a mixture of 
HNO, and HF. The other actinide oxides are also refractory. 

Anhydrous halides ThX, are formed by direct reaction. They are also 
formed by strongly heating the oxide with the appropriate halogen acid or 
heating the oxide with CCl, at 600°C. The halides are high melting and 
white. On strong heating Thl, decomposes to the elements. This has been 
used to purify the metal by the van Arkel method (see Chapter 6. under 
"Thermal decomposition methods of extraction’). The halides hydrolyse in 
moist air. giving oxohalides ThOX2. The white colour of Th(IV) com- 
pounds is associated with the absence of d or f electrons. The high charge 
of Th?’ favours the formation of complexes. These often have high 
coordination numbers and uncommon structures (Table 30.6). 


Table 30.6 Some high coordination numbers 


A ———————————— 


Coordination number Shape 
K,[Th(oxalate,] : 4H;O. 8 Square antiprism 
(NH4)a[ThFx] 9 Tricapped trigonal prism (ThFy) 


sharing two edges to give 
infinite chains 
Mg(Th(NO)q] 12 Icosahedral. The NO groups 
are bidentate 


pau Mp qM 


Th(III) compounds are rare, and are only found as solids. Thl, and 
ThOF have been made, but they react with water, forming Th(IV) and 
liberating hydrogen. Thl, and Thl, can be made: 


heat 


2Thl, + Th —— 2Thl; + Thl; 


Thl, is a gold coloured solid, and,is a good electrical conductor. These 
lower-valent compounds all have some metallic conduction. Thl, is 
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probably Th**, 21” and 2 electrons in a conduction band. ThI; is probably 
Th^*,3I- and an electron in a conduction band. ThS has also been made. 

About 500 tonnes of thorium compounds are produced annually. The 
two industrial uses are as follows: 


1. When thorium dioxide containing 1% cerium is heated in a gas flame 
it emits a brilliant white light. Because of this it was widely used for 
making incandescent gas mantles. At one time gas lighting provided the 
main source of artificial light. (Electric light bulbs and fluorescent tubes 
have largely replaced gas lighting except for mobile use, e.g. in 
caravans. However, making gas mantles still accounts for half the Th 
produced. ) 

2. Naturally occurring thorium is almost entirely **Th. This isotope is 
not fissionable, but if irradiated in the outer part of a nuclear reactor, 
2331) is formed. 


2324p, BY. 2 6 P 
S Th-» Th—— ZiPa-——5 Ael 
22 min 27.days 


This isotope of uranium does not occur in nature, and has a half life of 
1.6 x 10° years. It is fissionable. Since more reactor fuel is produced 
than is consumed by the reactor it is important as the basis of ‘breeder- 
reactors’ 


PROTACTINIUM 


Traces of Pa (about 0.1 ppm of ??!Pa) are found in the uranium ore 
pitchblende UO. The Pa is formed as a decay product of 2351) in the 
actinium decay series (see Chapter 31). It also occurs in the neptunium and 
uranium natural decay series. It is difficult to isolate Pa from minerals. It is 
usually prepared artificially either from Th by the reaction given above, or 
obtained as **'Pa from processing spent uranium fuel elements removed 
from nuclear reactors. j , 

The study of protactinium is a Story of scientific cooperation which is 
rarely encountered. The chemistry of this element was almost unknown 
until 1960 when A.G. Maddock and a team at the UK Atomic Energy 
Authority extracted 130g of the element from over 50 tonnes of waste from 
the extraction of U. They sent samples to major laboratories throughout 
the world. This rapidly produced most of the information on this element. 

The chemistry of Pa is particularly difficult to study because the 
compounds hydrolyse readily. In addition the ions polymerize forming 
colloidal precipitates in water and most acids. These precipitates are 
adsorbed on to the vessel walls or onto other precipitates. Colloidal pre- 
cipitates are not formed when Pa is handled in fluoride solutions, because it 
forms fluoride complexes. 

Pa can be extracted from solutions in HCl or HNO; by tributyl 
phosphate. It is then precipitated as PaF;. and reduced to the metal with 
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Ba at 1400°C. Pa has been obtained in 100 g quantities. The metal is shiny, 
malleable, and tarnishes in air. 

The most stable oxidation state is (+V). P2205 is obtained as a white 
solid by igniting Pa compounds in air. The oxide is weakly acidic as it is 
attacked by fused alkali. Heating in a vacuum, or reduction with hydrogen 
at 1500°C, gives a black nonstoichiometric phase PaO» 3 and eventually 
PaO;. PaF; can be made by the action of F, on PaF,, or BrF; on P220;. It 
is reactive, and can be sublimed. PaCl, and oxohalides PaOX; and PaO;X 
are also known. Pa(V) complexes with oxalate, citrate, tartrate, sulphate 
and phosphate ions are known, and some unusual fluoride complexes have 
been studied. In Rb[PaF;] the Pa atom is eight-coordinate. The complex 
K,[PaF,] contains nine-coordinate PaF groups. These form two F bridges 
to neighbouring groups on either side, giving a chain. In Nas[PaF;] the 
[PaFs]^- ion is a slightly distorted cube. In the (+IV) state, PaO? and the 
halides PaX4 are all known, and also oxohalides PaOX;. Reduction of 
aqueous Pa(V) solutions with zinc amalgam or Cr^* gives Pa(IV), but this 
is readily oxidized by air. Spectra of PaCl in HCl or HCIO; are similar to 
those for Ce?* (4f"). This suggests that Pa(IV) has a 5f! configuration, and 
is an actinide. Pa(III) has been detected polarographically. 


URANIUM 


Uranium ores were originally mined as a source of Ra, which was used for 
radiotherapy treatment of cancer. Small amounts of U were (and still are) 
used to produce pale yellow or green coloured glass. This glass fluoresces 
under UV light. Some uranium oxide is used for colouring ceramics. 

The discovery of uranium fission by Otto Hahn in December 1938 
stimulated a very detailed study of nuclear physics and of uranium 
chemistry. The liberation of energy by splitting a nucleus was of such 
importance that on 2 August 1939 Albert Einstein wrote about it to 
Franklin D. Roosevelt (the President of the USA). He said ‘Some recent 
work by E. Fermi and L. Szilard leads me to expect that the element 
uranium may be turned to a new and important source of energy in the 
immediate future’. History shows how right he was. 

Enrico Fermi (a refugee from Italy working at the University of 
Chicago) used the fission process to create the first man made nuclear chain 
reaction on 2 December 1942. His reactor consisted of a pile of alternate 
layers of fuel (U and UO;) and moderator (graphite). Strips of Cd served 
to absorb neutrons and thus control the chain reaction. Fermi used 400 
tonnes of graphite, 50 tonnes of UO; and 6 tonnes of U metal. 

This led to the Manhattan Project to make atomic bombs, to the 
discovery of the transuranium elements (elements with higher atomic 
numbers than U) and the development of nuclear power. Two atomic 
bombs were used against Japan in 1945. Uranium is now of great commer- 
cial importance as a nuclear fuel. In 1989 there were over 120 nuclear 
power plants producing electricity in the USA, and over 400 in the rest of 
the world. 
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Occurrence 


Uranium vanadates such as carnotite K(UO5);(VO,);- 3H50 constitute 
the chief ore of U. It occurs as a distinctive yellow or green—yellow crust, 
or in sandstones and soft aggregates. U is also mined as oxide ores, the 
most important being uraninite and pitchblende. These are black- brown 
coloured, nonstoichiometric and approximate to UO). They are often 
oxidized, and gummite is orange yellow, brown or black and is a mixture 
of weathered U and Th ores. The stoichiometric oxides UO2, U3Os and 
UO; are black- brown, green—black and orange—yellow respectively. U is 
the forty-eighth most abundant element in the earth’s crust (2.3 ppm). It is 
more abundant than some ‘well known’ elements such as Ag, Hg, Cd and 
I. World production of U was 34400 tonnes in 1992. This is based on the 
metal content, and is equivalent to 40600 tonnes of U3Os. The main 
producers of U ores are the Soviet Union 3276, Canada 2796, Niger 9%, 
Australia and Namibia 776 each, France 6%, and the USA and South 
Africa 5% each. Half of the USA production comes from the Grants area 
of New Mexico. 


Extraction 


The extraction processes are complex. Ores are crushed and concentrated 
by physical and chemical means. Ore may contain 0.2% U, so 1 tonne of 
ore yields only 4lbs or under 2 kg of U3Ox. First the ore is concentrated 
using the very high density of U in flotation methods. Then it is roasted in 
air, and leached with H2SO4 (often with an oxidizing agent such as MnO, 
to ensure conversion to U(4- VI)). This is precipitated as sodium diuranate 
Na;U;O;, a bright yellow solid called ‘yellowcake’. This dissolves in 
HNO;, forming uranyl nitrate UO,(NO3)3(H20)n- Uranyl nitrate is 
purified either by adding ammonia to precipitate UO, or by solvent 
extraction of uranyl nitrate from aqueous solution into tributyl phosphate 
in an inert hydrocarbon diluent. The final steps are conversion to UF, 
followed by reduction of UF4 with Ca or Mg to give the metal. 


Nuclear fission 


Naturally occurring uranium contains three isotopes: 99.3% °*U, 0.7% 
251) and traces of 24U. The isotope U is fissile, and if it is irradiated 
with thermal (slow) neutrons the nucleus breaks up into two smaller nuclei. 
At least a million times more energy is liberated by this fission than from a 
chemical reaction. The nucleus may split giving several products (see 
‘Induced nuclear reactions’, Chapter 31), one such reaction being: 


BSU + dn —> BI + RY + 3(jn) +2 x 10!? kJ mol”! energy 


If one of the neutrons evolved splits another 235U nucleus then a self- 


perpetuating nuclear chain reaction will be started. This liberates energy at 
a constant rate. Since three neutrons are evolved per fission, these could in 
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principle split three further 2350 nuclei. This would liberate even more 
neutrons and start a branched chain reaction. This would run out of 
control, liberating energy at an ever increasing rate, resulting in an 
explosion. 

It is very difficult to start and maintain a chain reaction. The neutrons 
produced by the fission are ‘fast neutrons’, and have energies of 2 x 108 kJ 
mol~!. They tend to escape and are not very effective at causing further 
fission. They are much less effective than ‘slow neutrons’ with an energy of 
about 2 kJ mol !. (These are sometimes called ‘thermal neutrons’, because 
their energy is equivalent to thermal energy attainable at room tempera- 
ture.) Two things can be done to increase the chance of a chain reaction. 


1. The fast neutrons may be slowed down by collision with atoms of 
hydrogen, deuterium or carbon. These materials are called moderators. 

2. A large enough mass of *}3U is needed to ensure that sufficient neutrons 
hit another fissile U nucleus rather than escape. Thus there is a critical 
mass. The size of this depends on the shape of the material and on its 
purity. A sphere has the minimum surface area, which minimizes the 
chance of neutrons escaping. Rods or sheets have a much larger area: 
hence neutrons can escape more easily. The chance of neutrons causing 
fission increases if the proportion of the fissile isotope is increased. Thus 
it is usual to ‘enrich’ the fuel. , 


Control rods are used to make sure that the reaction does not get out of 
control. The control rods absorb neutrons. The rods are lowered into the 
reactor to absorb neutrons and slow it down, or are raised out of the 
reactor to allow it to speed up. Control rods may be made of boron steel. 
cadmium or hafnium. 

B * in a HB T Y 
'NCd + on — "Cd + y 

Paradoxically chain reactions can only be made to result in an explosion 
with difficulty. To get an explosion, conditions must be such that the 
neutron propagation factor is greater than one. This means that more than 
one neutron from each fission is effective at causing another fission. This is 
called a branched chain reaction. To attain these conditions bomb grade 
fuel is very highly enriched. It may contain up to 80% 23350. There are great 
difficulties in achieving this magnitude of enrichment. Normally the energy 
liberated melts the radioactive material, thus allowing it to spread out. 
Because of the increased surface area, more neutrons escape: hence the 
chain reaction ceases. Only if the fissile material is prevented from 
spreading out by some form of containment will a chain reaction result in 
an explosion. The temperatures reached are similar to that of the sun, and 
there is no casing that will withstand such temperatures. The first atomic 
bomb dropped on Hiroshima used **U. Two sub-critical masses of 
enriched 2°U at opposite ends of a gunbarrel were shot together by a small 
conventional explosion, which held them together long enough for a 
nuclear explosion to occur. 
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In a nuclear reactor, the neutron propagation factor is very close to one. 
This means that only one neutron from each fission is allowed to cause 
another fission. Thus the release of energy is controlled, and can be used 
for peaceful purposes such as generating electricity. The surplus neutrons 
may escape, or may be absorbed by the neutron absorbing control rods or 
by ?*U which is also present in the fuel rods. 

The preparation of enriched U fuels containing large amounts of fissile 
255U is difficult. Fuel is usually enriched to between 2% and 4% of ?5U for 
civil nuclear reactors in power stations. A much higher enrichment is 
required for bombs and reactors for submarines (70% or 80%). There are 
four methods of separating the isotopes of U: thermal diffusion, gaseous 
diffusion, electromagnetic separation and using a gas centrifuge. Large 
scale separation is now carried out using the different rates of diffusion of 
gaseous UF, and ?58UF, (see Chapter 31). The gas centrifuge method 
is increasing in importance. 


UO; + HF > UF, —» UF. (œs) 
U + 3CIF; 9S UF, + 3CIF; 


When 2*U absorbs neutrons it forms the heavier element Pu which is itself 
fissile and can be used as a nuclear fuel. Since a larger quantity of Pu may 
be formed than the quantity of ^*U that is consumed, the reactor is called 
a fast breeder reactor. 


Chemical properties 


Uranium and the next three elements Np, Pu and Am show oxidation 
states of (+III), (+1V), (+V) and (+ VI). These are similar to each other, 
except that the most stable state drops from U(VI) to Np(V) to Pu(IV) to 
Am(III). In the (+M) and (+IV) states the compounds are similar to 
lanthanides. The ions formed in the oxidation states (+III), (41V), (+V) 
and (4VI) are M°*, M**, MOŻ and MO?* respectively. Oxidation- 
reduction reactions are rapid between Mé* and M^*, or MO and MO3*, 
as these only involve the transfer of an electron. Oxidation of M^* to 
MO?* is slow because it involves transfer of oxygen. 

Uranium is a reactive metal. Finely divided metal reacts with boiling 
water to give a mixture of UH3 and UO;. The metal dissolves in acids, and 
reacts with hydrogen, oxygen, the halogens and many elements. 


Hydrides 

Uranium reacts with hydrogen even at room temperature, though the 
reaction is faster at 250°C, giving UH as a black pyrophoric powder. The 
hydride is very reactive, and is often more suitable than the metal for 
making other compounds: 
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2UH; + 4H;O > 2UO; + 7H; 
2UH; + 4Cl — 2UCl, + 3H» 
2UH, + 8HF —2UF, + 7H; 

UH; + 3HCl > UCI; + 3H; 


Oxides 

The U-O system is complicated because there are several stable oxidation 
states, and the compounds are often nonstoichiometric. UO; is brown- 
black and occurs in pitchblende. U3Og is greenish black, whilst UO; is 
orange—yellow. Some reactions are given: 


UO,(NO;):2H,0 =S, yo, °F yo, 
700*C 


heat 


U + O, ————> U30; 


All three oxides are basic and dissolve in acids. UO; dissolves in HNO;, 
forming the yellow uranyl ion [O=U=O}]?*. Crystallizing this solution 
gives uranyl nitrate UO;(NO5);(H5O),.. The number of molecules of water 
of crystallization may be two, three or six depending on whether it is 
crystallized from fuming, concentrated or dilute HNO;. Crystals of the 
dihydrate have an unusual eight-coordinate structure. This comprises a 
linear [O=U=O}** group perpendicular to a hexagon of six oxygen 
atoms (four from two bidentate NO; groups and two from water 
molecules (Figure 30.1). 


Figure 30.1 Uranyl nitrate dihydrate UO;(NO3); 2H;O. 


Halides 


The main uranium halides and their colours are listed in Table 30.7. Some 
of the reactions of the fluorides are given: 
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UF; 
AL 900°C 


HF Tos 
UO2—>, UFa a, UF. "> [UF] and [UF]. 


F 400°C HBr 65°C 
UF, 


UFs and UCI, are octahedral but all the other halides are polymeric, and 
have high coordination numbers. The halides are all hydrolysed by water. 
The hexahalides dissolve in strong acid and give the UO3* ion. At higher 
pH values this hydrolyses and polymerizes via hydroxyl bridges, giving: 


ae: 

ma Se 

PO On ous 
H H 


UF, is obtained as colourless crystals, m.p. 64°C. It is a powerful fluori- 
nating agent. and is rapidly hydrolysed by water. UFs tends to dispro- 
portionate to UF, and UF,. The tetrahalides are the most stable. 


Table 30.7 Halides of uranium 


Oxidation Fluorides- Chlorides Bromides lodides 
state - 
+III UF; green UCI, red UBr; red UL, black 
+1V UF; green UCI, green UBr, brown Ul, black 
+V UF; white-blue — UsClyy red-brown 
*VI UF, white UCI, black 

UsF, black 

U,F,, black 

UsFa black 


Oe 


NEPTUNIUM, PLUTONIUM AND AMERICIUM 


Except for "Pu. which is very important as a nuclear fuel and for bombs, 
the other transuranium elements have few uses outside research. “y4Np and 
X"Pu can be extracted in kilogram quantities. and Am and "Am in 
100g quantities from spent uranium fuel rods which have been used in a 
nüclear reactor. Their separation is extremely difficult and hazardous. Not 
only are they mixed with highly radioactive fission products, but the 
material is also fissile. The critical mass for a sphere of Pu metal is about 
lÜkg but in solution less than 1 kg may be critical. Furthermore. Pu is 
extremely toxic (a dose of 10 “g may be fatal and smaller doses are 
carcinogenic). Am can be obtained from spent fuel rods. It is produced 
by intense neutron irradiation of pure Pu at the Oak Ridge National 
Laboratories in Tennessee. 


[896 | 


THE ACTINIDES 


The reprocessing of nuclear fuel rods is an important new technology. 
Plainly, reprocessing is necessary in breeder reactors to extract the new 
elements produced so that they may be used as fuel. Reprocessing is also 
essential in normal thermal reactors. This is because some of the fission 
products that are produced absorb neutrons. Thus they will stop the chain 
reaction before all the 25U or ??Pu has been used. There are over 30 
different elements produced, including Sr, the second row transition 
elements, I, Xe, Cs, Ba, La and the lanthanides. (Many of the isotopes 
formed are radioactive: the best known are Sr and 1.) There are large 
amounts of U and Pu, and small amounts of the other transuranium 
elements. 

Fuel rods removed from a reactor are immersed in water for 100 days. 
This keeps them cool while the highly radioactive isotopes with short half 
lives such as '24I (tin = 8 days) lose most of their activity. 

In the Purex process the fuel rods are dissolved in 7M HNO; and 
extracted with tributyl phosphate. UO?* and Pu(--IV) are extracted in the 
same way. This leaves the other transuranium elements (mainly Np. Am 
and Cm) together with other fission products (mainly second row transition 
elements and lanthanides) in the aqueous solution. Careful reduction of 
the UO3*/Pu(+IV) solution with SO;, NH;OH or iron(II)sulphamate 
Fe(NH;SO:); gives Pu(-- III). This is easily separated from UO$* and U** 
by solvent extraction. U is precipitated as uranyl nitrate, and Pu as the 
oxalate or fluoride. Eventually UO and PuO; are recovered 

Np, Pu and Am are reactive metals similar to U. They dissolve in acids, 
and react with hydrogen, oxygen, the halogens and many elements. The 
oxidation states (+III) > (+VI) are present in solution as M?*, M**, 
MO} and MO3*. The (+VI) state becomes increasingly oxidizing in the 
order U > Np > Pu — Am. AmO?* is as strongly oxidizing as KMnO,. 
The most stable states are Np(-^- V). Pu(- IV) and Am(- III). Very strong 
oxidation of alkaline solutions of NpO3* and PuO3* with ozone or HIO; 
yields the (+VII) state which has been isolated as Lis[NpO,] and Li[PuO,]. 
The (+VII) state is strongly oxidizing and when acidified it is rapidly 
reduced to the (+VI) state and H5O is oxidized to Op. 

The most important oxides are the dioxides MO», but the oxide systems 
may be nonstoichiometric, and contain various solid solutions. The halides 
are similar to those of uranium in structure, properties and preparation. A 
list of known compounds is given in Table 30.8. 

All isotopes of plutonium are important as nuclear fuels. 27Np is 
converted by neutron irradiation to ^"Pu for use as a power source in 
satellites. "Am is a valuable laboratory source of a particles. 


THE LATER ACTINIDE ELEMENTS 


Much less is known about the later elements curium, einsteinium, 
fermium, mendelevium, nobelium and lawrencium. This is due in part to 
their limited availability, and partly to their instability. Table 30.4 shows 
that only Cm is available in macroscopic quantities, and information on the 
others is largely from tracer studies. 
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Table 30.8 Halides of neptunium, plutonium and americium 


EAE UE MS 

4l NpF; purple—black PuF; purple AmF; pink 
NpCl, white PuCl, emerald green AmCl; pink 
NpBr; green PuBr; green AmBr; white 
Npl brown Pul, brown Aml, yellow 

4IV NpF, green PuF, brown AmF,; tan 


NpCl, red-brown 
NpBr, red-brown 


+VI NpF, brown PuF, red-brown 


Interest in these elements is largely concerned with showing that the 
second half of the actinides resemble the lanthanides quite closely. In spite 
of similarities, the actinides can be separated from the lanthanides quite 
easily, as the actinides form complexes more readily. For example, with 
concentrated HCI the actinides form chloro complexes. If both groups of 
ions are adsorbed on a cation exchange column, the actinides can be eluted 
with concentrated HCI. The actinide ions are separated from each other by 
ion exchange using citrate solutions to elute them. The order in which the 
actinides are eluted shows a close similarity to the order in which the 
lanthanides are eluted. 

The (+III) oxidation state is the most stable for all but one of the 
elements with atomic numbers 96-103, i.e. Cm, Bk, Cf, Es, Fm, Md, (No) 
and Lw. The exception is No, which is most stable as No(--1I). This is 
stable because it has a favourable f 14 electronic configuration. 

There is evidence of (+II) states for the elements 98-102, i.e. cali- 
fornium to nobelium. Except for nobelium this state is reducing or strongly 
reducing in nature. Higher oxidation states of Cm(+IV) are found in the 
solid but not in solution with compounds such as CmF, and Rb[CmF,J. 
Bk(+IV) compounds are oxidizing. They exist in both the solid and in 
solution, and BkO; and Cs;[BkCl,] have been isolated. Lawrencium exists 
only in the (+III) state and resists both oxidation and reduction, again 
illustrating the stability of an f'* electronic arrangement. 

The first three elements curium, berkelium and californium have been 
Obtained in milligram quantities. Their chemistry has been studied by 
normal small scale methods, and compounds have been isolated. The 
remaining elements have been studied by radioactive tracer methods, 
because they are only available in such minute amounts. In this technique 
the traces of the heavy elements are precipitated, or form complexes, in 
the presence of major quantities of a carrier element which has similar 
chemical properties. Thus mendelevium is studied using the lanthanide 
element europium, and the mendelevium is detected and followed by its 
radioactivity. 

The elements up to 100 fermium undergo radioactive decay mainly by 
emitting a particles or B particles (see Chapter 31). The elements become 
* increasingly unstable as the atomic number increases, and nobelium has a 
half life of only three seconds (Table 30.3). With these very heavy 
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elements, spontaneous nuclear fission becomes the most important method 
of decay. ??^Cf could become a valuable neutron source. 


FURTHER EXTENSION OF THE PERIODIC TABLE 


The actinide series is complete at element 103. lawrencium. Elements 
104—109 have been reported recently and are d-block elements. There are 
currently two major groups working on producing “superheavy” elements, 
one in California, USA and the other at Dubna near Moscow in the USSR. 
By convention, the workers who discover a new element have the right to 
name it. Element 104 (Unq) was first reported by Russian workers and 
named kurchatovium Ku (after Igor Kurchatov). However, their work was 
repeated by American workers who obtained different results and named 
the element rutherfordium Rf (after Ernest Rutherford). It appears to 
resemble hafnium in the d-block. Tracer studies have been carried out, and 
UnqCl, seems to be similar to HfCl,. Element 105 (Unp), provisionally 
named hahnium Ha (after Otto Hahn), seems to resemble tantalum. 
UnpCl; and UnpBrs have both been studied. Element 105 Unp has a half 
life of about 1.5 seconds and UnpBrs was observed from only 18 atoms. 
Both elements 104 and 105 have been made by bombarding actinides with 
the accelerated nuclei of light atoms. For example. element 105 was made 
from californium by ion bombardment with ^N nuclei. The very short half 
lives of the isotopes and the increasing importance of spontaneous fission 
as the mode of decay of the elements with atomic numbers greater than 100 
would suggest that extension of the periodic table to much higher atomic 
numbers is not very likely. 
The IUPAC proposed a system for naming elements with Z > 100. 


1. The names are derived by using roots for the three digits in the atomic 
number of the element and adding the ending -ium. The roots for the 
numbers are: 


0 1 2 3 4 5 6 7 8 9 
ni un bi tri quad pent hex sept Oct — enn 


DARET ICD ee ee MM E 


2. In certain cases the names are shortened; for example. bi ium and tri 
ium are shortened to bium and trium, and enn nil is shortened to ennil. 

3. The symbol for the element is made up from the first letters from the 
roots which make up the name. The strange mixture of Latin and Greek 
roots has been chosen to ensure that the symbols are all different. 


Though the names are written as a complete word, in the examples below a 
hyphen has been inserted between each part of the name to make them 
more understandable. These hyphens should be omitted. 

Isotopes of the superheavy elements which were known with reasonable 
certainty in 1989 are listed in Table 30.10 together with their half lives. 
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Table 30.9 IUPAC nomenclature for the superheavy elements 


n E E EE eon, 
Atomic Name Symbol Atomic Name Symbol 
number number 
3 110 un-un-nilium Uun 
101 un-nil-unium Unu Ht un-un-unium Uuu 
102 un-nil-bium Unb 112 un-un-bium Uub 
103 un-nil-trium Unt 113 un-un-trium Uut 
104 un-nil-quadium Unq 114 un-un-quadium Uuq 
105 un-nil-pentium Unp 115 un-un-pentium Uup 
106 un-nil-hexium Unh 116 un-un-hexium Uuh 
107 un-nil-septium Uns 117 un-un-septium Uus 
108 un-nil-octium Uno 118 un-un-octium ‘Uuo 
109 un-nil-ennium Une 119 un-un-ennium Uue 
120 un-bi-nilium Ubn 
130 un-tri-nilium Utn 
140 un-quad-nilium Uqn 
150 un-pent-nilium Upn 


Hyphens have been put in the names for clarity. They should be omitted. 


Table 30.10 Superheavy elements and their half lives 


Atomic Name Symbol Half life 
number 
104 un-nil-quadium inUng 3s or 2552575 
WiUng 65s 
105 un-nil-pentium iXUnp 4s 
7Unp 15s 
7i3Unp 34s 
106 un-nil-hexium Unh 1805 
Unh 0.95 — or 259264s 
107 un-nil-septium WSUns 0.125 
108 un-nil-octium «Uno 2 x 10^^s or 2632645 
109 un-nil-ennium WoUne 5x10^s 


Hyphens have been put in the names for clarity. They should be omitted. 


Elements with an even number of protons in the nucleus (even atomic 
number) are usually more stable than their neighbours with odd atomic 
numbers (Harkins’ rule). This means that they are less likely to decay, and 
are more abundant. Also nuclei with both an even number of protons and 
an even number of neutrons are more likely to be stable. The nucleus has a 
shell structure. with different energy levels, broadly similar to the energy 
levels of extra-nuclear electrons. A nucleus is more stable than average if 
the number of neutrons or protons is 2, 8. 20, 28, 50. 82 or 126. These are 
called ‘magic numbers’. and can be explained by the shell structure of the 
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nucleus. This theory also requires the inclusion of numbers 114, 164 and 
184 in the series of magic numbers. The stability is particularly high if both 
the number of protons and the number of neutrons are magic numbers. 
Thus g3Pb is very stable with 82 protons, and 208 — 82 = 126 neutrons. 
This suggests that nuclides such as 7j{Uuq, 1:5Uuq and 7}{Ubh might be 
stable enough to exist. 

It is just possible that stable isotopes of the very heavy elements could be 
made, but that the preparative techniques have so far only succeeded 
in producing unstable isotopes. Considerable efforts are being made 
to produce elements 114 and 126 which seem to be favourable nuclear 
arrangements. The elements up to atomic number 105 have been made by 
bombarding actinides with light nuclei such as He, B, C, N and O. Instead 
of continuing to build up the elements gradually in small steps, attempts 
are being made to make elements beyond Z = 105 by bombarding fairly 
heavy nuclei such as s;Pb or g3Bi with nuclei of medium sized atoms. The 
nucleus formed when they fuse is chosen to be close to a magic number. 
The newly formed nucleus will decay, emitting various particles, and the 
energy of the accelerated particle is kept as low as possible to lessen the 
chance of fission. There are enormous practical difficulties. In addition it is 
extremely expensive to build accelerators capable of imparting sufficient 
energy to the medium weight nuclei prior to bombardment. Element 107 
has been made by bombarding 7{3Bi with accelerated S{Cr. 


WIBI + $4Cr > Uns + 2hn 


Element 109 has been reported from the USSR and was made by 
bombarding *X3Bi with accelerated 3°Fe, forming iUne. Only a few atoms 
have been prepared. There are islands of stability around Z — 114 which 
should be like lead, and around Z — 126. The latter is interesting, and 
could contain a new series with g electrons. 
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PROBLEMS 

1. Name the actinide elements in their correct order, and give their 
chemical symbols. 

2. Which actinide isotopes are available (a) in tonnes, (b) in kilograms and 
(c) in gram quantities? 

3. Compare and contrast the pyramid of oxidation states found in the first 
row of the transition elements with the oxidation states found in 
lanthanides and in the actinides. 


4. What are the main sources of Th and U? How are the metals obtained? 


5. Describe the methods which have been used to separate the isotopes of 
uranium. Explain the difficulties. 
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6. Give some typical reactions and comment on the structures of +3 and 
+4 ions of the actinides. 


7. What elements would you expect rutherfordium (atomic number 104) 
and the elements of atomic numbers 105. 106, 107 and 112 to resemble? 


8. The electronic configurations and position of the heavier elements in 
the periodic table are controversial. What are the possibilities, and what 
is the evidence? 


The atomic nucleus 


STRUCTURE OF THE NUCLEUS 


An atom consists of a positively charged nucleus, surrounded by a cloud of 
one or more negatively charged electrons. The charges balance exactly and 
the atom is electrically neutral. The nucleus is made up of positively 
charged protons and electrically neutral neutrons, which are bound 
together by very strong forces. These are short range forces, which fall off 
very rapidly as the distance between the particles increases. The particles 
which make up the nucleus are called collectively nucleons. 

The radius of a nucleus is incredibly small, roughly 1075 m. Nuclear 
distances are measured in femtometres (1fm = 107 m). (Most atoms are 
1-2À, i.e. 1-2 x 1075 m in radius. The nucleus of oxygen, for example, 
has a radius of 2.5 fm.) To get some feel for how small the nucleus really is, 
imagine the nucleus measures 1cm in diameter. On the same scale the 
diameter of the atom would be about 1000 m. Most of the mass of an atom 
is concentrated in the nucleus. As a result its density is very high, approxi- 
mately 2.4 x 10'^gcm? or about 10^ times the density of the densest 
element iridium (22.61 g cm^?). 

The atomic number Z of an element is the number of protons in the 
nucleus. This is equal to the number of orbital electrons round the atom. 
The mass number A is the sum of the neutrons and protons in the nucleus. 


Liquid drop model 


The nucleus is sometimes described in terms of a "liquid drop'. A small 
liquid drop is almost spherical. It is held together by short range forces — 
the attraction to near neighbours. Molecules at the edge of the drop feel 
the attractive force on one side only: this is the surface tension effect. A 
large liquid drop becomes elongated, and needs only à little disturbance to 
make it break into pieces. 

In a similar way a nucleus is held together by short range forces (the 
exchange of x mesons). The “surface tension effect’ ensures that small 
nuclei are spherical. As the mass of the nucleus increases, the repulsion 
between protons increases more rapidly than the attractive forces. To 
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minimize the repulsive force, the shape of the nucleus is deformed, just 
like the elongation of a large liquid drop. 

This model was suggested by the Danish physicist Niels Bohr to explain 
why heavy nuclei undergo nuclear fission. Uranium (element number 92) 
of mass number 235, 733U, is so deformed that the addition of a little extra 
energy, e.g. absorption of a neutron, causes the nucleus to break into two 
smaller nuclei. This is called nuclear fission, and when it occurs a large 
amount of energy is released. Nuclei with mass numbers larger than that of 
uranium are so deformed that they undergo spontaneous fission. This 
means that the nuclei disintegrate (break up on their own) without any 
external peturbation. 

The density of all nuclei except the very lightest is almost constant. Thus 
the volume of the nucleus is directly proportional to the number of 
nücleons present. Nuclei with differing numbers of nucleons are regarded 
as different sizes of drop. The range of nuclear attractive forces is very 
small (2 fm—3 fm). The nucleons can move inside the nucleus rather like 
the particles in a liquid. 


Shell model 


In the electron cloud surrounding an atom we can distinguish different 
electronic energy levels. The electróns are arranged in different shells and 
orbitals which may be described by four quantum numbers. The nucleons 
are thought to be arranged in a definite way in the nucleus. Thus the 
nucleons are arranged in shells, corresponding to different energy levels. 
When the nucleons occupy the lowest energy levels this corresponds to 
the ground state. Under different conditions the nucleons may occupy 
different (higher or excited) energy levels. Usually the population of these 
higher nuclear energy levels is'so short-lived that it cannot be observed. 
Thus the properties of the nucleus depend only on tne number of neutrons 
and protons, and not on the energy levels they occupy. 

In a few cases the excited nuclear states have a measurable life, and 
when this occurs nuclear isomers can exist. Nuclear isomers are simply 
nuclei with the same number of neutrons and protons, but whose energies 
differ. It follows that the masses of the isomers differ by a very small 
amount corresponding to the difference in energy. 

Many nuclei are unstable even when they correspond to the ground 
state. Unstable nuclei decompose by emitting various particles and electro- 
magnetic radiation, and this is called radioactive decay. Over 1500 unstable 
nuclei are known. 1f no radioactive decomposition can be detected the 
nucleus is said to be stable. 

The shell structure is supported by a periodicity in nuclear properties. 
Certain combinations of neutrons and protons are particularly stable: 


1. Elements of even atomic number are more stable and more abundant 
than neighbouring elements of odd atomic number. This is known as 
Harkin's rule. (The rule applies almost universally, but 'H is a notable 
exception.) 
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2. Elements of even atomic number are richer in isotopes and never have 
less than three stable isotopes (average 5.7). Elements with odd atomic 
numbers often have only one stable isotope and never have more than 
two. 

3. There is a tendency for the number of neutrons and the number of 
protons in the nucleus to be even (Table 31.1). 


Table 31.1 The number of neutrons, protons and stable nuclei 


Number of protons Number of neutrons Number of 
P (= Z) N stable isotopes 
Even Even 164 
Eeven Odd 55 

Odd Even 50 

Odd Odd 4 


This suggests that nucleons may be paired in the nucleus in a similar way 
to the pairing of electrons in atomic and molecular orbitals. If two protons 
spin in opposite directions, the magnetic fields they produce will mutually 
cancel each other. The small amount of binding energy generated is 
sufficient to stabilize the nucleus. However, this is not the most important 
source of energy in the nucleus. 

Certain nuclei are extra-stable, and this is attributable to a filled shell. 
Nuclei with 2, 8, 20, 28, 50, 82 or 126 neutrons or protons are particularly 
stable and have a large number of isotopes. These numbers are termed 
‘magic numbers’. The numbers 114, 164 and 184'should also be included in 
the series of magic numbers. When both the number of protons and the 
number of neutrons are magic numbers the nucleus is very stable. For 
example, "Pb is very stable and has 82 protons, and 208 — 82 = 126 
neutrons. The emission of y rays by the nucleus is readily explained by the 
shell model. If nucleons in an excited state fall to a lower nuclear energy 
level, they will emit energy as y rays. — 

Thus some nuclear properties imply that the nucleons are free to move 
within the nucleus, and others suggest that nucleons exist in energy levels. 


FORCES IN THE NUCLEUS 


Protons have a positive charge. In any nucleus containing two or more 
protons there will be electrostatic repulsion between the like charges. In a 
stable nucleus, the attractive forces are greater than the repulsive forces. In 
an unstable nucleus the repulsive forces exceed the attractive forces and 
spontaneous fission occurs. The attractive forces in the nucleus cannot be 
electrostatic for two reasons: 


1. There are no oppositely charged particles. 
2. The forces only act over a very short distance of 2-3 fm. 


y a distance much greater than this, 


If the nuclear particles are separated b er th: 
diminish only slowly with distance. 


attraction ceases. Electrostatic forces 
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The attractive force does not depend on the charge as the same attractive 
force binds protons to protons, protons to neutrons and neutrons to 
neutrons. 

Two atoms may be held together by a sharing of electrons, because the 
exchange forces result in a covalent bond. By analogy, two nuclear 
particles may be held together by sharing a particle. The particle 
exchanged is called a x meson. Mesons may have a positive charge n*, a 
negative charge x^ or no charge n". Exchange of r^ and m^ mesons 
accounts for the binding energy between neutrons and protons. The 
transfer of a charge converts a neutron to a proton or vice versa. The 
resultant attractive forces are indicated by dotted lines in the examples 
below. 


The attractive forces between p-n, n-n, and p-p, are probably all similar 
in strength. The different types of mesons have similar masses. The mass of 
a n’ meson is 264 times that of an electron and the masses of both x* and 
x mesons are 273 times that of an electron. All mesons are very unstable 
outside the nucleus. There are many other less common elementary 
particles in the nucleus. This. topic is really within the field of particle 
physics and is beyond the scope of this book. The number of charged 
particles in a nucleus remains constant. However, the continual transfer of 
mesons means that the particles representing neutrons and protons are 
constantly changing. The transformation of neutrons into protons and vice 
versa are first order reactions. The rates of the reactions depend on the 
relative numbers of neutrons and protons present. In a stable nucleus, 
these two changes are in equilibrium. 


STABILITY AND THE RATIO OF NEUTRONS TO PROTONS 


The stability of a nucleus depends on the number of protons and neutrons 
present. For elements of low atomic number (up to Z — 20, i.e. Ca) the 
most stable nuclei exist when the nucleus contains an equal number of 
protons P and neutrons N. This means that the ratio N/P = 1. Elements 
with higher atomic numbers are more stable if they have a slight excess of 
neutrons as this increases the attractive force and also reduces repulsion 
between protons. Thus the ratio N/P increases progressively up to about 
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1.6 at Z = 92 (uranium). In elements with still higher atomic numbers, the 
nuclei have become so large they undergo spontaneous fission. These 
trends are shown in the graphs of neutron number N against proton 
number P, and N/P ratio against proton number for the stable nuclei 
(Figure 31.1). 


Figure 31.1 Neutron to proton ratio. 
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Stable nuclei lie near to these curves. Nuclei with N/P ratios appreciably 
higher or lower than the stable ratio are radioactive. When they decay they 
form nuclei closer to the line of maximum stability. 

If the N/P ratio is high, the isotope lies above the curve. Such a nucleus 
will decay in such a way that it reduces the N/P ratio and forms a stable 
arrangement. The ratio can be reduced in two ways. 


Beta emission 


Electrons or f) radiation may be emitted from the nucleus when a neutron 
is converted into a proton, an electron and a neutrino. This reduces the 
N/P ratio. The neutrino v is a strange particle. It has zero mass and zero 
charge, and is postulated to balance the spins. A neutrino is emitted in 
almost all nuclear transformations. The change of a neutron into a proton 
may be written: 


in pt tety - 


The mass numbers are shown at the top and must be balanced on both 
sides of this equation. The nuclear charges are shown at the bottom. These 
too must be balanced on both sides of the equation. The loss of an electron 
from the nucleus in this way decreases the N/P ratio. If an isotope is not far 
from the stable N/P line one B decay process may be sufficient: 


HC — UN + ev 
VAI Si + fe + v 
Isotopes further from the stable line may undergo à series of B decays. The 


resultant nuclei become progressively more stable and have a longer half 
life period, until eventually a stable isotope is formed. 
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B p B 141 
»"SLa — 'ACe—  — 25 'SPr 
tia = I8min h= 3.7h 1,5 = 28 days 


E 


In B decay the mass number remains unchanged, but the nuclear charge 
increases by one unit. Thus when B decay occurs the element moves one 
place to the right in the periodic table. 


Neutron emission 


An obvious way to decrease the N/P ratio would seem to be to emit a 
neutron from the nucleus. This form of decay is rare and only takes place 
with highly energetic nuclei. This is because the binding energy of the 
neutron in the nucleus is high (about 8 MeV). One of the few examples 
involves Kr, which can decay either by neutron emission or f decay. 


VKr ———> ‘Kr + in 


p p 
ENS Rb ———> XSr 


If the N/P ratio is too low, the isotope lies below the curve. There are 
three possible modes of decay. 


Positron emission 


Positrons or B+ radiation (positive electrons) result from the trans- 
formation of a proton to a neutron. The positron is ejected from the 
nucleus together with an anti-neutrino V. 
ip in+fe+V 

The anti-neutrino is postulated to balance the spins. When the positron is 
ejected from the nucleus it very quickly collides with an electron in the 
surroundings. The two particles annihilate each other and their energy is 
released as two y ray photons. These photons are released in opposite 
directions (180* apart), so there is no resultant linear or angular 
momentum. Thus each photon has exactly half of the annihilation energy 
of 1.022 Mev, i.e. each photon has an energy of 0.511 Mev. This energy 
came originally from the parent nucleus. It follows that the mass of the 
parent nucleus is greater than the mass of the daughter nucleus. This 
process increases the N/P ratio. Gamma radiation usually arises in another 
way, as described later. Some examples of positron emission are: 


WNe > SF + lev 
"C 3B € ley 


Orbital or K-electron capture 


The nucleus may capture an orbital electron and thus convert a proton into 
a neutron with the emission of a neutrino: 
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lp * eo inv 

This process increases the N/P ratio. Usually an electron from the shell 
closest to the nucleus is captured. This is called the K shell, so the process 
is called K-electron capture. An electron from a higher energy level drops 
back to fill the vacancy in the K shell and characteristic X-radiation is 
emitted. Electron capture is not common. It occurs in nuclei where the N/P 
ratio is low and the nucleus has insufficient energy for positron emission, 
that is 2 X 0.51 = 1.02 MeV. Some examples are: 


iBe + _Ye > JLi+ v 
WK + Te Arv 
Where the difference in mass of parent and daughter nuclei is equivalent to 


more than the required 1.02 MeV for positron emission, both positron 
emission and K capture occur. 


B (58%) i; 
AV 2 


K capture (42%) | 


Proton emission 


Except for nuclei in a very high energy state, proton emission is unlikely as 
the energy needed to remove a proton is about 8 MeV. 


GAMMA RADIATION 


Immediately following any nuclear change, the neutrons and protons often 
have not arranged themselves in their most stable positions. The newly 
formed daughter nucleus is thus in an excited state, and has a higher energy 
than the ground state. Generally the nucleons rearrange themselves quite 
rapidly, thus lowering the energy of the daughter nucleus to the ground 
state. The corresponding amount of energy is emitted. This is in the range 
0.1-1 MeV, and is emitted as electromagnetic radiation of very short 
wavelength, called y rays. 


HALF LIFE PERIOD 


The time taken for half the radioactive nuclei in a sample to decay is called 
the half life period. This is a characteristic of a particular isotope. — 

For a single radioactive decay process, the number of nuclei which 
disintegrate in a short time period depends only on the relative number of 
radioactive atoms present. Thus the size of the sample does not affect the 
time taken to undergo radioactive decay. Nuclear decay is therefore a first 
order reaction. If n is the number of radioactive nuclei and t the time 
interval, the rate of decay (that is the change in the number of radioactive 
nuclei with time) is given by: 
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A = -ìn (31.1) 


à is the decay constant for the process, which indicates how rapidly the 
sample is decaying. (A has the units time.) It is usual to quote the time of 
half life rather than the decay constant. The two are related. Integrating 
equation (31.1) between limits from time = 0 to time = t gives: 

n m 


— =e” 

no 
where no is the original number of nuclei at time 0, and n the number 
remaining at time t. The half life 1;/? is the time taken for the number 
of radioactive nuclei to fall to half the original number, that is to reach 
n = $no. Since there is no way of counting the number of radioactive nuclei 
present, we cannot calculate A in this way. However, we can substitute the 
activity at time = 0 (Ao) and the activity at time = t (A) for the number of 
atoms. The activity can be measured and is the number of counts recorded 
in a fixed time on a Geiger counter or a scintillation counter. Thus we can 
evaluate À: 


TL ET M 
Ao No 2 
Taking natural logarithms of both sides of the equation 
—My, = In (å) 
_ dn(j) , 0.693 
hence Uc mame ped = 


Nuclear energies are of the order of 10°kJmol™' of nucleons. The 
energies involved in chemical reactions are about 10—10? kJ mol™'. Clearly 
transmutation of one element to another by chemical means is impossible, 
because of the exceedingly high nuclear energy. For the same reason a 
change in temperature has no observable effect on the rate of decay. 

The radioactivity of a sample is traditionally measured in curies (Ci). 
Originally a curie was taken as the amount of radioactive disintegration in 
1g of 73¢Ra. It is more Precisely defined as the amount of a radioisotope 
which gives 3.7 x 10" disintegrations per second. Thus one curie of 
different radioisotopes contains a widely different number of atoms. The 
SI unit of activity is the becquerel (Bq), and is defined as the amount of a 
eee which gives one disintegration per second. Thus 1 Bq = 27 x 
107" Ci. 


BINDING ENERGY AND NUCLEAR STABILITY 


The mass of a hydrogen atom |H is equal to the sum of the mass of one 
proton and the mass of one electron. For all other atoms the mass of 
the atom is less than the sum of the constituent neutrons, protons and 
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electrons. The difference is called the mass defect. The mass defect is 
related to the binding energy holding the neutrons and protons together in 
the nucleus. A stable nucleus must have less energy than its constituent 
particles or it would not form. 

Energy and mass are related by the Einstein equation AE = Amc? 
were AE is the energy liberated, Am the loss in mass (the mass defect) 
and c the velocity of light (2.998 x 10*ms^'). The mass defect can be 
calculated, and converted to the binding energy in the nucleus. The larger 
the mass defect, the larger the binding energy, and therefore the more 
stable the nucleus. 


Mass of ip = 1.007277 a.m.u., Mass of jn = 1.008665 a.m.u. 
(931 is the conversion factor from atomic mass units a.m.u. to MeV). 


Mass of 3He nucleus = 4.0028 aniu Mass of $Li nucleus = 6.0170 


Mass of 2n + 2p = 4.0319 Mass of 3n + 3p = 6.0478 

Mass defect = 0.0291 Mass defect = 0.0308 
Binding energy — Binding energy — 

0.0291 x 931 = 27.1MeV 0.0327 x 931 — 28.7 MeV 

or 2.6 x 10*kJ mol"! or 2.8 x 10*kJ mol"! 


It is quite easy to calculate whether a nucleus is stable against decay. Some 
possible decay processes are given below. 


3He > jn + 3He SLi — dn + 3Li 
iHe jn in 3He — $Li— lp + 3He 
$He — lp + iH SLi > $He + 1H 


In each of the above reactions the mass of the parent is less than the 
combined mass of the suggested products. Thus none of the above decay 
processes occur. 

The total binding energy of the nucleus increases with the number of 
nucleons present. To compare the stability of nuclei of different elements 
we calculate the average binding energy per nucleon: 


total binding energy 


binding energy per nucleon = e nucleons 


The graph of binding energy per nucleon against atomic number, for the 
different elements, shows that nucleons are held together with increasing 
force up to a mass number of about 65. The binding energy for each 
additional nucleon decreases as the nuclei get larger (Figure 31.2). For 
most nuclei the average binding energy per nucleon is about 8MeV. 
Consequently 8 MeV of energy is needed to remove either a proton or a 
neutron from the nucleus. 


ALPHA DECAY 


As nuclei get larger, the repulsive force between protons increases and the 
energy of the nucleus increases. A point is reached where the attractive 
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Figure 31.2 Binding energy per nucleon. 


forces are unable to hold the nucleons together. Thus part of the nucleus 
breaks off. An a particle is emitted from the nucleus. An a particle is a 
helium nucleus 2He. This is a particularly stable nuclear fragment, as all 
the nucleons are in the lowest possible energy level, and both the number 
of neutrons and the number of protons are magic numbers. At the same 
time energy is liberated. In the decay of *33U, 4.2 MeV of energy is 
released because the mean binding energy per nii: of the two daughter 
nuclei Th and 3He is greater than for the parent nucleus 228U. This is an 
enormous amount of energy (1 MeV = 96.48 x 10°kJ mol^ “iy, 


3BU — Th + He + energy 
?Po — "(Pb + 4He + energy 


Alpha particles have no electron cloud, and have a charge of +2. Once 
emitted, an a particle quickly takes up two electrons from any atom in the 
vicinity, thus becoming a neutral He atom. The formation of He can be 
detected when a decay occurs. 

The mass of the parent nucleus must provide both the mass of the 
daughter nucleus and that of the a particle, plus the small amount of mass 
which is converted into energy. It can be calculated from the mass of the 
nucleus whether a decay in any element is energetically possible. Natural 
a activity is only possible among elements with mass numbers greater than 
209, as only these elements have the required energy. Conversely 209 is the 
largest number of nucleons which will fit into a stable nucleus. 

If ejection of one a particle does not completely stabilize the nucleus 
then further a particles may be emitted. However, a decay raises the N/P 
ratio so it is often followed by B emission. 

Nuclei of mass number above 230 may undergo spontaneous fission, 
forming two lighter nuclei. Thus two elements of lower atomic number are 
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formed. Elements of low atomic number have a smaller N/P ratio, so some 
neutrons will be left over after fission. Most of these neutrons are emitted, 
but a few may change to protons with B emission. The neutrons emitted 
may be captured (absorbed) by another nucleus, This nucleus then 
becomes unstable and itself undergoes fission, liberating more neutrons. 
Thus a chain reaction has been started. 

Alpha decay occurs only very rarely with nuclides with Z < 83 (atoms 
lighter than Bi). However, the great stability of the a particle causes a few 
very light, unstable atoms whose nuclear composition corresponds to, or 
nearly corresponds to, two or three a particles to undergo decay. When 
“Be undergoes this type of a decay the energy released is 0.09 MeV. 


iBe — 2(3He) + energy 
SLi — 2(3He) + -fe + energy 


RADIOACTIVE DISPLACEMENT LAWS 


1. Emission of an a particle produces an element which is four mass units 
lighter and the atomic number decreases by two. The daughter element 
is therefore two places to the left of the parent in the periodic table. 
When a p particle is emitted the mass number remains the same. 
However, the atomic number increases by one and the new element is 
one place to the right of the parent in the periodic system. These 
changes are shown in the following series: 


w 


2 a B AC B. 207p. 
"Ra ^ PRN ^ Po "Pb ^ BiS HTI TIGPb 


RRRA — “Ro 


RADIOACTIVE DECAY SERIES 


The heavy radioactive elements may be grouped into four decay series. 
The common radioactive elements thorium, uranium and actinium occur 
naturally and belong to three different series named after them. They are 
the parent members of their respective series and have the longest half life 
periods. They decay by-a series of a and f emissions, and produce radio- 
active elements which are successively more stable until finally a stable 
isotope is reached. All three series terminate with lead (7x9Pb, *x3Pb and 
*{8Pb). Following the discovery of the artificial post-uranium elements, the 
neptunium series has been added, which ends with bismuth, "Bi. 


Thorium (4n) series 
Neptunium (4n + 1) series 
Uranium (4n + 2) series 
Actinium (4n + 3) series 


The numbers in brackets indicate that the parent and all the members ofa 
particular series have mass numbers exactly divisible by four, or divisible 
by four with a remainder of one, two or three. There is no natural cross- 
linking between the four series, although this can be performed artificially. 
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Thorium (4n) series 


298Th > 338Ra — *#Ac— > 48Th “> "üRa — "8RN 
"HA. *jiPo , 
x aA wo az x 
*ifPo "Bi 3 Pb 
aN DX a 


"Pb ?gPTI 
Neptunium (4n + 1) series 


?5iPu > ?fjAm 


23Np —> 232Pa > "HU > *RTh —> "8Ra > Ac ) 
a 


Z7 
2337U r 
"MPO, 
č " e sa B : 
28 Fr — HAt —> W 282Pb —> ?$8Bi 


X` 
Z 
29?TI ^ 


Uranium (4n + 2) series 
*HU > 73fTh > “itPay 
23$U —> 738Th — "Ra > LE 


219Pb ^5. 24gBi > 249Po “> »gtPb 


Actinium (4n + 3) series 


^8U © > ;Np 5 su “5 2830 233Th => 231Pa =) 


t Po 
( ODERUNT a a a L “x 
"Ac ^iiRa —» Rn —» *lPo —> *jPb —. Bi "Pb 


7 
"ürr^ ?9]TI 


Natural radioactivity also occurs in nine of the lighter elements. It is 
possible that as the sensitivity of detecting instruments increases, other 
radioactive elements will be found. Of these. the two most important are 
"SC and 19K. Thé 19K isotope was probably formed when the earth was 
created. Its existence on earth is due to its long half life of 1.25 x 10° years. 
This isotope only constitutes 0.01% of naturally occurring potassium, but 
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its presence makes living tissue appreciably radioactive. It may decay 
either by B emission or K capture. 


K capture 2 Ar 
14C has a half life of 5720 years and any originally present in the earth will 
have decayed before now. The fact that some exists shows that it must have 
been produced since the earth was formed. '4C is produced continuously 
from the action of the neutrons in cosmic rays on nitrogen in the 
atmosphere. This involves a nuclear reaction: 


UN + ino MC + ip 
It is important in radiocarbon dating (see Chapter 12 under ‘Carbon 
dating’). 


INDUCED NUCLEAR REACTIONS 


Many nuclear reactions can be brought about by bombarding the nucleus 
with y rays or various particles. The particles include electrons, neutrons, 
protons, a particles or the nuclei of other atoms such as carbon. The nuclei 
of C atoms which have had the orbital electrons removed are called 
‘stripped carbon’. The particle may be captured by the nucleus (fusion), or 
the nucleus may undergo fission, depending on the conditions of the 
bombardment. 

Natural radiation may be used to induce nuclear reactions, but this limits 
the energy of the bombarding particle. More usually the charged particles 
are accelerated by a high voltage using a linear accelerator, or by alternate 
attraction and repulsion using a cyclotron or a synchrotron. (There are 
very large accelerators at CERN in France and Switzerland, at Berkeley 
USA and in the USSR.) In this way particles can be accelerated, giving 
them a very high kinetic energy which can be used to promote the nuclear 
reaction. This high energy is necessary to overcome the repulsion between 
a positively charged nucleus and a positively charged bombarding particle. 
Neutrons have no charge so they would not be repelled by the nucleus, but 
the absence of a charge means that they cannot be accelerated in this 
manner. Thus neutron bombardment can only be carried out using 
neutrons produced by nuclear reactions. 

Some nuclear transformations are given below. 

"UN + 3He 10 + iH 
HAIL + 3He — TSP + an 
NNa dH > 73Mg + on 
"Cd +n o 'INCd + energy 


In the first example the nitrogen is bombarded with a particles and a 
proton is formed. This is described as an (a. p) reaction. An alternative 
way of writing the reaction is: 
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(a.p) - 
13N 70 


This reaction was first carried out by E. Rutherford in 1919, and this was 
the first induced nuclear transformation. (He was awarded the Nobel Prize 
for Chemistry in 1908.) The second example was carried out in 1932 by F. 
Joliot and Irène Joliot Curie and is an (a, n) reaction. (They were awarded 
the Nobel Prize for Chemistry in 1935.) 
HALL, qp 

In a similar way the third example is a (p.n) reaction. In the last example 
the energy is emitted as y rays, and so this is an (n, y) reaction. The nuclei 
formed in this way may be stable, or may subsequently decay. The 
transuranic elements are all obtained by bombarding a heavy nucleus with 
a particles, stripped carbon, or the nuclei of other light atoms to produce 
an even heavier nucleus. 


NUCLEAR FISSION 


Very heavy nuclei have a lower binding energy per nucleon than nuclei 
with an intermediate mass. Thus nuclei of intermediate mass are more 
stable than heavy nuclei. When a slow neutron enters a nucleus of a 
fissionable atom such as uranium (which is already distorted) the extra 
energy may cause the nucleus to split into two fragments and spon- 
taneously emit two or more neutrons. This is called fission. The fission 
process results in the release of large amounts of energy (about 8 x 10" kJ 
mol-!). In the case of 735U, several different primary fission products are 
formed, depending on exactly how the nucleus splits up. Three of the more 
common reactions are: 


ba + WKr + 2(in) 
233U +n AIRI * SY + 3(jn) 
'8Cs + SRb + 4(on) 


Note that the daughter nuclei formed fall into two classes. The heavier 
group have masses from 130 to 160, and the lighter group have masses from 
80 to 110. It is rare for the two daughter nuclei of about the same mass to 
be formed (Figure 31.3). 

The total mass of the fission products is some 0.22 mass units less than 
the mass of the uranium atom and neutron. This corresponds to an energy 
release of over 200MeV. This is more than twelve times the energy 
liberated in a normal nuclear reaction. The complete fission of llb 
(0.45 kg) of uranium releases as much energy as the explosion of 8000 
tonnes of TNT. 

The nuclei formed as primary fission products have a high neutron to 
proton ratio, and decay by B emission to lower this ratio. Usually several 
such steps are required before a stable nucleus is obtained. Thus each of 
the primary decay products is associated with a decay chain, for example: 
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aep P, axet dies P, P Ba (stable) 


B 
wy 5, 97,5, WNeoÓ SMo (stable) 


About 90 decay chains have been identified from the fission of 238U, giving 
a total of several hundred different nuclides. 


10 
Percentage 
fission 
yield 


60 80 100 120 140 160 180 


Mass number 
Figure 31.3 Percentage yields of elements from slow neutron fission of wU. 


Chain reaction 


One fission reaction can cause another. The neutron produced by a fission 
will either: 


1. Cause another nuclear fission reaction: 
2. Be lost from the fissionable material 
3. Be used in a non-fission reaction. 


When neutrons produced in fission reactions initiate new fissions, this is 
called a chain reaction. There are two major applications of chain reactions 
— the atomic bomb (A-bomb) and nuclear powered electricity generating 
stations. 

If more than one neutron per fission causes another fission we have a 
branched chain reaction, and a rapidly increasing release of energy takes 
place. This is what happens in the atomic bomb. in a nuclear reactor, 
control rods are used to absorb some of the neutrons. So that on average 
only one neutron per fission causes another fission. A chain reaction of this 
kind is self-perpetuating. The energy is released at a slow enough rate to be 
used. 
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Critical mass 


There is a minimum amount of fissionable material that can produce a self- 
sustaining chain reaction. This is called the critical mass. The critical mass 
depends on several factors: 


1. The purity of the sample. 
2. The density of the material. 
3. Its geometric shape, and its surroundings. 


These all affect the neutron propagation ratio. If the sample is impure, 
many neutrons will be lost through colliding with non-fissile atoms. The 
more dense the material the greater the chance that neutrons will collide 
with another nucleus. The shape of the sample is also important since 
neutrons are more likely to escape from a long thin strip of material than 
from a sphere. 


THE STORY BEHIND PRODUCTION OF THE ATOMIC BOMB 


Nuclear fission of heavy nuclei was first achieved in Berlin in December 
1939, and in 1944 Otto Hahn received the Nobel Prize for Chemistry for 
this work. The first German reactor (sub-critical Pile B-III) was sur- 
prisingly housed in the *Virus House' at the Kaiser Wilhelm Institute for 
Biology at Dahlem. At that time nuclear reactors were called atomic piles, 
and the German reactor consisted of alternate layers of uranium metal and 
paraffin wax in an aluminium sphere which was immersed in water. 
Though the pile contained 551kg of uranium, it was sub-critical. This 
means that less than one neutron produced from each fission caused 
another fission. Thus a neutron source was placed in a chimney at the 
centre of the sphere to keep the pile running. 

Two years later Enrico Fermi made a pile go critical (self-supporting) at 
the University of Chicago, USA. (Fermi was an Italian, and was awarded 
the Nobel Prize for Physics in 1938, for producing new radioactive 
elements by neutron irradiation. He fled from World War II and Fascist 
Italy to the USA.) The Chicago pile consisted of a huge block of graphite 
surrounded by several feet of high density concrete. Horizontal channels in 
the graphite were used to insert enough slugs of uranium to produce the 
chain reaction. Air was blown through to cool the pile and to remove the 
energy produced. One thousand kilowatts of heat were extracted. The pile 
was housed in the squash courts! Larger piles were then built at Clinton. 
Tennessee and Hanford. Washington. 

A secret military base was built at Oak Ridge in Tennessee as part of the 
*Manhattan Project’ to conduct research into making an atomic bomb. 
Naturally occurring U consists largely of two isotopes, 99.3% of WU 
which is non-fissile, and 0.7% of ^j3U which is fissile. 


Separation of isotopes 


Enormous efforts were made to separate the isotopes to obtain sufficient 
fissile ?*U to make a bomb. Four methods were used: 
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Thermal diffusion 


Two gases of different density are placed in a long vertical tube with an 
electrically heated wire down the centre of the tube. The lighter gas 
diffuses more readily towards the hot wire, where it is heated and rises in a 
convection current. Thus the lighter gas accumulates at the top of the tube, 
and the heavier gas streams downwards on the surface of the tube. 


Electromagnetic separation of UCI, using a mass spectrometer 


Ions must first be produced by bombarding the sample with electrons at 
low pressure. The ions are attracted by a high voltage across a vacuum 
chamber. A magnetic field deflects the particles by different amounts 
depending on their mass. This method can deliver pure isotopes, and 
though it is primarily used for small quantities, kilogram quantities have 
been produced. 


Gaseous diffusion of UF. 


UF, is gaseous above its sublimation temperature of 56°C. The gas is 
pumped through thousands of filter barriers (pinholes) in the enrichment 
process. The slightly smaller 2351) passed through the barriers a little more 
easily. The rate of diffusion of a gas is determined by Graham's law of 
diffusion: 


rate of diffusion = K//D 


where K is a constant and D is the density of the gas. The vapour density is 
equal to the molecular weight/2. ‘Thus the rate of diffusion of ?*UF, is 
marginally faster than that of 238UF, by a factor y (352/349) = 1.0043. This 
operation is repeated many thousands of times by pumping the gas in a 
cascade process. After each stage the lighter fraction is passed forwards 
and the heavier fraction backwards. Gaseous diffusion plants are very 
large. The K25 building at Oak Ridge housed the original gaseous diffusion 
plant and occupied 10° square feet of floor space. A second plant was built 
at Hanford in Washington State, The method uses an enormous amount of 
electrical energy. (The Oak Ridge site had two advantages in the wartime 
period. Its remoteness and low population were advantages as the work 
had unknown hazards. In addition cheap electricity was available from 
numerous hydroelectric power stations built in the Tennessee valley in the 
1930s to make work during the years of the depression.) Gaseous diffusion 
was once important but now is only carried out at one site in the USA. 


Using a gas centrifuge to separate ^  UFa and?**UF. 


This has subsequently become the method used in the UK and the 
Netherlands. Centrifuges rotating at 1700 revolutions per second con- 
centrate “UF, towards the centre and 2¥UF, towards the walls of a 
cylindrical centrifuge. 
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There were immense difficulties in obtaining a sufficient quantity of 2U to 
make a bomb. The critical mass depends on the purity, and the bomb had 
to be light enough to carry in an aeroplane. 

Meanwhile a second fissile element plutonium Pu was discovered by 
Glenn Seaborg at the University of California (Berkeley) in 1940. Pu is 
produced by irradiating the relatively plentiful ?"U with neutrons in a 
nuclear reactor. 


B B 39 
AU + n> "IU — 7p e Pu 
hy 23.5 min tj; 2.3 days 


All isotopes of Pu are fissile, and Pu became important as a nuclear fuel. 
Work on plutonium was mainly carried out at Hanford. 


Bomb making 


A third site at Los Alamos (New Mexico) concentrated mainly on the 
technical problems of how to make bombs. The problems are how to 
transport sub-critical masses of Pu or U in an aeroplane, and combine them 
to give a critical mass when over the target. Then the material must be 
contained for a long enough time for the nuclear reaction to occur. 

In the case of the Pu bomb an implosion device was used. Several sub- 
critical masses of ?""Pu were placed round the edges of a sphere and sur- 
rounded by high explosives. The conventional explosives were detonated. 
The implosion blew the sub-critical masses of Pu into the centre where they 
formed a critical mass. The force of the explosion held the Pu together for 
long enough for a nuclear explosion to occur. The first atomic bomb used 
this principle and was tested on a 100-foot-high tower at Trinity in New 
Mexico at 5.29 a.m. (just before sunrise) on 16 July 1945. It worked! Fermi 
estimated that the témperature.produced was four times that at the centre 
of the sun, and a pressure of over 100 billion atmospheres was produced. 
The radioactivity emitted was a million times greater than from the world's 
total radium supply. Parts for another similar atomic bomb were shipped to 
the Far East to be assembled and dropped on Japan. 

Meanwhile sufficient ? U to make a bomb had laboriously been 
collected. The most practical way to make a bomb was to use a gun barrel, 
and shoot a sub-critical mass of ^U down the barrel into another sub- 
critical mass at the end of the barrel. This had not been tested, since up till 
then there had not been enough 7*U for a test. Parts to assemble this 
bomb were shipped to the Far East. 

The Pu bomb was called ‘Fat Man’, and was 10 feet 8 inches long and 60 
inches in diameter, and weighed 10 8001b. The bomb was so wide that the 
doors on the bomb bay of the aeroplane had to be altered to get the bomb 
in and to allow it to be dropped. The U bomb was called ‘Little Boy’ and 
was 10 feet long, but only 28 inches in diameter, and weighed 89001b. The 
smaller diameter allowed it to fit in the aeroplane, and made it possible to 
use the U bomb first. 

The U bomb ‘Little Boy’ was dropped on Hiroshima on 6 August 1945. 


NUCLEAR POWER STATIONS 
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The yield was equivalent to 13 kilotonnes of TNT. Four square miles were 
devastated, and there were 70000 immediate deaths. On 9 August 1945 the 
Pu bomb ‘Fat Man’ was dropped on Nagasaki. The yield was equivalent to 
23 kilotonnes of TNT. Two square miles were devastated, and there were 
45000 immediate fatalities. 


NUCLEAR POWER STATIONS 


A nuclear power station consists of a nuclear reactor in which a controlled 
chain reaction occurs using either U or Pu as fuel. The heat produced is 
extracted from the reactor and used to generate steam, which drives a 
turbine and produces electricity. The earliest nuclear reactors were built to 
irradiate U and produce plutonium for bombs, and for experimental 
purposes. The first commercial nuclear power station was commissioned in 
1956 at Calder Hall (Cumberland, UK). In 1989 there were over 120 
nuclear power plants in the USA and over 400 in the rest of the world. 
France produces two thirds of its electricity from nuclear plants. 


Table 31.2 Countries with seven or more nuclear plants 
ee 


USA 129 Spain 18 
France 67 Czechoslovakia 13 
USSR 61 Sweden 12 
UK 42 India 10 
Japan 42 Korea 9 
West Germany 28 East Germany 7 
Canada 22 
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Moderators 


Neutrons can only be obtained by nuclear reactions, and they are divided 
into three groups depending on their kinetic energy: 


1. Slow neutrons, with an energy < 0.1eV 
2. Intermediate neutrons, with an energy 0.1eV to 2MeV 
3. Fast neutrons, with an energy > 2MeV 


Neutrons ejected from a nucleus usually have a very high energy and are 
called ‘fast neutrons’. These travel so fast that they escape. "Slow neutrons 
are needed to cause fission and maintain a chain reaction. 

In a thermal reactor a moderator Is used to slow down some of the fast 
neutrons. The neutrons collide with the nuclei of the moderator, and thus 
lose some of their kinetic energy. The best moderators ate light atoms 
which do not capture neutrons, for example 1H. 2He. iBe and &C. 
Graphite is the most widely used. Heavy water D;O which contains 1H is 
also used. Sometimes ordinary H20 is used. Be and He are not used 
because Be is poisonous and expensive, and He. being gaseous. is not 
sufficiently dense. Fast breeder reactors do not use a moderator. 
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Fuel 
Early reactors used uranium metal. Most thermal reactors now use UO; as 
this has a higher melting point and is less chemically reactive. Natural U 
may be used as fuel (99.3% ??U and 0.7% U). However, it is usual to 
enrich the fuel to between 2% and 396 **°U to allow for some neutrons 
being absorbed by the metal case cladding the fuel rods, or by the 
moderator. Enriching U reduces the critical mass, and hence the size of the 
reactor. However, it is very expensive. Enrichment beyond 3% is only 
carried out for military purposes — to make bombs or for special small high 
temperature reactors for submarines. The latter use UC; enriched to over 
90% as fuel. 

Fast (breeder) reactors use plutonium oxide as fuel. They have no 
moderator, so the fast neutrons produced can convert non-fissile 2380 into 
fissile Pu by the reactions: 


238U + on — RU + Y 
28U — BN + ie 
233Np — "WPu + e 
More Pu is produced than is used: hence the name ‘breeder reactor’. 
Sometimes thorium (which is non-fissile) is incorporated into the fuel. 
When this is irradiated with fast neutrons, the isotope ^33U is formed, and 
this is fissionable by slow neutrons. 
RAU + in > Th + y 
22 This Pat te 
233Pa — 733U + -fe 


TYPES OF REACTOR IN USE 
Gas cooled thermal reactors (all use graphite as moderator) 


Magnox reactors 


These use U metal rods as fuel, enclosed in a Mg/Al (magnox) casing. The 
fuel is natural, i.e. not enriched, and CO; gas is used as the coolant. Most 


of the early reactors in the UK are of this type. These are now nearing the 
end of their life. 


Advanced gas cooled reactors (AGR) 


These use UO; pellets enriched to 2% as fuel, with CO» as the coolant. 


High temperature reactor (HTR) 


These are used for military purposes such as submarines. The fuel is UC;. 
which is enriched to over 90%. thus allowing the reactor to be small. The 
coolant is He, and the control rods are made of Cd. 
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Water cooled thermal reactors (all use H20 or D20 as moderator) 


Canadian deuterium uranium reactor (CANDU) 


These are a Canadian design, and use natural (not enriched) UO, as fuel, 
and heavy water D20 as both moderator and coolant. 


Pressurized water reactor (PWR) 


These are a US design, and use UO, pellets enriched to 3% as fuel. Water 


is used as both moderator and coolant. The casing must withstand the huge 
pressure from the steam’ produced, and is typically 10 inches (25cm) of 
stainless steel surrounded by concrete. 


Boiling water reactor (B WR) 


This is similar to the PWR except that the UO; fuel is only enriched to 
2.295. It works at a much lower pressure, and so the reactor casing need 
not be so strong. “ 


Steam generating heavy water reactor (SGHWR) 


These use UO, pellets enriched to 2.3% as fuel, with D;O as moderator 
and H,O as coolant. 


Fast breeder reactors (these do not use a moderator) 


These are much less developed than are thermal reactors. They use PuO2 
as fuel. Enrichment is not necessary as all isotopes of Pu are fissile. No 
moderator is used, and so the neutrons in the reactor are ‘fast neutrons’. 
Some reactors use liquid Na as coolant, whilst others use He gas under a 
high pressure. If depleted UO; (i.e. UO» which has had the fissile zo 
removed) is put in such a reactor, then the non-fissile ?"U is converted into 
fissile Pu. The name ‘breeder reactor’ arises because more fissile material is 
produced than is used in the process. Potentially this process could provide 
an unlimited source of energy. 


In Great Britain there are three generations of nuclear power stations: 


1. The ageing Magnox reactors (British design). 

2. The second generation advanced gas cooled reactors (British design). 

3. A limited number of American designed pressurized water reactors. 
These are claimed to be the design which will be used into the twenty- 
first century. However, the cost. the time taken to commission and the 
safety aspects (particularly of the pressure casing) of these PWRs have 
been called into question. 


NUCLEAR FUSION 


Nuclear fusion is the process of releasing energy from matter, which occurs 
in the sun. the stars and the hydrogen bomb. During fusion, atoms of light 
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elements combine to form heavier elements. The binding energy per 
nucleon for light elements is less than that for elements of intermediate 
mass. Thus the fusion of two light nuclei results in a more stable nucleus, 
and a large amount of energy is liberated. Both fusion and fission are 
methods of releasing large amounts of energy. In fusion, light atoms are 
combined to give heavier elements, whilst in fission heavy radioactive 
atoms are split into atoms of intermediate mass. 

The simplest nuclear fusion reaction involves the isotopes of hydrogen: 
deuterium 3H and tritium 7H. A large amount of energy is required to 
overcome the repulsion between the positively charged nuclei to get them 
close enough (1-2fm) to react. One way of producing high energy par- 
ticles is an accelerator. This is not appropriate in this case. The other way 
to produce high energy nuclei is to raise them to a vary high temperature 
(roughly 10* K). If deuterium and tritium are heated to a temperature of 
over a million degrees a gas plasma is produced. (A plasma is a fourth state 
of matter, which is composed essentially of gaseous ions and a matrix of 
free electrons.) Since the atoms have been stripped of their electrons, 
collisions will be between nuclei. Some nuclear collisions will occur with 
enough energy for the nuclei to approach closely enough to experience 
each others’ strong attraction, and a fusion reaction occurs. The mass lost 
in this racion is converted into energy according to Einstein’s equation 
E= mč. 


1H + 7H 5 $He + jn +energy * 


This fusion reaction has a relatively low ignition temperature, and 
produces a large amount of energy. Deuterium is available from natural 
sources, but tritium is difficult to obtain and is extremely expensive. 
Tritium could be generated in a fusion reactor by bombarding a blanket of 
lithium with neutrons: 


gn + $Li 2 1H + ÍHe 
òn + Li 2 1H + $He + ln 
Similar reactions are carried out using only deuterium, but these reactions 
require a temperature of several million degrees. Several reactions could 
occur, of which the simplest are: 
7H + 7H— jH + IH + 4.0MeV energy 
7H + 7H — 3He + in + 3.3MeV energy 
Fusion is in principle a thermal reaction not inherently different in its 
kindling from an ordinary fire. Unlike fission, it does not require a critical 
mass. Once ignited its extent depends on the amount of fuel available. 


However, for fusion to occur, extreme physical conditions must be 
achieved: 


1. A very high temperature must be attained. 
2. Sufficient plasma density is required. 
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3. The plasma must be confined for an adequate time to allow fusion to 
occur. 


These and other *hydrogen burning’ processes occur at the centre of the 
sun. This provides the enormous amount of solar energy which is radiated 
to earth and the rest of the solar system. 


Thermonuclear weapons 


The only fusion processes carrizd out successfully on earth have been the 
hydrogen bomb and other similar thermonuclear weapons. The very high 
temperatures and high densities required to bring about nuclear fusion 
reactions have been brought about by means of a small uranium fission 
bomb. This heats a jacket of lighter elements to a sufficiently high 
temperature to start the fusion reactions in the hydrogen and nitrogen 
bombs. These are called thermonuclear reactions. The first thermonuclear 
device was detonated at Eniwetoc in 1952. The energy yield is 100 times 
greater than that from an atomic bomb using U or Pu fission. The complete 
fusion of the nuclei in 11b (0.4 kg) of deuterium would result in the same 
energy release as 26000 tonnes of TNT. 


Controlled fusion reactions 


Many attempts have been made to build apparatus in which controlled 
fusion reactions will occur. So far none have been successful. The problem 
is how to handle very hot gas plasmas. If the plasma touches a solid (e.g. a 
steel vessel), the solid is vaporized and the plasma cools down rapidly. The 
two main methods of confinement are magnetic and inertial. Since a 
plasma consists of charged particles moving at high speed, it can be 
deflected by a magnetic field. Plasma can be contained inside a doughnut 
shaped ‘magnetic bottle’. (The extremely high magnetic fields required are 
obtained with electromagnets using à superconducting niobium/titanium 
alloy cooled in liquid helium to about 4K.) Inertial confinement involves 
the rapid collapse of the fuel container to make the fuel so dense that the 
fusion reactions occur. Alternatively laser fusion can be used, when high 
powered, pulsed laser beams are used to heat and compress small ‘pellets’ 
of fuel. i 

It is just possible that fusion may be achieved by some totally different 
technique without using plasma to attain the high energy conditions. There 
was great excitement in March 1989 when Fleischmann and Pons claimed 
to have achieved ‘cold fusion’ in the laboratory at the University of Utah, 
USA. They electrolysed 99.5% enriched heavy water D20 made con- 
ducting by dissolving in it some LiOD (D is 7H). Heat appeared 1o be 
generated, and this was attributed to D-D fusion. Tn a similar experiment 
Jones at Brigham Young University claimed neutrons were released. 
Unfortunately they were wrong. 
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Another interesting technique which may show promise is to replace an 
electron in a D molecule by a negatively charged muon which weighs 207 
times as much as an electron. This should reduce the D—D spacing by a 
factor of 200 which should make fusion easier. 

Nuclear fusion holds the promise of being an important future source of 
energy. World energy consumption is high, and fuel resources are finite 
and limited. Oil and natural gas reserves may well be exhausted in 50 
years. Coal may last rather longer, perhaps 200 years. Uranium resources 
are finite, and the use of nuclear powered electricity generating stations 
will only delay an eventual energy shortfall. All these fuels pose environ- 
mental problems. Fossil fuels (oil, gas and coal) contribute to the 
Greenhouse Effect and acid rain. A long term energy replacement needs to 
be found. There is concern over the safety of nuclear power stations, and 
even greater concern over the storage of nuclear waste products. If fusion 
can be fully developed: 


1. The fuel for fusion (hydrogen) is almost infinitely available. 

2. The nuclear processes in fusion are inherently safer than those of 

fission. 

Fusion promises to have minimal pollution problems. 

4. Difficulties with spent fuel rods and reaction by-products are far less 
than with fission. 


w 


Fusion is an advancing research programme, but many breakthroughs 
are required. The severe and demanding conditions for controlled fusion in 
the laboratory have yet to be achieved. If a controlled fusion reactor can be 
built it will supply almost unlimited power. 


THE GENESIS OF THE ELEMENTS 


It is an interesting philosophical point to-consider how the universe was 
formed, how the various elements were formed, and why the different 
elements and their individual isotopes occur in the relative abundances we 
observe on earth. 

The Doppler effect provides evidence that the universe is expanding. 
Light from the outermost galaxies has a longer wavelength than expected, 
that is it is towards the red end of the spectrum, because these galaxies are 
moving away from us. There are several theories for the origin of the 
universe. 

The ‘steady state theory’ suggests that hydrogen is created continuously 
to fill the gaps in space created by the expanding universe. The other 
elements are formed from hydrogen by nuclear reactions. 

The ‘big bang theory’ is currently the most favoured. It assumes that all 
the matter in the universe was packed as elementary particles into a 
‘nucleus’ of immense density, temperature and pressure. This exploded, 
hence the name big bang, and dispersed the matter uniformly throughout 
space as neutrons. The neutrons then decayed, giving protons, electrons 
and anti-neutrinos. 
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dn > ip $ eRe: +7 
During the big bang and the fireball which followed, temperatures of 


106-10°K occurred, and in the first hour or so a number of nuclear 
reactions occurred: 


H +n >H 
on 1 
7H + lH 5 3He 
3He + in — 3He 
$He + jn — 3He 


The isotope 3He has a half life of only 2 x 10~2!s, so building progressively 
heavier nuclei by the sequential addition of neutrons or protons stopped at 
this point. Once the temperature had fallen all of these reactions stopped. 
Thus most of the universe was in the form of H, with a small amount of He, 
and from this matter the galaxies of stars condensed. 

Regardless of the origin of the universe, it is generally accepted that 
heavier elements may be produced by reactions in the stars. H still 
accounts for 88.6% and He for about 11.3% of all the atoms in the 
universe. Together these constitute 99.9% of the atoms, and over 99% of 
the mass of the universe. 

The first process in the synthesis of heavier nuclei in stars is hydrogen 
burning. Stars are extremely dense (10° gcm ?) and there is an enormously 
large gravitational force. Some of this force is converted into heat and the 
temperature rises to about 107 K. It has been mentioned previously (under 
‘Nuclear fusion’) that this temperature is sufficient to overcome the 
repulsion between two positively charged H nuclei, and so these nuclei can 
undergo nuclear fusion, forming deuterium. 


Energy evolved (MeV) 
IH + HAH + BY +¥ 1.44 
2H + IH 2 2He + Y 5.49 


3He + 3He ^ 3He + 2(1H) 12.86 
overall 4(}H) — 3He + 2p* + 2v + 2y 


The process is exothermic. A small amount of mass is lost and energy is 
evolved. Thus more stable nuclei are formed. The process is also slow. The 
sun is estimated to be 5 billion years old, but still has about 90% of the 
hydrogen left. 

As hydrogen is used up, helium accumulates in the core. The tem- 
perature at the core of the star drops, and the star expands to conserve 
heat. The star is cooler than before and is called a red giant. The core 
eventually collapses under intense pressure and the temperature rises to 
over 10* K. At this point the nuclei begin to fuse. 
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4He + 3He > $Be + y 
The nuclei formed in this way fuse with more He: 

8Be + $He > 4C + y 

QC + tHe + $0 ey 

10 + He iNe + Y 
These reactions use up the He in the core and replace it with C, O and Ne. 
When most of the H and He have been used, small stars contract and 
become hotter and are called white dwarfs. 

However, in larger stars (1.4 times the mass or the sun or greater) 

contraction gives even higher temperatures than before (6 x 105 K) and a 


carbon-nitrogen cycle occurs, involving the reaction of these elements 
with hydrogen, provided some 'ZC is available as catalyst: 


di 
QC Ho N+ y BNA DC + BY v 
Hc + Ho UN +y ; 

lecays. 
"N + [HO + y Oo, IN + BT ev 


ISN + IH > {He + 2C 


overall 4(1H) — 3He + 2B* + 2v + 2y 
In addition these nuclei may fuse with helium: 
2C + $He > 180 + y 
160 + 3He > {Ne + y 
TüNe + 2He — 73Mg + Y 
At these temperatures carbon and oxygen burning may occur: 
NC + 1C > Me 
or {Na + iH 
or Ne + 3He 
150 + 180 — HS + bn 
160 + 1$O0 — 28i + 3He 
RC + 3He — 180 + y 
180 + 3He — $0Ne + y 


In some cases the star may contract further and the temperature rises to 
10°K. At this point the y radiation produced in many of the nuclear 
changes has sufficient energy to promote endothermic reactions such as: 


20Ne + y > 180 + $He 
The He so produced reacts further: 
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20Ne + 3He — 22Mg + y 
si +4He > BS +y 

ZS + $He — #$Ar +y 
Ca + $He > STi + y 


These fusion reactions are exothermic up to 36Fe, and Figure 31.2 shows 
that the binding energy per nucleon increases from H up to Fe, and then 
decreases with the heavier elements. 

The discussion so far explains why H and He make up so much of the 
universe. The most abundant and stable nuclei up to atomic number 20 
have a 1:1 ratio of neutrons to protons, e.g. He, 14N, 160, 24Mg and Ca. 
Most of these (except N) have an even number of neutrons and an even 
number of protons (even atomic number) A few light isotopes are common 
and abundant but do not have a 1:1 N/P ratio, e.g. 13F, RNa and AI. 
These elements have an odd atomic number and hence an odd number of 
protons, but they have an even number of neutrons. These odd-even 
nuclei are more stable than the corresponding odd—odd nucleus which has 
a 1:1 N/P ratio. The elements Li, Be and B are of very low abundance 
compared with their neighbours. It is surprising that they occur at all since 
the small amounts produced by H and He burning are converted into 
heavier elements. The small amounts that are found are probably 
produced by spallation reactions where cosmic rays collide with C, N and O 
nuclei and cause them to break into lighter nuclei. This is sometimes called 
the x-process. A number of elements such as !2C, '$O and 10Ne are more 
abundant than their neighbours, and they differ by a 4He. nucleus, which 
reflects their mode of formation by fusing with helium. The nucleus 3¢Fe is 
particularly abundant because it has the largest binding energy per 
nucleon. It is thus the most stable nucleus and is formed by fusion. The 
abundances of the elements preceding Fe (Sc, Ti, V and Cr) are also higher 
than expected, and this is probably due to spallation reactions where high 
speed cosmic rays collide with Fe, producing Sc, Ti, V or Cr as well as 
some Li, Be and B. 

Nuclei heavier than 3¢Fe are endothermic, and can only be produced by 
supplying energy. Thus it becomes increasingly difficult to make these 
elements by fusion. The heavier elements are synthesized by neutron 
capture reactions in stars. There are two main processes by which this may 
occur, called the s-process (slow neutron capture) and the r-process (rapid 
neutron capture). 

In the slow neutron capture process neutrons are added one by one to 
the nucleus. The addition of a neutron increases the N/P ratio, and 
eventually the addition of a neutron makes the nucleus unstable. Because 
of the long time scale the nucleus has time to decay, and the unfavour- 
able N/P ratio is corrected by B decay. Then the process 1s repeated and 
another neutron is added. 


5 1o A 59 59 0 
3 Fe + in — Fe + in — 38Fe + on > SFe — 37Co + ie 
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The neutrons are produced in red giants and in second generation stars by 
the normal processes in the star, such as: 


RC + He 'O + jn 
or 130  '80 — iS + on 


The slow addition of neutrons can produce nuclei up to ^&Bi. There are 
much higher than expected abundances of elements round about mass 
numbers 90, 138 and 208, and the isotopes $Y and 4Zr, '3$Ba and '$%Ce, 
and "U5Pb and ?'3Bi occur in relatively high abundance. In the discussion on 
the number of neutrons and protons in the nucleus at the beginning of this 
chapter it was noted that nuclei with 2, 8, 20, 28, 50, 82 or 126 neutrons or 
protons are particularly stable, and that these numbers are termed ‘magic 
numbers'. The three clusters of elements with high abundances are close to 
the neutron magic numbers 50, 82 and 126. This means that they have 
unusually low neutron absorption cross-sections, so they do not capture 
neutrons very readily and hence their concentration builds up. The s-process 
produces the lighter or proton-rich isotopes of an element. 

A different source of neutrons occurs just prior to and during a super- 
nova period in a star. In this, big stars become extremely hot (8 x 10" K), 
and nuclei in the core break down into neutrons. protons and a particles 
which undergo a variety of reactions. The core contracts and eventually 
implodes, resulting in an explosion of the outer shell which scatters 
material out into space. In the r-process, many neutrons are added in a 
period of a few seconds, before B decay eventually takes place. 

3eFe + 13(jn) > $?Fe 

Fe > $3Co + fe 
The very heavy elements are produced in this-way by adding many 
neutrons at once, and traces of "Cf are present in stars, and this isotope is 
also formed during nuclear explosions. In a similar way the elements Es 
einsteinium and , Fm fermium were formed during the hydrogen bomb 
explosions. The r-process gives neutron-rich isotopes. It is also possible 
that neutron-rich isotopes of several lighter isotopes, e.g. 165. 33}Ca and 
Ca, may be formed by the r-process. It is possible that proton capture 
may also occur in a supernova on a very short time scale. This is called the 
p-process, and it is possible that a range of isotopes from 11Se. '4)Sn, "HSn 
and '{Sn. up to 'x$Hg are formed in this way. 

The short half life periods of all the isotopes of technetium and 
promethium explains why they are absent on earth. 


SOME APPLICATIONS OF RADIOACTIVE ISOTOPES 


The applications of radioisotopes are so numerous that only a small 
selection of them is covered here. 
Measurements of radioactivity are used to estimate the age of various 
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SOME APPLICATIONS OF RADIOACTIVE ISOTOPES 


H 14, 

Mui. «e on prs and is used in radiocarbon dating of materials 
Mee dee This is described in Chapter 12. It depends on 
pasar AE ME edis was removed from free exchange with its 
pides à A de uced continuously from the action of the neutrons 
iem e e ba rogen in the atmosphere. Whilst the plant or animal is 

n e same proportion of '¢C as the surroundings. When the 
plant or animal dies, the intake of radiocarbon stops and that already 
present gradually decays. In a similar way helium dating may be used to 
estimate the age of certain mineral deposits. Uranium minerals decay by 
emitting n particles, thus producing helium. One gram of U produces 
about 107" g of He in a year. The age of the mineral can be estimated if 
both the U and He contents are known. Corrections must be made for 
some He escaping, and for the production of He from other elements such 
as Th which may be present. >l 

Isotope dilution analysis can be used to determine the solubility of 
sparingly soluble materials. For example, a solid sample containing radio- 
active WSrSO, and normal SrSO, can be prepared and the activity per 
gram measured. A known volume of a saturated solution is evaporated 
and the activity of the residue measured. Comparison of the activities 
gives the solubility. In a similar way the isotope RP has been used to 
measure the solubility of MgNH4PO,:6H2O, and 317 has been used 
to measure the solubility of Pbl. A similar technique can be applied to 
vapour pressures of rather involatile materials. 

Activation analysis is used to determine the amount of an element in a 
sample. The sample to be analysed and another sample containing a known 
amount of the element are placed in a nuclear reactor where they are 
bombarded (usually with neutrons). After irradiation for a suitable period 
(several times the half life of the expected radioisotope) the samples are 
removed from the reactor. The induced radioactivity in both samples is 
measured. The amount of the element present in the unknown sample is 
obtained from the ratio of the activities of unknown and standard samples. 
More than 50 elements (or strictly isotopes) can be determined in this way. 
The method is most used to determine trace quantities. It has the 
advantage that the sample is not destroyed, but the disadvantage that it 
requires access to a reactor. Not all elements can be determined in this 
way; for example, it is not feasible to determine C because 12C has a very 
low absorption cross-section for neutrons, though activation analysis of C 
can be performed by bombarding with deuterium in a cyclotron. 

Isotope exchange reactions provide information on the mechanisms of 
certain reactions. Thus exchange of 7D in heavy water D,0 for lH ina 
compound occurs rapidly if H is bonded to N or O, but exchange is slow or 
hardly occurs in most cases where H is bonded to C. This is related to the 
mobility of protons and the higher polarity of N—H and O—H bonds. 


D,0 + RO—H = HDO + RO—D 


If labelled 'SNH,Cl is dissolved in liquid NH3, and the solvent evaporated, 
the activity from '$N is evenly distributed between the NH4CI and the 
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NH3. Since '5NH,CI ionizes into ;NHZ and Cl’, this provides evidence 
for the ionization of liquid NH3: 


2NH; = NHj + NH; 


Similarly the lack of exchange between 14C in a solution containing 
labelled CN- and the complex [Fe(CN).]*~ shows that the CN™ groups in 
the complex are not labile. Proof that the two S atoms in the thiosulphate 
ion S202” are not identical can be obtained by heating labelled 35S with an 
aqueous solution of sodium sulphite to form the thiosulphate. 


SO2- + #S — 158057 
If the thiosulphate so formed is decomposed by treatment with acid, all the 
radioactivity returns to the sulphur, and none to the SO; formed. 


2H* + 358801" — SO; + 78S + HO 


The isotope Co emits both B and y radiation. It is used for y- 
radiography to detect cracks and flaws in metal parts such as pipes, aircraft 
parts and welded joints, for example in the pressure vessels for nuclear 
reactors. It is also used to irradiate malignant tumours in the body as one 
method of cancer therapy. 

The nuclide ‘241 is used to locate brain tumours and also in the diagnosis 
and treatment of disorders of the thyroid gland. In the case of brain 
tumours, the isotope is incorporated into a dye and injected into the 
patient. It is preferentially absorbed by the cancerous cells, and the 
position of the tumour can be found by scanning the Skull. For thyroid 
cases the patient consumes a low dose of this isotope as Nal. The 
radioactive I concentrates in the thyroid gland and can be measured by 
counting the y activity. 

Labelled NaCl solution which contains the isotope 7{Na is injected into 
the veins to discover the location and extent of blood clots and other 
circulation disorders. 


SOME UNITS AND DEFINITIONS 


S y 1 
amu = atomic mass unit = 75 the mass of the ^C carbon atom. 


Mass number = number of neutrons + number of protons. 
Mass of hydrogen atom }H = 1.007825 amu. 

Mass of proton Ip or {H = 1.007277 amu. 

Mass of neutron jn = 1.008665 amu. 

Mass of electron _%e = 0.00054859 amu. 

Mass of helium atom $He = 4.00260 amu. 

Mass of helium nucleus (a particle 2He) = 4.00150 amu. 

MeV = million electron volts (1 MeV = 9.648 x 107 kJ mol" !). 
1 amu = 931.4812 MeV = 8.982 x 10'^ kJ mol. 
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PROBLEMS 
1. What is the nature of the binding forces in atomic nuclei? How does 
the average binding energy per nucleon vary with the atomic number 
of the element? 
2. Define the following terms: atomic number, mass number, isotope, @ 
decay, B decay, y radiation, nuclear fission, nuclear fusion. 


3. In what way is the mode of decay of a particular nucleus related to (a) 
the ratio of neutrons and protons, and (b) the size? 

4. Explain the terms mass number, isotopic mass and nuclear binding 
energy used in the description of an isotope. 


5. Draw a diagram to illustrate how the binding energy per nucleon varies 
with the mass number. Comment on the shape of the curve. 
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13. 


14. 


ES 


16. 


17. 


How would you work out the binding energy per nucleon for a given 
atomic nucleus? What is the significance of this value? 


. Work out the binding energy per nucleon (in MeV per nucleon) for the 


isotope %Fe given the masses: *°Fe 55.93494 amu, neutron 1.008665 
amu, proton 1.00783 amu, electron 0.00054859 amu. (Answer: 
8.79 MeV per nucleon.) 


. Na is an unstable isotope of sodium with a half life of 15 hours. 


Calculate the value of the radioactive decay constant. Explain how you 
would attempt to predict the mode of decay. 


. What is the radioactive displacement law? Illustrate the radioactive 


displacement law by reference to the four radioactive decay series. 


. Write equations showing how the following nuclei undergo a decay: 


(a) BU, (b) Th, (c) "Bi, (d) "Rm. (e) "Po 


. Write equations showing how the following nuclei undergo p decay: 


(a) UMg. (b) Pb, (c) 7iNe, (d) 9Co, (e) 4C 


. Write equations showing how the following nuclei undergo electron 


capture: 
(a) SK. (b) Be, (c) Ge, (d) '$Sb, (e) HSe 


Write equations showing how the following nuclei undergo positron 
B+ emission: 
(a) UN, (b) SF. (c) iNa, (d) Ne, (e) $n 


Write an equation to show what would happen if a nuclide {Fm 
underwent spontaneous fission producing two identical daughter 
nuclei and liberating four neutrons. Write another equation assuming 
that the daughter nuclei differ from each other by 40 mass numbers. 


In the naturally occurring uranium decay series, the nuclide BU 
decays in succession by a, B. B. a, a, a, a, B decay. Write an 
equation showing the mass numbers, atomic numbers and symbols for 
the nuclides formed by these decays. 


In the naturally occurring thorium decay series, the nuclide *})Th 
decays in succession by a, f, p. a. a. a, B decay. Write an equation 
showing the mass numbers, atomic numbers and symbols for the 
nuclides formed by these decays. 


The following reaction is one of the processes which occurs during 
fission: 

JAN 

XU — 'ACe Zr + in + 6_fe 


Given that the masses are: U 235.0439 amu. Ce 139.9054 amu. Zr 
93.9063 amu, n 1.008665 amu, e 0.00054859 amu, calculate how much 
energy is released in MeV per fission. (Answer: 205 MeV per fission.) 
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19. 


20. 


21. 


22. 
23. 


, Explain the main differences between the two atomic bombs that were 
dropped on Japan. 


(a) What is the difference between a chain reaction and a branched 
chain reaction. 

(b) What is a moderator? Give examples. 

(c) Explain what the critical mass of a fissile material is, and why does 
the critical mass vary? 


Compare the processes of nuclear fission and fusion as sources of 
energy. 


Calculate the energy released in MeV per fusion in the following 
process: 


ID + 1H dH 


given that the atomic masses are: ?D 2.01410 amu, 'H 1.007825 amu, 
5He 3.01603 amu. (Answer: 5.5 MeV per fusion.) 


Explain how nuclei heavier than uranium can be prepared. 


List uses for radioactive isotopes. 
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3. m the magnetic quantum 


Spectra 


Electronic spectra from transition metal ions and complexes are observed 
in the visible and UV regions. Absorption spectra show the particular 
wavelengths of light absorbed, that is the particular amount of energy 
required to promote an electron from one energy level to a higher level, 
whilst emission spectra show the energy emitted when the electron falls 
back from the excited level to a lower level. Transitions involving the 
outer shell of electrons are generally observed in the wavenumber region 
100000cm-! to 10000cm~', but most spectra are measured in the 
50000—10000 cm^* region (200-1000 nm). The interpretation of spectra 
provides a most useful tool for the description and understanding of the 
energy levels present. 


ENERGY LEVELS IN AN ATOM 


The energy levels in an atom are described in Chapter 1 in terms of four 
quantum numbers: 


1. n the principal quantum number which may have values 1, 2, 3, 4... 
corresponding to the first, second, third or fourth shell of electrons 
around the nucleus. 

2. l is the subsidiary quantum number, and may have n values. These 
values are 0, 1, 2,...(n — 1). They describe the orbital angular 
momentum or shape of the orbital. Thus 


n=1 1=0 spherical s orbital 
n=2 1—0 spherical s orbital 

121 dumb-bell shaped p orbital 
n=3 1=0 s orbital 

l=1 p orbital 

l=2 d orbital 


2 


umber may have values from +/, (/ — 1)... 
NRSR 


4. m, the electron spin quantum number which has a value of either +4 


or -3. 
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The build-up of electrons in the elements follows three simple rules: 


1. Electrons normally occupy the orbitals of lowest energy. 

2. Hund's rule: when several orbitals have the same energy, electrons are 
not paired if this can be avoided. Thus in the ground state, an atom will 
contain the maximum number of unpaired electron spins. 

3. The Pauli exclusion principle: no two electrons in one atom can have all 
four quantum numbers the same. 


This can be illustrated using boxes for orbitals, and arrows for electrons 
(Figure 32.1). The two electrons in the 1s orbital for He have opposite 
spins; thus ? denotes m, = +4and | denotes m, = —3. The filling of the 
1s and 2s energy levels is straightforward. 

At boron, an electron occupies a 2p orbital. The three 2p orbitals have 
identical values of n = 2, and l = 1, but have different values of m (+1 0 


Principal quantum no, n 1 2 
Se 
Subsidiary quantum no. / 0 0 1 
VR 
Magnetic quantum no. m 0 0 +10 -1 
1s 2s 2p 
H 
Bel in esed isole ish 
He 
Fil ps eo a diet 
Li 
m] GEL 
Be a 
il w IJ 
B 
momo ELE) 
[9] 
p] fr 
N 
t Tr] 
o "IET 
[f] n[rTr 


Figure 32.1 Electronic arrangements of the elements. 
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and —1), giving the p, py and p. orbitals. Allowing for two values for m, 
for each of these, there is a total of six possible arrangements for this single 
electron. The three p orbitals are degenerate, so it does not matter which 
arrangement is adopted. When only one electron is present in a degenerate 
energy level or subshell such as 2p, 3p or 3d, the energy depends on /, the 
orbital quantum number. 


Px Py Pz 


Figure 32.2 Electronic arrangements of microstates for p? configuration. 


In the case of carbon, two electrons occupy the 2p level, and there are 
15 possible electronic arrangements (Figure 32.2). These can be divided 
into three main groups of different energy — called three energy states. 
Thus even though the p orbitals are degenerate and have the same energy, 
the electrons present in them interact with each other and result in the 
formation of a ground state (lowest energy) and one or more excited states 
for the atom or ion. In addition to the electrostatic repulsion between 
electrons, they influence each other (1) by the interaction or coupling of 
the magnetic fields produced by their spins, and (2) by coupling of the 
fields produced by the orbital motion of the electrons (orbital angular 
momentum). When several electrons occupy a subshell, the energy states 
obtained depend on the result of the orbital angular quantum numbers of 
each of the electrons. This resultant of all the / values is denoted by a new 
quantum number L, which defines the energy state for the atom 


L- 0 1 2 3 4 5 6 7 8 
state S Pu 2 ih = eee X KK L 


(The letter J is omitted since this is used for another quantum number 
described later.) 


Coupling of orbital angular momenta 


p? configuration 


Angular momentum is quantized into ‘packets’ of magnitude h/2n (where h 
is Planck’s constant). For a p electron, the subsidiary or azimuthal 
quantum number / = 1, and the orbital angular moment = 1(h/2x) and is 
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121 Resultant 
L=2 
121 -. D state 1 


Resultant 
L=1 


=1 L=0 
< P state : 


^. S state 


dp 


Figure 32.3 Resultant of I terms for p? configuration. 


shown as an arrow of unit length. The ways in which the l values for two p 
electrons may interact with each other are shown diagrammatically using 
vector diagrams (Figure 32.3). Because angular momentum is quantized, 
the only permissible arrangements are those where the resultant is a whole 
number of quanta. Thus three possible states of spectroscopic terms D, P 
and $ arise. For the P state, the vectors | must be at an angle to each other 
such that the resultant is a whole number of quanta and in this case L — 1. 


p? configuration 


The coupling of the / values of three p electrons by vectorial addition can 
be considered in an analogous way, and for simplicity this is considered as 
the interaction of a third p electron on the states obtained for the p? case 
(Figure 32.4). The result of coupling the orbital angular momenta is the 
production of one F state, two D states, three P states and one S state. 


Resultant 
L-2 ^. F state EEA Hh L=2 


121 Resultant 
L=3 ley) | j= 1 | Resultant 
/ +. D state pes P state 


Lf Resultant 


- l= 

| taa ultan Resultant 

EZA . D state E» peu à ll L=0 
1 1=1 


^. P state S state. 
{ Resultant 
L-0|I/21 L=1 


P state 


Figure 32.4 Resultant of / terms for p configuration. 


d? configuration 


The coupling of / values for d electrons follows a similar pattern, except 
that for a d electron / — 2, so the arrows are of double length (Figure 32.5). 


Figure 32.5 Resultant of { terms for d? configuration. 


Coupling of spin angular momenta 
For a single electron, the spin quantum number m, has a value of m" 
If two or more electrons are present in a subshell, the magnetic fields 
produced interact with each other, that is ‘couple’, giving a resultant spin - 
quantum number S. (It is unfortunate that the symbol S is used both for 
the resultant spin quantum number, and for the spectroscopic state when 
L = 0, but in practice this does not normally cause confusion.) 


p? or d? case 
By using arrows to depict the quantized amounts of energy associated with 


the m, value of each electron, it can be seen that the resultant Ee 
quantum number 5 must have a value of 0 or 1 (Figure 32.6). , 


absum aaf fae foe 


Figure 32.6 Resultant of m, terms for p? or d" configuration. 


por d? case 
Here 5 has a value of 14 or 4 (Figure 32.7). 


llic Eire 


Figure 32.7 Resultant of m, terms for p’ or d? configuration. 


Spin orbit coupling 

When several electrons are present in a subshell, the overall effect of the 
individual orbital angular momenta l is given by the resultant angular 
quantum number L, and the overall effect of the individual spins m, is 
given by the resultant spin quantum number 5. In an atom, the magnetic 
effects of L and S may interact or ‘couple’, giving à new quantum number J 
called the total angular momentum quantum number, which results from 
vectorial combination of L and $. This coupling of the resulting spin and 
orbital quantum numbers is called Russell Saunders or LS coupling. 


Spin orbit coupling p* case 

it has been shown previously that with a p^ arrangement, resultant orbital 
quantum number values of L = 2, 1 and 0, and also resultant spin 

number values of $ = 1 and 0, are obtained. These may be coupled to give 
the total angular quantum number J (Figure 32.8). [- 


$51 Resultant 
Š Resultant 
L»2 4-3 PLA 
Full spectroscopic ?D, 
term symbol *D; 
Sel Resultant $21 Resultant Resultant 
SS 
l=? J-2 L1 Jal teat Set[ 490 
E 
Full spectroscopic P, Pa 


term symbol *P, 


eds) 


Full spectroscopic 
term symbol *S, 


Figure 32.8 obtaining spectroscopic term symbols by combining tbe remitan £ 


and $ terms. 
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Each of these arrangements corresponds to an electronic arrangement 
sometimes called a spectroscopic state, which is described by a full term 
symbol. The letter D indicates that the L quantum number has a value of 
two, P indicates that L = 1 and 5 denotes a value of L — 0 as described 
previously. The lower right hand subscript denotes the value of the total 
quantum number J, and the upper left superscript indicates the multipli- 
city, which has the value of 25 + 1 (where S is the resultant spin quantum 
number). The relation between the number of unpaired electrons, the 
resultant spin quantum number S, and the multiplicity is given in Table 
32 


Table 32.1 

Unpaired electrons s Multiplicity ` Name of state 
0 0 1 Singlet 

1 2 Doublet 

2 1 3 Triplet 

3 u 4 Quartet 

4 2 5 Quintet 


Thus the symbol °D, (pronounced triplet D two) indicates a D state, 
hence L = 2; the multiplicity is three, hence $ = 1 and the number of 
unpaired electrons is 2; and the total quantum number J — 2. 

All of the spectroscopic terms derived above for a p? configuration 
would occur for an excited state of carbon 15?, 2s*, 2p', 3p'. However, in 
the ground state of the atom Is”, 2s", 2p* the number of states is limited by 
the Pauli exclusion principle since no two electrons in the same atom can 
have all four quantum numbers the same. In the ground state configura- 
tion, the two p electrons both have the same values of n — 2 and | = 1 so 
they must differ in at least one of the remaining quantum numbers m or ms. 
This restriction reduces the number of terms from ^D, ?P, °S, ! D, ' P and 'S 
to 'D, °P and 'S. 

This can be shown by writing down only those electronic arrangements 
of m and m, which do not violate the Pauli exclusion principle. For p 
electrons, the subsidiary quantum number / = 1, and the magnetic 
quantum number m may have values from + | 0— —1, giving in this case 
values of m = +1, 0 and —1. There are 15 possible combinations (Table 
32.2). The values of M, and M, (the total spin and total orbital quantum 
numbers in the z direction) are obtained by adding the appropriate ms and 
m values: 


Ms = Ems 
M, = Em 
M, has values from +L ...0...—L (a total of 2L + 1 values) and 


Ms has values from 5. . . 0... —S (a total of 2S + 1 values) 
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Table 32.2 Allowed values of m and m, for the p> configuration 


m-31 0-1 Ms M, Term symbol 
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The L and $ quantum numbers associated with each electronic 
configuration (and hence the spectroscopic term symbol) can be worked 
out from the M, and Ms quantum numbers in Table 32.2. First choose the 
maximum M; value, and select the maximum M, associated with it. This 
gives My = 1 and M; = 1 (number 10 in table), and corresponds to a group 
of terms where L = 1 and $ = 1. Since L = 1, this must bé a P state, and 
since § = 1. the multiplicity (2S + 1) = 3. so it is in fact a triplet P state *P. 
Using the equations above: 


if L = 1, M, may have the values +1, 0 and -1 
and 
if S = 1, My may have the values +1, 0 and —1 
There are nine combinations of these two terms: 
M, = +1 Ms = +1,0, -1 
31.0, -1 
+1,0.-1 


EE 
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Examination of Table 32.2 shows that 13 of the allowed values could be 
assigned a ?P term symbol. ; 

From the unassigned combinations we next pick out the maximum Ms 
and M,. In this case Ms = 0 and M, = 2. From this it is deduced that L =2 
and S = 0. Since L = 2 this must be a D state. The value of S = 0 gives a 
multiplicity of 2$ + 1 = 1, so itis a singlet D state !D. 

If L = 2, then M, may have values +2. 41.0. —1 and 
0. M, — 0. This gives five combinations of M, and Ms- 


pe. and since S = 
Examination of 
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Table 32.2 shows that nine of the allowed values could be assigned a 'D 
term symbol. 

The °P and !D states account for 9 + 5 = 14 combinations, and the 
remaining one which corresponds to M; = 0 and Ms — 0, must correspond 
to L = 0 and S = 0. This gives a singlet S state 1S. Thus all 15 permissible 
electronic arrangements are accounted for by the `D, ?P and 'S states. 
Where two or more allowed electronic configurations have the same values 
for M, and Ms (for example configurations 3, 4 and 5 in Table 32.2), more 
than one term symbol will describe the arrangement. In these cases a linear 
combination of the functions should be taken, and it is incorrect to at- 
tribute any one term to a particular arrangement. 


DETERMINING THE GROUND STATE TERMS — HUND'S RULES 


Once the terms are known, they can be arranged in order of energy, and 
the ground state term identified by using Hund's rules: 


1. The terms are placed in order depending on their multiplicities and 
hence their S values. The most stable state has the largest 5 value, and 
stability decreases as S decreases. The ground state therefore possesses 
the most unpaired spins because this gives the minimum electrostatic 
repulsion. 

2. For a given value of S, the state with the highest L value is the most 
stable. 

3. If there is still ambiguity, for given values of $ and L, the smallest J 
value is the most stable if the subshell is less than half filled, and the 
biggest J is most stable if the subshell is more than half filled. 


(Hund's rules should not be used to predict the order of excited 
configurations such as C 13°, 2s*, 2p', 3p!) 

Applying the first rule to the terms arising from p? in the ground state of 
carbon the ?P state must be the ground state since there is only one triplet 
state, 'D and 'S being singlets. Using the second rule, the 'D state 
corresponds to a value of L = 2 and is more stable than the 'S state where 
L = 0. Finally, the triplet P state has three terms ?P5, °P, and ?P,, so from 
the third rule *Pj < ?P, < ?P;. The experimentally measured energies for 
the terms arising from the ground state of carbon are shown in Figure 32.9. 
It can be seen that for a light atom like carbon, the splitting of the °P terms 
because of the J terms from spin orbit coupling is much smaller than the 
splitting into 'S, 'D and ?P terms resulting from coupling of / quantum 
numbers. For the lighter elements below atomic number 30, the splitting of 
levels of different J is small compared with the splitting of levels of 
different L (see Figure 32.9); hence Russell- Saunders coupling gives the 
correct result for the sequence of energy levels or terms for the first row of 
transition elements. For the heavier elements, the J splitting is greater than 
the L splitting and Russell- Saunders coupling can no longer be used and 
an alternative form of j—j coupling is used instead. 
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Figure 32.9 Splitting of terms in carbon ground state. 


HOLE FORMULATION 


When a subshell is more than half full, it is simpler and more convenient to 
work out the terms by considering the ‘holes’ — that is the vacancies in the 
various orbitals — rather than the larger number of electrons actually 
present. The terms derived in this way for the ground state of oxygen which 
has a p^ configuration and hence two ‘Roles’ are the same as for carbon 
with a p? configuration, that is 15, ! D and ?P. However, oxygen has a more 
than half filled subshell, and hence when applying Hund's third rule, the 
energy of the triplet P states for oxygen are 3p, < °P; < ?Po, making 3P, 
the ground state. In a similar way, by considering ‘holes’, the terms which 
arise for pairs of atoms with p^ and p^" arrangements, and also d" and 
d 7". give rise to identical terms (Table 32.3). 


Table 32.3 Terms arising for p and d configurations 


Electronic Ground state Other terms 
configuration term 

p‘, p? 2p 

p^. p* 3p AY Ip 

p. ‘s dan 

p IS 

d!, d? 2D ; 


21648 cm: (259.0 kJ mol" ") 


Carbon "De 
12, 25°, 2p? 10195 cm-" (122.0 kJ mol") 
(ground state) 
3p, 
3p S 43.5 cm (0.52 kJ mol) 
+ 464cm^ (0.20 kJ mol") 
0 
3p, 
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Derivation of the term symbol for a closed subshell 


If a subshell is completely filled with electrons, for example p° or d" 


arrangements, the derivation of terms is greatly simplified. 
m=+10 1 Ms M, 


D 0 0 
m= 42410 -1-2 


a miesa 0 


In both of these cases the total spin quantum number in the z direction My 
which equals the sum of all the individual m, values is zero. hence 5 = 0, 
and the multiplicity 25 + 1 = 1. Also in both p^ and d'" cases the total 
orbital angular quantum number in the z direction M, = Xm = 0. hence L 
= 0 corresponding to an S state. Thus a closed shell of electrons always 
produces a.singlet $ state 'Sy. 


Derivation of the terms for a d? configuration 


For d electrons, the subsidiary quantum number / is 2, and the magnetic 
quantum number mm has values from *[— 0— —l. giving in this case m = 
422. +1. 0, — l and —2. There are 45 ways in which two d electrons may be 
arranged which do not violate the Pauli exclusion principle. These 
arrangements are shown in Table 32.4. 

The terms are assigned in a similar way as for the p? case. The highest 
value of M, = 4 can only arise if L = 4 corresponding to a G state, and 
since Ms = 0, S must be 0, and it is a singlet G term !G. M, can have 
values from --L. ..0.. .—L. in this case +4, +3, +2. *1. 0. —1. -2. -3 
and —4, but M, has only one value so there are nine configurations 
associated with this term. 

The highest unassigned M, value is +3. indicating an F state, and this 
occurs with My = +1, 0 and —1, suggesting a triplet F state `F. M, may 
have values of +3, +2. +1. 0. —1. —2 and —3. and since My has three 
values there are 21 configurations associated with the ?F term. 

Thirty of the 45 configurations have been accounted for. and examina- 
tion of the groups of configurations which have the same M, and Ms values 
shows that the remaining 15 terms are the same as for the p? case. that is 
! D. `P and 'S. The full list of terms for a d? configuration is therefore 'G. 
5F, ! D, °P and 'S. Applying Hund's rules, the ground state is ^F, and the 
energy of the various states is `F < ^P < 'G < 'D < 'S. 

The spectra of a number of d? ions have been measured, and the energy 
of the ?P state is shown to be higher than the ^F ground state in each case 
(Table 32.5). Quantitative data are available for the energy levels in free 
metal ions in the gas phase, and the next step is to find how these energy 
levels change when ligands approach to form a complex. 


Table 32.4 Allowed values of m and m, for the d? configuration 


m= +2 +10 -1-2 Ems = Ms Em = M, Term symbol 
l 0 4 'G 
2 1 3 oF 
2 0 3 

1 3 

4 0 3 |'e* 
5 =} 3 F 
6 I 2 IF 
7 0 2 
8 0 2 Je. IF. 'D 
9 0 2 
10 -1 2 ^x 
[n 1 i 3E 
n i AERE: 
13 «T 1 3p 3 
14 al 1 | Ps 
15 0 1 
16 ü 1 ETSE 
d 0 i GIR Dank, 
18 0 1 
19 1 0 Mp3 
20 1 0 | Eua 
21 0 0 
22 0 0 
23 0 0 (GSFADOP NS 
24 0 0 
25 0 0 
26 z 0 Ip 3 
27 -l 0 | pote 
28 0 zi 
29 0 ct MORBO 
3 b E Gy oP) D, P. 
31 0 -1 
32 1 i pr 3p 
33 1 c 
34 -1 zil s. 3p 
35 = 71 
36 | r2 dE 
3 0 -2 
38 ONEA -2 1G. °F. 'D 
39 0 = 
40 =I a `F 
Al 1 =3 WE 
42 0 d licor 
43 0 x 
44 E] zd 2P 
45 0 d 'G 
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Table 32.5 Energy of ^F and *P states for d" free ions 


T+ y+ Cr** 
3p 10600cm™! 13250cm^' 15700cm^' 
^E 0 9o 0 
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CALCULATION OF THE NUMBER OF MICROSTATES 


Each different arrangement of electrons in a set of orbitals has a slightly 
different energy and is called a microstate, e.g. Table 32.2 for a p 
arrangement or Table 32.4 for a d? arrangement. The number of 
microstates may be calculated from the number of orbitals and the number 
of electrons, using the formula: 


Giese 


where n is twice the number of orbitals and r is the number of electrons. 

(Note n! is factorial n and r! is factorial r.) Thus for a p> case there are 

three orbitals so n = 6, and three electrons so r = 3. Hence 

Cl 6! 0000 6X5 XK4X3X2X1 
3| 36 — 3)! 3x3 3x2x1x3x2x1 

Similarly, for a d? case there are five orbitals so n — 10, and two electrons 

so r = 2. Hence 


(°) USP TAAR lO! 
2 2(10-2) 2! x 8! 


_10x9x8x7x6x5x4x3x2x1 
2x1x8X7X6x5x4x3x2x1 


= 20 microstates 


= 45 microstates 


In a similar way the number of microstates can be worked out for all of the 
electronic arrangements p'—p® and d'-d". 


Table 32.6 The number of microstates for various electron arrangements 
a INEO BLEU MDC Vot s MENO US TEN NOE T ON 


Electronic Number of Electronic Number of 
arrangement microstates arrangement microstates 
[A 6 d! 10 
p. 15 d 45 
[A 20 d 120 
P. 15 d* 210 
Be 6 d^ 252 
p 1 de 210 
d 120 
d* 45 
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ELECTRONIC SPECTRA OF TRANSITION METAL COMPLEXES 


Spectra arise because electrons may be promoted from one energy level to 
another. Such electronic transitions are of high energy, and in addition 
much lower energy vibrational and rotational transitions always occur. The 
vibrational and rotational levels are too close in energy to be resolved into 
separate absorption bands, but they result in considerable broadening of 
the electronic absorption bands in d-d spectra. Band widths are commonly 
found to be of the order of 1000-3000cm™'. 

The spectrum of a coloured solution may be measured quite easily using 
a spectrophotometer. A beam of monochromatic light obtained using a 
prism and a narrow slit is passed through the solution and on to a 
photoelectric cell. The amount of light absorbed at any particular 
frequency can be read off, or a whole frequency range can be scanned, and 
the absorbance A plotted as a graph on a paper chart recorder. The 
absorbance was formerly called the optical density. If Zo is the intensity of 
the original beam of light, and / the intensity after passing through the 
solution, then 


the molar absorption coefficient € is usually calculated from the 
absorbance 


where c is the concentration of the solution in moll}, and / is the path 
length in centimetres. (Cells are commonly 1 cm long.) 

Not all of the theoretically possible electronic transitions are actually 
observed. The position is formalized into a set of selection rules which 
distinguish between ‘allowed’ and ‘forbidden’ transitions. ‘Allowed’ transi- 
tions occur commonly, ‘Forbidden’ transitions do occur, but much less 
frequently, and they are consequently of much lower intensity. 


Laporte ‘orbital’ selection rule 


Transitions which involve a change in the subsidiary quantum number 
Al = +1 are ‘Laporte allowed’ and therefore have a high absorbance. 
Thus for Ca, s? — sip’, | changes by +1 and the molar absorption 
coefficient e is 5000— 10 000 litres per mol per centimetre. In contrast d-d 
transitions are ‘Laporte forbidden’, since the change in! = 0, but spectra of 


much lower absorbance are observed (€ = 5-10 1 mol-! cm ^!) because of 
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Table 32.7 Molar absorption coefficients for different types of transition 


Laporte (orbital) Spin Type of € Example 
spectra 
Allowed Allowed Charge 10000 [TiCl,]”~ 
transfer 3 > A 
Partly allowed, Allowed d-d 500 [CoBr;}] >, [CoCL]" 
some p-d mixing m x 
Forbidden Allowed d-d 8-10. [Ti(H3O) * ..[ V(H:O).]* 
Partly allowed, Forbidden d-d 4  [MnBr] 
some p-d mixing ; > 
Forbidden Forbidden d-d 0.0 [Mn(H;O)4* 


slight relaxation in the Laporte rule. When the transition metal ion forms a 
complex it is surrounded by ligands. and some mixing of d and p orbitals 
may occur. in which case transitions are no longer pure d-d in nature. 
Mixing of this kind occurs in complexes which do not possess a centre of 
symmetry, for example tetrahedral complexes, or asymmetrically substi- 
tuted octahedral complexes. Thus [MnBr,]- which is tetrahedral and 
[Co(NH;).CIJ* which is octahedral but non-centrosymmetric are both 
coloured. Mixing of p and d orbitals does not occur in octahedral 
complexes which have a centre of symmetry such as [Co(NH;),]* or 
[Cu(H;O),]*. However. in these cases the metal-ligand bonds vibrate so 
that the ligands spend an appreciable amount of time out of their centro- 
symmetric equilibrium position. Thus a very small amount of mixing 
occurs, and low-intensity spectra are observed. Thus Laporte allowed 
transitions are very intense. whilst Laporte forbidden transitions vary from 
weak intensity if the complex is non-centrosymmetric to very weak if it is 
centrosymmetric (Table 32.7). 


Spin selection rule 


During transitions between energy levels. an electron does not change its 
spin. that is AS = 0. There are fewer exceptions than for the Laporte 
selection rule. Thus in the case of Mn" in a weak octahedral field such as 
[Mn(H:O),J"* the d-d transitions are ‘spin forbidden’ because each of the 
d orbitals is singly occupied. Many Mn^* compounds are off white or pale 
fiesh coloured, but the intensity is only about one hundredth of that for a 
‘spin allowed’ transition (Table 32.7). Since the spin forbidden transitions 
are very weak, analysis of the spectra of transition metal complexes can be 
greatly simplified by ignoring all spin forbidden transitions and considering 
only those excited states which have the same multiplicity as the ground 
state. Thus for a d? configuration the only terms which need be considered 
are the ground state °F and the excited state *P. 
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SPLITTING OF ELECTRONIC ENERGY LEVELS AND 
SPECTROSCOPIC STATES 


An s orbital is spherically symmetrical and is unaffected by an octahedral 
(or any other) field. p orbitals are directional, and p orbitals are affected by 
an octahedral field. However, since a set of three p orbitals are all affected 
equally, their energy levels remain equal, and no splitting occurs. A set of 
d orbitals is split by an octahedral field into two levels tj, and e,. The 
difference in energy between these may be written as A, or 10D,. The t, 
level is triply degenerate and is 4D, below the barycentre, and the e, level 
is doubly degenerate and is 6D, above the barycentre. For a af con- 
figuration, the ground state is a ?D state, and the th, and e, electronic 
energy levels correspond with the T», and E, spectroscopic states. A set of 
f orbitals is split by an octahedral field into three levels. For an f' 
arrangement the ground state is a ?F state and is split into a triply 
degenerate Tıg state which is 6D, below the barycentre, a triply degenerate 
Tog level which is 2D, above the barycentre and a single A5, state which is 
12D, above the barycentre (Figure 32.11). We will see later that the same 
arrangement of states occurs with d arrangement. 
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Figure 32.11 Splitting of spectroscopic terms arising from (a) d ! electronic arrange- 
ment and (b) d? electronic arrangement. 


In the ‘one electron cases’ s', p', d! and f! there is a direct correspondence 
between the splitting of electronic energy levels which occurs in a crystal 
field and the splitting of spectroscopic states. Thus in an, octahedral field 
the $ and P states are not split, D states are split into two states and F states 
are split into three states. 
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Table 32.8 Transforming spectroscopic terms into Mulliken symbols 


Spectroscopic term Mulliken symbols 
Octahedral field Tetrahedral field 
S Aig A, 
P Tig T, 
D E, Tog E * T; 
JH Aag + Tig + Trg At TET 
G Aig + Eg t Tig + Trg A, +E+T, +T, 


SPECTRA OF d' AND d? IONS 


In a free gaseous metal ion the d orbitals are degenerate, and hence there 
will be no spectra from d-d transitions. When a complex is formed, the 
electrostatic field from the ligands splits the d orbitals into two groups Dg 
and e,. (This crystal field splitting is described in Chapter 7.) The simplest 
example of a d' complex is Ti(III) in octahedral complexes such as 
[TiCl.]*~, or [Ti(H,O),]**. The splitting of the d orbitals is shown in 
Figure 32.12a. In the ground state the single electron occupies the lower Dg 
level, and only one transition is possible to the €, level. Consequently the 
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Figure 32.12 (a) Diagram of energy levels in octahedral field. (b) Ultraviolet and 
visible absorption spectrum of [Ti(H30),]**. 
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Figure 32.13 Splitting of energy levels for d' configuration in octahedral field, 


absorption spectrum of [Ti(H2O),]** which is shown in Figure 32.12b, 
shows only one band with a peak at 20300cm^'. The magnitude of the 
splitting Ay depends on the nature of the ligands, and affects the energy of 
the transition, and hence the frequency of maximum absorption in the 
spectrum. Thus the peak occurs at 13000 cm™ in [TiCl,}°~, 18900 cm-' in 
[TiFe]°~ , 20300 cm™! in [Ti(H;O)]?* and 22 300 cm" in [Ti(CN);J^-. The 
amount of splitting caused by various ligands is related to their position in 
the spectrochemical series (see Chapter 7). The effect of an octahedral 
ligand field on a d' ion is shown in Figure 32.13. The symbol ?p at the left 
is the ground state term for a free ion with a d’ configuration (see Table 
32.3). Under the influence of a ligand field this splits into two states which 
are described by the Mulliken symbols ^E, and ?T;,. (These symbols 
originate in group theory, and are used here without attempting to derive 
them. Useful references are given at the end of the chapter.) The lower To, 
state corresponds to the single d electron occupying one of the th, orbitals, 
and the ?E, state corresponds to the electron occupying one of the e, 
orbitals. The two states are separated more widely as the strength of the 
ligand field increases. 

Octahedral complexes of ions with a d? configuration such as 
[Cu(H;O),]?* can be described in a similar way to the Ti?* octahedral 
complexes with a d! arrangement. In the d' case there is a single electron 
in the lower 15, level whilst in the d? case there isa single hole in the upper 
e, level. Thus the transition in the d! case is promoting an electron from 
the r», level to the e, level, whilst in the d? case it is simpler to consider the 
promotion of an electron as the transfer of a ‘hole’ from eg tO tag. The 
energy diagram for d? is therefore the other way round, that is the inverse 
of that for a d! configuration (Figure 31.14). 

If the effect of a tetrahedral ligand field is now considered, the degen- 
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Ligand field strength 
Figure 32.14 Splitting of energy levels for d? configuration in octahedral field. 
erate d orbitals split into two e, orbitals of lower energy and three ty 


orbitals of higher energy (see Chapter 7). The energy level diagram for d! 
complexes in a tetrahedral field is the inverse of that in an octahedral field, 


' and is similar to the d? octahedral case (Figure 32.13), except that the 


amount of splitting in a tetrahedral field is only about $ of that in an 
octahedral field. 

In a similar way the dî high-spin octahedral arrangement (Figure 32.15a) 
is related to the d! octahedral case. Since transitions which involve reversal 
of the electron spin are ‘forbidden’, and hence give extremely weak bands, 
the only ‘permitted’ transition is the paired electron in the r», level. which 
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(a) (o) 
Figure 32.15 (a) d° and (b) d* high-spin octahedral arrangements. 
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has the opposite spin to all the other electrons, to the €, level. The energy 
level diagram for dî high-spin octahedral complexes is the same as the d! 
case (Figure 32.13). 

By similar reasoning. octahedral complexes containing d* ions in a high- 
spin arrangement (Figure 32.15b) may be considered as having one ‘hole’ 
in the upper e, level and thus they are analogous to the d? octahedral case 
(Figure 32.14). 

In addition, dê tetrahedral compiexes have only one electron which can 
be promoted without changing the spin, and have a diagram like that for d! 
tetrahedral, which is qualitatively similar to that for the d? octahedral case. 
Finally, d* and d" tetrahedral complexes with one ‘hole’ are qualitatively 
like the d’ octahedral example with one electron. 

Figures 32.13 and 32.14 can be combined into a single diagram (Figure 
32.16) called an Orgel diagram, which describes in a qualitative way the 
effect of electron configurations with one electron, one electron more than 
a half filled level, one electron less than a full shell, and one electron 
less than a half filled shell. 


Energy 


d' tetrahedral 
d? tetrahedral Tag 


d" octahedral — Ej 
d? octahedral 
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Figure 32.16 Orgel combined energy level diagram for d'. (Note that g subscripts 
are dropped in tetrahedral cases.) 
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The ground state for a d? electronic arrangement has two electrons in 
different orbitals. In an octahedral field the d orbitals are split into three t», 
orbitals of lower energy and two e, orbitals of higher energy, and the 
electrons will occupy two of the fz orbitals. When an electron is promoted 
(e2)? — (€,)'(tog)! there are two possibilities. It requires less energy to 
promote an electron from the dyz or dyz orbitals to the d»: orbital than it 


d' octahedral 
d$ octahedral 


d^ tetrahedral 
@ tetrahedral 
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does to promote the electron to the d,»_,2 orbital. This difference in energy 
arises because the former transition gives a (d,,)'(d.:)' arrangement where 
the electrons are spread around all three directions x. y and z which 
reduces electron-electron repulsion compared with the (dyy)(dy2_2)! 
arrangement where the electrons are confined to the xy plane. If both 
electrons are promoted another high energy state will be formed. Thus 
from a consideration of the electrons we would expect four energy levels, 

Table 32.3 shows that the terms arising for a d? configuration are the 
ground state °F and the excited states "P, 'G, 'D and 'S. The ground state 
contains two electrons with parallel spins, but the 'G, 'D and 'S states 
contain electrons with opposite spins. Thus transitions from the ground 
state to these three states are spin forbidden, will be very weak, and can be 
ignored. The two remaining states ^F and P can have spin permitted 
transitions. It will be remembered that p orbitals are not split by an 
octahedral field, but that f orbitals are split into three levels. Similarly in an 
octahedral field P states are not split (but are transformed into a T), state, 
and F states split into Az, + Tıg + T», (see Figure 32.11 and Table 32.8). 
The energy level diagram for these is shown in Figure 32.17a. 

Three transitions are possible from the ground state 37, ,(F) to Ta 
37,,(P) and Arg respectively, and hence three peaks should appear in the 
spectrum. (This may be compared with only one transition in the d' case.) 


Table 32.9 Ground terms for d'—d' configurations 


Configuration Example Ground term m, Mi » 


ne 


4 Ti" "D 2 
4 N i Barc 
4 Cr” Ki AR 
d* pt Sp 2 2 
a Mn?* 5s 0. 23 
es Fett "D 2.1 
a Co* ds clay 
1 
1 


1 
an NP F [Inf] 3 — r6 
d ev* "D (tt) — 2 
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Figure 32.17 Orgel diagram and spectrum for a d? ion. (a) Energy diagram tor d^ 
configuration in octahedral field (simplified by including only the triplet states) 
showing three possible transitions. (b) Ultraviolet- visible absorption spectrum for 
the d? complex [V(H;O)sP*. 


, The spectrum of a d? complex ion [V(H;O)g* is shown in Figure 
32.17. Only two peaks occur in this spectrum because the ligand field 
strength of water results in transitions occurring close to the cross-over 
point between the ATP) and E levéls, and hence these two transitions 
are not resolved into two separate peaks. A V** ion complexed with a 
different ligand would show three peaks. 

Complexes of metals such as Ni^* with a d" configuration in an 
octahedral field can be treated in a similar way. There are two *holes' in the 
€, level, and hence promoting an electron is equivalent to transferring a 
‘hole’ from e, to to. This is the inverse of the d^ case. The °P state is not 
split, and is not inverted, but the °F state is split into three states and is 
inverted (Figure 32.18). Thus the ground state term for Ni?* is *A2,. Note 
that in both the d? case and the d? case the °F state is the lowest in energy. 

Three spin allowed transitions are observed in the spectra of 
[Ni(H50),]?*, [Ni(NH3)s* and [Ni(ethylenediamine);]* $ 

Using the same arguments as applied to the d! case, the d octahedral 
energy diagram is similar to the high-spin d? octahedral, and d? and d 
tetrahedral cases. The inverse diagram applies to the d? and d* octahedral 
as well as d? and d tetrahedral complexes. As before, the g subscript is 
Omitted in tetrahedral complexes. Á 

In a similar way Cr(III) has a d? configuration, and for octahedral 
complexes the inverted diagram at the left hand side of Figure 32.19 
applies. This is similar to the d? diagram except that the energies of the 
three states derived from the ?F state are inverted in order. The spectra of 
chromium complexes would be expected to show three absorption Prem 
from the ground state *Azy to Top, *Tig(F) and "Tí, (P) respectively. 
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Figure 32.18 Orgel diagram and spectrum for a d* ion. (a) Energy diagram for d 
configuration in an octahedral field (simplified by including only the triplet states) 
showing three spin allowed transitions. (b) Ultraviolet— visible absorption spectrum 
for the d" complex [Ni(H3O),]"*. Note the middle peak shows signs of splitting into 
two peaks because of Jahn- Teller distortion. 


Chromium(IlI) complexes show at least two well defined absorption peaks 
in the visible region. In some cases the third band can be seen, though it is 
often hidden by a very intense charge transfer band. 

The combined Orgel energy level diagram for two-electron and two- 
‘hole’ configurations is shown in Figure 32.19. Note that there are two T; g 
states, one from the P state and the other from the F state. The two Tig 
states are slightly curved lines. because they have the same symmetry, and 
they interact with one another. This interelectronic repulsion lowers the 
energy of the lower state and increases the energy of the higher state. The 
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Figure 32.19 Combined Orgel energy level diagram for two-electron and two- 
*hole' configurations. (Note that the g subscript is omitted in tetrahedral cases. 
The sarne diagram also applies to the d” and d^ arrangements except that the 
spectroscopic terms are ^F and *P, and the Mulliken terms have a multiplicity of 4.) 


effect is much more marked on the left of the diagram because the two 
levels are close in energy. If the lines had been straight, they would cross 
each other, implying at the cross-over point that two electrons in one atom 
may have the same symmetry and the same energy. This would be imposs- 
ible, and is prohibited by the non-crossing rule, which says that states of 
the same symmetry cannot cross each other. The mixing or interelectronic 
repulsion which causes the bending of the lines is expressed by the Racah 
parameters B and C. 

The Racah parameters can in principle be calculated from linear com- 
binations of exchange integrals and coulomb integrals, but they are usually 
obtained empirically from the spectra of free ions. The difference in energy 
between states of the same multiplicity for example in a d? ion such as V** 
the separation between ^F and *P is 15B. Thus if all three bands are 
observed in the spectrum, B is readily obtained. In many cases it is 
sufficient to use only the parameter B to explain the positions of the bands 
in the spectrum. Both the B and C parameters are necessary for terms of 
different multiplicity. For example, in the d^ V?* ion the separation 
between *F and 2G is 4B + 3C. For most transition metal ions B is 
approximately 700-1000cm~' and C is approximately four times B. 

Experimentally measured spectra may be compared with those expected 
from theory. Consider for example the spectra of Cr(III). Cr* isad? ion. 
(See also Chapter 22.) In the ground state, the dyy, d,, and dyz orbitals 
each contain one electron and the two p orbitals are empty. The d 
arrangement gives rise to two states 4F and ^P. In an octahedral field the "F 
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Table 32.10 Racah parameters B for transition 
metal ions in cm^' 


Metal M?* M 


Ti 695 E 

V 755 861 
Cr 810 918 
Mn 860 965 
Fe 917 1015 
Co 971 1065 
Ni 1030 1115 


From Sutton, D., Electronic Spectra of Transi- 
tion Metal Complexes, McGraw Hill, 1968. 
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Figure 32.20 The splitting of the *F and ^P states in Cr^* 


*T (P) 


“Tig(F) 


“Tag 


he 


state is split into “A>,(F), *T>,(F) and 47,,(F) states, and the ^P state is not 


split but transforms into a ATP) state (Figure 32.20). 


Three transitions are possible “Az, — ^T;,, 145, > *T,,(F) and *A5, > 
“T,,(P)- The Racah parameters for the free Cr^* ion are known exactly 


(B = 918cm^' and C = 4133cm~'). 


Table 32.11 Correlation of spectra for [CrF,]^- (in cm~’) 


Observed spectra Predicted 
Anc) v 34400 30700 (12D, + 15B) 
Mac ‘Tie (F) v 22700 26800  (18D,) 
A», — “Trg Yi 14900 14900 (10D,) 


(The crystal field splitting may be defined as Apor as 10 D;.) 
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The lowest energy transition correlates perfectly, but agreement for the 
other two bands is not very good. Two corrections must be made to 
improve the agreement. 


1. If some mixing of the P and F terms occurs (bending of lines on the 
Orgel diagram), then the energy of the *T(P) state is increased by an 
amount x and the energy of'the Til F) state is reduced by x. 

2. The value for the Racah parameter B relates to a free ion. The apparent 
value B' in a complex is always less than the free ion value because 
electrons on the metal can be delocalized into molecular orbitals cover- 
ing both the metal and the ligands. The use of adjusted B' values 
improves the agreement. This delocalization is called the nephelauxetic 
effect, and the nephelauxetic ratio B is defined: 

B 
Bev 


[| decreases as delocalization increases, and is always less than one, and 
B' is usually 0.7B to 0.9B). B’ is easily obtained if all three transitions 
are observed since: 


15B' = v3 + v — 39v 


Using both of these corrections gives much better correlation between 
observed and improved theoretical results (Table 32.12). (The use of 
adjusted B and C terms is the basis of ligand field calculations.) 


Table 32.12 Correlation of spectra for [CrF.]*~ (using corrected constants) (in 
1 

em ) 

——————————————— 


Observed spectra Corrected theoretical 


v 34400 34800 (12D, + 15B' + x) 
Y: 22 700 22400 (18D, — x) 
vi 14900 14900 — (10D,) 


As a second example consider the spectrum of crystals of KCoF;. There 
are three absorption bands at 7150cm™ ', 15200cm™' and 19 200cm '. The 
compound contains Co** ions (47) surrounded octahedrally by six F ~ ions. 
This case should be similar to the d? case and we would expect transitions 
vi (Tig > * Tag), V2 Chip ^A») and vs CT — *Tyg(P)). D, may be 
calculated from v, since; 

vi = 8D, 


However, this makes no allowance for the configuration interaction 
between the *Ti and “Tag states (i.e. bending of lines on the Orgel 
diagram). It is therefore better to evaluate D, from the equation: 


v; — v = 10D, 


since this is not affected by configuration interaction. Thus; 
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15200 — 7200 = 10D, 
hence D, = 80cm"! 
The value of the configuration interaction term x is obtained either from 
the equation: 
vı = 8D, + x 
or from v) = 18D, + x 


The Racah parameter B for a free Co?* ion is 971cm™~! (Table 32.10), but 
the corrected value B’ may be calculated from the equation: 


v3 = I5B' + 6D, + 2x 


The pale pink colour of many octahedral complexes of Co(II) are of 
interest. The spectrum of [Co(H;O);]^* is shown in Figure 32.21. 
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Figure 32.21 Electronic spectrum of [Co(H50),]^*. 


The spectrum of [Co(H;O),J"* is less easy to interpret. It shows a weak 
but well resolved absorption band at about 8000 cm", and a multiple 
absorption band comprising three overlapping peaks at about 20000 cm '. 
The lowest energy band v, at 8000 cm" ! is assigned to the ‘Ti, > “72, 
transition. The multiple band has three peaks at about 16000, 19400 and 
21600cm^!. Two of these are the ^T tA, and *T,, — *T),(P) 
transitions, and since the peaks are close together this indicates that this 
complex is close to the cross-over point between the tAn and ^T, states on 
the energy diagram. This means that the assignments are only tentative, 
but the following assignments are commonly accepted: 


v2 (*Tig > *A2.) 16000 cm^' 
and v3 (Tie > *Tu(P)) — 19400cm-! 


The extra band is attributed either to spin orbit coupling effects or to 
transitions to doublet states. 
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Tetrahedral complexes of Co?* such as [CoCl,]*~ are intensely blue in 
colour with an intensity e of about 600 Imol^' cm^' compared with the 
pale pink colour of octahedral complexes with an intensity £ of only about 
61mol~!cm7!. Co?* has a d? electronic configuration, andin [CoCl,]*~ 
the electrons are arranged (eg) (t). This is similar to the Cr°* (d?) 
octahedral case since only two electrons can be promoted. There are three 
possible transitions: 4A, — *Tə(F), “A2(F) > “T,(F) and *A,(F) > 
4T;,(P). Only one band appears in the visible region at 15000cm^' 
(Figure 32.22). This band is assigned v3. There are two bands in the 
infrared region at 5800 cm^' assigned v; and the lowest energy transition 
(assigned v3) is expected at 3300 cm". 


44, > *T,(P) v4 — 15000cm™' in the visible region 
5A; —^T((F) v2 5800 cm"! in the visible region 


*Az — ^ T2 vı — (3300 cm™ in the infrared region) 
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Figure 32.22 Electronic spectrum of [CoC]. 
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The d? configuration occurs with Mn(II) and Fe(III). In high-spin octa- 
hedral complexes formed with weak ligands, for example [Mn" Fg" ^ 
[Mn'(H;O)gP* and [FeFe], there are five unpaired electrons with 
parallel spins. Any electronic transition within the d level must involve a 
reversal of spins, and in common with all other ‘spin forbidden’ transitions 
any absorption bands will be extremely weak. This accounts for the very 
pale pink colour of most Mn(II) salts, and the pale violet colour of iron(II) 
alum. The ground state term is 65. None of the 11 excited states shown in 
Table 32.3 can be attained without reversing the spin of an electron, and 
hence the probability of such transitions is extremely low. Of the 11 excited 


966 


SPECTRA 


states, the four quartets G, ^F, ^D and *P involve the reversal of only one 
spin. The other seven states are doublets, are doubly spin forbidden, and 
are unlikely to be observed. In an octahedral field these four split into ten 
states, and hence up to ten extremely weak absorption bands may be 
observed. The spectrum of [Mn(H;O)g^* is shown in Figure 32.23. 
Several features of this spectrum are unusual. 


1. The bands are extremely weak. The molar absorption Coefficient € is 
about 0.02-0.03 1mol^! cm^!, compared with 5-10 1 mol^' cm^! for 


spin allowed transitions. ; ; 
20 Bothe of the bands are sharp and others are broad. Spin allowed bands 


are invariably broad. 


0.02 


Molar absorbance 


0.01 


20000 25000 30000 
Frequency (cm ') 
Figure 32.23 Electronic spectrum of [Mn(H;O),^* 


The Orgel energy level diagram for octahedral Mn?* is shown in Figure 
32.24. Only the quartet terms have been included because transitions to 
the others are doubly spin forbidden. 

Note that the ground state °S is not split, and transforms to the ^A, g State 
Which is drawn along the horizontal axis. Note also that the *E,(G). *A1,. 
"Es(D). and *A2_(F) terms are also horizontal lines on the diagram, so 
their energies are independent of the crystal field. The ligands in a complex 
vibrate about mean positions. so the crystal field strength 10D, varies 
about a mean value. Thus the energy for a particular transition varies 
about a mean value, and hence the absorption peaks are broad. The degree 
of broadening of the peaks is related to the slope of the lines on the Orgel 
diagram. Since the slope of the ground state term ^A,, is zero, and the 
slopes of the *E,(G), *A,,, *E,(D), and "Ax(F) terms are also zero, 
transitions from the ground state to these four states should give rise to 
sharp peaks. By the same reasoning transitions to states which slope 
appreciably such as *7,,(G) and "T3(G) give broader bands. 

The bands are assigned as follows: 
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Figure 32.24 Orgel energy level diagram for Mn?* (d°) octahedral. 


*Ai > “Tig 18900 cm~! 
*Au— *T4(G) 23100cm^' 
"Aig HE 


24970 » 
ud } and 25300 cm 


SA ig — *T4(D) 28000cm"! 

Aig — *E(D)  29700cm^' 
The same diagram applies to tetrahedral d? complexes if the g subscripts 
are omitted. 


TANABE-SUGANO DIAGRAMS 


The simple Orgel energy level diagrams are useful for interpreting spectra, 
but they suffer from two important limitations: 


1. They treat only the high-spin (weak field) case. 

2. They are only useful for spin allowed transitions when the number of 
observed peaks is greater than or equal to the number of empirical 
parameters: crystal field splitting D,, modified Racah parameter B' 
and bending constant x. 


968 | | 


SPECTRA 


Energy/B 


DB 


Figure 32.25 Tanabe-Sugano diagram for d? case, e.g. V?* 


Though it is possible to add low-spin states to an Orgel diagram, 
Tanabe-Sugano diagrams are commonly used instead for the interpreta- 
tion of spectra including both weak and strong fields. Tanabe-Sugano 
diagrams are similar to Orgel diagrams in that they show how the energy 
levels change with D,, but they differ in several ways: 


1. The ground state is always taken as the abscissa (horizontal axis) and 
provides a constant reference point. The other energy states are plotted 
relative to this. 

2. Low-spin terms, i.e. states where the spin multiplicity is lower than the 
ground state, are included. 

3. In order to make the diagrams general for different metal ions with the 
same electronic configuration, and to allow for different ligands. both of 
which affect D, and B (or B"), the axes are plotted in units of energy/B 
and D,/B. 


A different diagram is required for each electronic arrangement. Only two 
examples are shown here. The T-S diagram for a d? case such as V^* is 
shown in Figure 32.25. Note that in this case there is no fundamental 
difference between strong and weak fields. 

The Tanabe-Sugano, diagram for a d ion such as Co?* is shown in 
Figure 32.26. This is a simplified version and only the singlet and quintet 
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Figure 32.26 Tanabe-Sugano diagram for d? case, e.g. Co^* 


terms are shown. There is a discontinuity at 10D,/B = 20, and this is shown 
by a vertical line. At this point spin pairing of electrons occurs. To the left 
of this line we have high-spin complexes (weak ligand field), and to the 
right we have low-spin complexes (strong ligand field). The free ion ground 
state is 5D. This is split by an octahedral field into the “Tog ground state and 
the ^E, excited state. The singlet 17 state in the free ion is of high energy. 
This is split by the octahedral field into five different states, of which the 
"Aj, is important. This state is greatly stabilized by the ligand and drops 
rapidly in energy as the ligand fieid strength increases. At the point where 
10D,/B = 20 the 'Aıg line crosses the horizontal line for the ?T», state 
(which is the ground state). At still higher field strengths the 'A,, state is 
the lowest in energy, and becomes the ground state. Since the ground state 
is taken as the horizontal axis, the right hand part of the diagram must be 
redrawn. 

Since the fluoride ion is a weak field ligand, the complex [CoF.]- is 
high spin. The complex is blue in colour, and a single peak occurs at 
13000 cm-!. This is explained by the transition 572, > °E, shown as an 
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arrow in the left hand part of the diagram. The spectrum of a low-spin 
complex such as [Co(ethylenediamine);]^* should show the transitions 
! Aj — ! Tj, and Aj, — ' T3, (shown as two arrows in the right hand part of 
the diagram). 


FURTHER READING 


Emeléus, H.J. and Sharpe, A.G. (1973) Modern Aspects of Inorganic Chemistry, 
4th ed. (Complexes of Transition Metals: Chapter 17, Electronic Spectra), 
Routledge and Kegan Paul, London. 

Figgis, B.N. (1966) Introduction to Ligand Fields, John Wiley, London. (UV 
spectra of hydrated transition metal ions. Chapter 7 gives an account of the 
splitting of spectroscopic terms. Suitable for advanced readers.) 

Gerloch, M. (1986) Orbitals, Terms and States, John Wiley. Chichester. (A more 
basic approach.) 

Herzberg, G. (1966) Molecular Spectra and Molecular Structure, Vol Il, 
Electronic spectra and electronic structure of polyatomic molecules, Van 
Nostrand Reinhold, London. 

Hyde, K.E. (1975) Methods for obtaining Russell-Saunders term symbols from 
electronic configurations, J. Chem. Ed., 52, 87-89. 

Jotham, R.W. (1975) Why do energy levels repel one another? J. Chem. Ed., 52, 
377-378. 

Lever, A.B.P. (1964) Inorganic Electronic Spectroscopy, Elsevier, Amsterdam. 
(Up-to-date and comprehensive, and a good source of spectral data.) 

McClure, D.S. and Stephens, P.J. (1971) Electronic Spectra of Coordination 
Compounds in Coordination Chemistry (ed. Martell, A.E.), Van Nostrand 
Reinhold. 

Nicholls, D. (1974) Complexes and First Row Transition Elements, Macmillan, 
London. (Chapter 6 gives a good and readable explanation of electronic spectra 
of transition-metal complexes.) 

Orgel, L.E. (1955) J. Chem. Phys., 23, 1004. (Original paper using Orgel 
diagrams.) 

Richards, W.G. and Scott, P.R. (1976) Structure and Spectra of Atoms, John 
Wiley, London. (A more basic approach, particularly Chapters 3 and 4.) 

ups D. (1968) Electronic Spectra of Transition Metal Complexes, McGraw Hill, 

ndon. 

Tanabe, Y. and Sugano. S. (1954) Semiquantitative energy-level diagrams for 
octahedral symmetry, J. Phys. Soc. Japan, 9, 753-766. (Original paper on 
Tanabe- Sugano diagrams.) 

Urch, D.S. (1970) Orbitals and Symmetry, Penguin, Harmondsworth. 

Vicente, J. (1983) A simple method for obtaining Russell- Saunders term symbols. 
J. Chem. Ed., 60, 560-561. 


An alternative approach to spectra is through Group Theory. This is a 
mathematical approach, which some may find particularly difficult: 


Atkins, P.W., Child, M.S. and Phillips, C.S.G. (1970) Tables for Group Theory, 
Oxford University Press, London. 

Ballhausen, C.J. (1962) Introduction to Ligand Field Theory, McGraw Hill. 
Cotton, F.A. (1970) Chemical Applications of Group Theory, 2nd ed.. Inter- 
science, New York and Wiley, Chichester (An excellent introductory text.) 
Davidson, G. (1971) Introductory Group Theory for Chemists, Applied Science 

Publishers Ltd., Barking. (An excellent and readable introductory text.) 


PROBLEMS 


-J [n] 


PROBLEMS 


1. Electronic transitions of the d-d type displayed in spectra of octahedral 
transition metal complexes should be forbidden by the Laporte 
selection rule. Why are moderately strong spectra actually observed? 


2. Why do tetrahedral complexes of an element give much more intense 
` d-d spectra than its octahedral complexes? 


Abundance of the elements APPENDIX 
in the earth’s crust A 


Name Symbol Abundance* Name Symbol Abundance 

1 Oxygen o 455000 40 Samarium Sm 7.0 

2 Silicon Si 272000 41 Gadolinium Gd 6.1 

3 Aluminium Al 83000 42  Dysproium Dy 45 

4 Iron Fe 62000 43 Erbium Er 3.5 

=) Calcium Ca 46600 44 Ytterbium Yb 3.1 

6 Magnesium Mg 27640 45 Hafnium Hf 2.8 

7 Sodium Na 227700 46  Caesium Cs 2.6 

8 Potassium K 18400 47  Bromine Br 2.5 

9 Titanium Ti 6320 48 Uranium U 23 
10 Hydrogen H 1520 49- Tin Sn 21 

Il Phosphorus P 1120 49= Europium Eu 21 
12 Manganese Mn 1060 51 Beryllium Be 2.0 
13 Fluorine F 544 52 Arsenic As 1.8 
14 Barium Ba 390 53 Tantalum Ta 17 
15 Strontium Sr 384 54 Germanium Ge 1.5 
16 Sulphur S 340 55 Holmium Ho 13 
17 Carbon G 180 = Molybdenum Mo NET 
18 Zirconium Zr 162 = Tungsten w 1.2 
19 Vanadium V 136 = Terbium Tb 1.2 
20 Chlorine ce 126 59  Lutetium Lu 0.8 
21 Chromium Cr 122 60 Thallium TI 0.7 
22 Nickel Ni 99 61  Thulium Tm 0.5 
23 Rubidium Rb 78 62 Iodine I 0.46 
24 Zinc Zn 76 63 Indium In 0.24 
25 Copper Cu 68 64 Antimony Sb 0.20 
26 Cerium Ce 66 65 Cadmium Cd 0.16 
27 Neodymium Nd 40 66 = ‘Silver Ag 0.08 
28 Lanthanum La 35 66= Mercury Hg 0.08 
29 Yttrium Y 31 68 Selenium Se 0.05 
30 Cobalt Co 29 69 Palladium Pd 0.015 
31 Scandium Sc 25 70 Platinum Pt 0.01 
32 Niobium Nb 20 71 Bismuth Bi 0.008 
33- Nitrogen N 19 72 Osmium Os 0.005 
33- Gallium Ga 19 73 Gold Au 0.004 
35 Lithium Li 18 74 = Iridium Ir 0.001 
36 Lead Pb 13 74- Tellurium Te 0.001 
37 Praseodymium Pr 9.1 76 Rhenium Re 0.0007 
38 Boron B 9.0 = Ruthenium Ru 0.0001 
39 Thorium Th 81 - Rhodium Rh 0.0001 


* Units are ppm of the earth's crust, which is the same as g/tonne. Values mainly from 
Geochemistry by W.S. Fyfe, Oxford University Press,.1974, with some newer data. 


F Melting points of the elements 
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C Boiling points of the elements 
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Electronic structures of 
the elements 


Element Symbol Structure 
Hydrogen H Is! 
Helium He Is* 
Lithium Li [He] 2s! 
Beryllium Be [He] 2s 
Boron B [He] 2s? 2p) 
Carbon C [He] 257 2p- 
Nitrogen N [He] 2s" 2p. 
Oxygen o [He] 25 2, y 
Fluorine F [He] 2s; 2p 
Neon Ne [He] 2? 2p" 
Sodium Na [Ne] 3s! 
Magnesium Mg [Ne] 35 
Aluminium Al [Ne] 3s? 3p' 
Silicon Si [Ne] 3s; 3p 
Phosphorus P [Ne] 35. 3 D 
Sulphur S [Ne] 3 3p? 
Chlorine [a] [Ne] 39. 3p* 
Argon Ar [Ne] 3. 3p^ 
Potassium K [Ar] 4s! 
Calcium Ca [Ar] 4s- 
Scandium Sc [Ar] 3d! 4s 
Titanium Ti [Ar] 3d? 4s? 
Vanadium M [Ar] 3d? 4s 
Chromium Cr [Ar] 3d° 4s! 
Manganese Mn [Ar] 34^. 4s 
Iron Fe Ar] 3d° 4s? 
Cobalt Co [Ar] 34? 4s 
Nickel Ni [Ar] 34" 4s 
Copper Cu [Ar] 3d" 4s! 
Zinc Zn [Ar] 3d!" 4s 
Gallium Ga [Ar] 3d" 4s? 4p! 
Germanium Ge [Ar] 3d" 4. 4p 


r 
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Z Element Symbol Structure 
33 Arsenic As 10 462 a 
34 Selenium Se I M i T, 
35 Bromine Br [Ar] 3d! A Ae 
36 Krypton Kr [Ar] 3d!" 4g? ap 
37 Rubidium Rb [Kr] 5s! 

38 Strontium Sr [Kr] 592 

39 Yttrium S [Kr] 4d' sg 

40 Zirconium Zr [Kr] 4d? Sg 

4l Niobium Nb [Kr] 4d* 5s! 

42 Molybdenum Mo [Kr] 4d° 5s! 

43 Technetium Tc [Kr] 4d° sg? 

Tc [Kr] 4d° 5s! 

44 Ruthenium Ru [Kr] 4d’ 5s! 

45 Rhodium Rh Kr] 4d". 5s! 

46 Palladium Pd [Kr] 4d" 55" 

47 Silver Ag [Kr] 4d" 5s! 

48 Cadmium Cd [Kr] 4d 5s? 

49 Indium In [Kr] 4d" 5s? 5p! 
50 Tin Sn [Kr] 4d' Sg! Sp? 
51 Antimony Sb [Kr] 44 52. Sp* 
52 Tellurium Te [Kr] 44" 5s? Sp* 
53 lodine l [Kr] 4d" Ss? Sp* 
54 Xenon Xe [Kr] 44" 5 Sp° 
55 Caesium Cs [Xe] 6s! 

56 Barium Ba [Xe] 6s? 

57 Lanthanum La [Xe] Sd! 6s? 

58 Cerium Ce [Xe] 4f! Sd! 6s? 
59 Praseodymium Pr [Xe] 4f? 5d" 6s 
60 Neodymium Nd [Xe] 4f 54" 6s? 
6l Promethium Pm [Xe] 4/^. 5d" 6g 
62 Samarium Sm [Xe] 4^. 5d” 6s? 
63 Europium Eu [Xe] 4f7 Sd” 6s? 
64 Gadolinium Gd Xe] 4f7 Sd! 6s? 
65 Terbium Tb [Xe] 4f? 54" 6s 
66 Dysprosium Dy Xe] 4f" Sd! 6s 
67 Holmium Ho [Xe] 4f!! Sd" Gs" 
68 Erbium Er [Xe] 4f? Sd? 6 
69 Thulium Tm [Xe] 4/^ 5d" 69° 
70 Ytterbium Yb [Xe] 4/"* 5d" &* 
D Lutetium Lu [Xe] 4f" Sd' 6 
p» Hafnium Hf [Xe] 4f? Sd? 6s 
73 Tantalum Ta [Xe] Af" Sd? 6s" 
74 Tungsten Ww [Xe] af"? 5d? bs" 
75 Rhenium Re [Xe] 4f 54^ 6 
76 Osmium Os [Xe] 4f" Sd° 6s 
77 Iridium Ir [Xe] 4f" 547 fs 
78 Platinum Pt [Xe] 4/* Sd” 6s 
79 Gold Au [Xe] 4f Sd" 6s! 
80 Mercury Hg [Xe] 4 Sd!" 6c 
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Z Element Symbol Structure 
8i Thallium mn Xe} 4/* Sd" 6v Gp! 
82 Lead Pb Xe} y" Sd" Gs? Op? 
83 Bismuth Bi Xe] 4y" Sd" 6s? ep? 
M Polonium Po Xe] af" LPS 4 
85 Astatine ^t MELLE 
B^ Radon Rn Xe 4" sd” 6c 6p” 
Lr Francium Fr Raj 7s! 
NN Radium Ra Ro] 7s 
59 Actinium Ac Rn 64 08 
LU Thorium Th Ro wP 7° 
9l Protactinium Pa Ral sf? bd! 7e 
D Uranium U Raj S 6d! 7e 
93 Neptunium Np Rn| Sf? ed! 7e 
94 Plutonium Pu Rn| ^ ef^ 7e 
95 Americium Am Rn| Sf? 6d" 78 
96 Curium Cm Rn] Sf? 6d! 7s 
91 Berkelium E. Ra} Sf" (f^ 75 

Bk Kn] Sf" 6d! 7s 
oR Californium cet Rn ju òd” 7s 
9 Einsteinium Es Rn] Sf!! 6d 7s 
100 Fermium Fm Ral Sf" 6d" 7s 
101 Mendelevium Md Raf Sj! 6d" 7s 
102 Nobelium No Ra] S/* 6d" 7s 
103 Lawrencium Lr Rol Sf" 6d' 7s 
1 Rutherfordium Rí Rn| S" (P^ 7 
105 Hahnium . Ha Rol 5/" 6d" 7s 


Some average single bond 
energies (kJ mol” ') 


HOO 297 38 4M SHS X9 do M8 Wo ON) dis S 
c 23% 276 330 439 2599 Ii 260 W3 209 M7 
Si 23 w9 30 $9 26 X8 2mm - 6 

N ^| x 22 - 0 22 1$ 

P 23 222 39 4m 230 358 20 

[0] 201 = 25 IM - IE 

s 213 25] 2M. 213 

F 255 IM | 

cl x9 A7? W3 3 
Br 180 193 

l 


151 


Indicates value estimated using electronegativity difference, 


Some double and triple bond energies (KJ mol!) 
a 


el [e RM 
615 CEN » 
740 C=O 4071 
AIR NaN 
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Solubilities of main group 
compounds in water 


Se 


F- Clea Bree. 17 OH- NO; CO} SO} HCO; 

NHj vs 37 75 172 192 12 75 

Ei*-- 0:27. 283 177 165 12.8 70 1.33 35 

Na* 40 36 91 179 109 87 21 19.4 9.6 
Kt 95 34.7 67 144 112 31.6 112 Wt 22.4 
Rb* 131 91 0 — 152 177 53 450 48 

Cs 30 086 08 7 033) 25 vw 179 

Be* vs vs s dec ss 107 39 

Mg" 0.008 54.2 102 148 0.0009 70 ss 33 

Cat 0.0016 74.5 142 X9 0.156 129 ss 0.21 

Sr? (012 53.8 100 178 0.80 71 SS 0.013 

Bart 042 36 104 205 3.9 BT ese 0.00024 
AI" (55. 70dec dee dee — ss 63 38 

Ga"? 0.002. vs E dec ss vs 

In 004. vs vs — de s 

T 7&6 0.33 0.05 — 0.0006. 25.9" 9.58 4.0" s 

Tt dec vs s s s 3.87 

Ge" s dec dec s 

Gel® dec — dec dec — dec 

Speed 270 dee" s 0.98 ss dec aM 

Sn" ws dec dec — dec 

Pb! (064 0.99 0.844 (0.063. 0.016 — 55 — (00011. ss 

Ph“ dec 

Ast dec — dec dee 640 

s 

Sb" dec — dec dec — dec dec ss 

b dec 

Bi" oss dec dec ss 0.00014. dec dec 


Solubilities in gr 
indicated. vs — very 
a= ar U C; b = at IS C; 


ns of water at 20°C unless otherwise 
= slightly soluble; dec = decomposes: 
t IS Cid = at 25°C. 


Atomic weights based on wmv 
^C = 12.000 H 


Element Atomic weight Element Atomic weight 
Actinium 227 Holmium 164.93 
Aluminium 26.982 Hydrogen 1.00797 
Americium (243) Indium 114.82 
Antimony 121.75 Todine 126.904 
Argon 39.948 Iridium 192.2 
Arsenic 74.922 Iron 55.847 
Astatine (210) Krypton 83.80 
Barium 137.34 Lanthanum 138.91 
Berkelium (249) Lead 207.19 
Beryllium 9.102 Lithium 6.939 
Bismuth 208.98 Lutetium 174.97 
Boron 10.811 Magnesium 24.312 
Bromine 79.909 Manganese 54.938 
Cadmium 112.40 Mendelevium (256) 
Caesium 132.905 Mercury 200.59 
Calcium 40,08 Molybdenum 95:94 
Californium (251) Neodymium 144.24 
Carbon 12.01115 Neon 20.183 
Cerium 140.12 Neptunium (237) 
Chlorine 35.453 Nickel 58.71 
Chromium 51,996 Niobium 92.91 
Cobalt 58.933 Nitrogen 14.0067 
Copper 63.54 Nobelium (254) 
Curium (247) Osmium 190.2 
Dysprosium 162.50 Oxygen 15.9994 
Einsteinium (254) Palladium 106.4 
Erbium 167.26 Phosphorus 30,9738 
Europium 151.96 Platinum 195.09 
Fermium (253) Plutonium (242) 
Fluorine 18.993 Polonium (210) 
Francium (223) Potassium 39.102 
Gadolinium 157.25 Praseodymium 140.91 
Gallium 69.72 Promethium (147) 
Germanium 72.59 Protactinium (231) 
Gold 196.967 Radium (226) 
Hafnium 178.49 Radon (222) 


Helium 4.003 Rhenium 186.22 
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Element Atomic weight Element Atomic weight 
Rhodium 102.91 Terbium 153.92 
Rubidium 85.47 Thallium 204.37 
Ruthenium 101.07 Thorium 232.04 
Samarium 150.35 Thulium 168.93 
Scandium 44.96 Tin 118.69 
Selenium 78.96 Titanium 47.90 
Silicon 28.086 Tungsten 183.85 
Silver 107.870 Uranium 238.03 
Sodium 22.9898 Vanadium 
Strontium 87.62 Xenon 
Sulphur 32.064 Ytterbium 
Tantalum 180.95 Yttrium 
Technetium (99) Zinc 
Tellurium 127.60 Zirconium 


——————————————————— 


Values in parentheses are for the most stable isotope. 


Values of some fundamental 


physical constants 


Planck's constant h = 6.6262 x 107™Js 

mass of electron m = 9.1091 x 107? kg 

charge on electron e = 1.60210 x 107 C 

permittivity of a vacuum ty = 8.854 185 x 107? kg7! m A? 
permeability of a vacuum uo = 4x X 10-7 kgms ^ A77 
velocity of light in a vacuum c = 2.997925 x l0 ms! 
Avogadro constant N° = 6.022045 x 10° mol”! 
Boltzmann constant k = 1.3805 x 107? J K^' 

Bohr magneton uy = 9.2732 x 107A m = JT! 


magnetic moment and dipole moment p units are Am? = fT! 
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Electrical resistivity of the 
elements at the stated 
temperature 


Element Symbol Temp Resistivity Element Symbol Temp Resistivity 
(°C) (uohmcm) (C) (gohmcm) 
Silver Ag 20 1.59 Vanadium V 20 25 
Copper Cu 20 1.673 Gallium* Ga 20 27 
Gold Au 20 2.35 Ytterbium Yb 25 39 
Aluminium Al 20 Uranium U 20 30 
Calcium Ca 20 Arsenic a As 20 33.3 
Beryllium Be 20 Hafnium Hf 25 35.1 
Sodium Na 0 Zirconium Zr 20 40 
Magnesium Mg 20 Antimony a Sb 20 41.7 
Rhodium Rh 20 Titanium Ti 20 42 
Molybdenum Mo 0 Barium Ba 20 50 
Iridium Ir 20 Yttrium Y 25 57 
Tungsten w 27 Dysprosium Dy 25 57 
Lanthanum La RY Scandium Sc 22 6l 
Zinc Zn 20 Neodymium Nd 25 [2] 
Potassium K 0 Praseodymium Pr 25 68 
Cobalt Co W Cerium Ce 25 75 
Cadmium Cd 0 Thuliym Tm 2s 79 
Nickel Ni 20 Lutetium Lu 25 79 
Ruthenium Ru 0 Holmium Ho 25 87 
Indium In 20 Samarium 5m Ex RR 
Lithium Li wW Europium Eu 25 90 
Osmium Os 20 Mercury Heg 20 95.8 
Iron Fe x Erbium Er 25. 17 
Platinum Pt 20 Bismuth a Bi 20 120 
Pd W Gadolinium Gd 25 140.5 
Sn 0 Plutonium Pu 107 L4 
Tantalum Ta 25 Manganese a Mn 23 185 
Rubidium Rb 20 Tellurium Te B5 xr 
Niobium Nb 0 Germanium Ge B 47 x 0" 
Chromium Cr 0 Silicon Si 0 48x 1 
Thorium Th 0 Boron B 207 4.7% 10" 
Thallium Ti 0 lodine 1 30. 13x 10" 
Rhenium Re 20 Selenium Se WO 2x10" 
Caesium Cs 20 Phosphorus # P n qoc 
Lead Pb 20 Carbon ic 20 St x 10" 
Stron Sr 20 Sulphur S 20 2x 10° 


Resistivity of Ga is S2. 17.5 or 55.3 pohm em depending on direction 


# White phosphorus 


Top fifty chemicals in the 


USA, 1994 


ee 


Position Chemical 
1 Sulphuric acid 
2 Nitrogen 
3 Oxygen 
4 Ethylene 
5 Lime 
6 Ammonia 
7 Propylene 
8 Sodium hydroxide 
9 Phosphoric acid 
10 Chlorine 
1 Sodium carbonate 
12 Ethylene dichloride 
13 Nitric acid 
14 Ammonium nitrate 
15 Urea 
16 Vinyl chloride 
17 Benzene 
18 Methyl t-butyl ether 
19 Ethyl benzene 
20 Styrene 
21 Carbon dioxide 
22 Methanol 
23 Xylene 
24 Terephthalic acid 
25 Formaldehyde 
26 Ethylene oxide 
27 Toluene 
28 Hydrochloric acid 
29 p-Xylene 
30 Ethylene glycol 
31 Cumene 
32 Ammonium sulphate 
34 Phenol 
34 Acetic acid 
35 Propylene oxide 
36 Butadiene 
37 Carbon black 


Billion Ib/year 


89.20 
67.54 
49.67 
48.52 


Million tons/year 


PN ON 9o 
ia ino odo bL b h 


octet See 
ja lroiooíno 0 
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Position Chemical Billion Ib/year Million tons/year 
38 Potash 3.14 1.6 
39 Acrylonitrile 3.08 1.5 
40 Vinyl acetate 3.02 1.5 
41 Acetone 2.77 1.4 
42 Titanium dioxide 2.74 1.4 
43 Aluminium sulphate 2.30 1.2 
A Sodium silicate 2.13 1.1 
45 Cyclohexane 2.11 1.1 
46 Adipic acid 1.80 0.9 
47 Caprolactam 1.68 0.8 
48 Bisphenol A 1.48 0.7 
49 n-Butyl alcohol 1.45 0.7 
50 Isopropyl alcohol 1.39 0.7 


Inorganic chemicals are shown in bold type. Data are reproduced from Chemical & 
Engineering News, page 39, 26 June issue, 1995. These figures are updated annually 
and published under Facts and Figures in June/July. 
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Inorganic chemicals 
manufactured in large 
tonnages (worldwide) 


Chemical Million tonnes/year Chemical Million tonnes/year 
Cement 1396 (Polystyrene) 9:9 
Cast iron and steel 117 Bentonite 9.2 
Coke 390 Mn 9 
NaCl 183.5 Talc 8.4 
H,SO, 145.5 Soap 74 
CaO 127.9 Zn 73 
NH; 110 Pb 53 
O; 100. CaC; 4.9 
CaSO, 88.2 BaSO, 4.9 
Na 60 Carbon black 4.5 
S 57 Na;SO, 43 
Ch 35.3 Fuller's earth 4.2 
NaOH 38.7 TiO; 4.1 
CO(NH;); 35 Al(SO.); 3.7 
Phosphates 34 CaF, 3.6 
(based on P;O;. content) Ferrosilicon 3.5 
Glass 33.4 Ferromanganese 3.4 
Na;CO; 31.5 Cr 3.3 
HNO, 24.7 Ferrochrome 3.1 
(Polythene) 24.6 Asbestos 2.8 
Potassium salts 24.5 Soluble silicates 2.6 
(based on K20 content) (in terms of SiO; content) 
Al 24.4 Explosives 2.5 
Kaolin 22.5 Na;B40; 23 
(Polyvinyl chloride) 14.9 Kieselguhr 2 
Chalk 14.2 HF US 
Tin plate 14 CaNCN 1 
HCI 12.3 B 1 
(Polypropylene) 12 H;0; 1 
Cu 11 Si >l 
MgCO; 10.8 Na,SO3 >1 
CO; 10 


in ma 


Organic compounds in parentheses. 
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Chemical Tonnes/year Chemical Tonnes/year 
NaOCI 950000 AICI, 50000 
Natural graphite 930000 Lanthanides 47900 
Zircon/baddeleyte 918000 (based on Ln,O, content) 
NaHCO, 900000 As,O; 47000 
Active charcoal 864 200 Organotin 40000 
Ni 850000 w 39000 
Ar 700000 U 34400 
PbO/Pb (‘black oxide") 700000 Co 30100 
Sodium peroxoborate 700000 Y: 28400 
Ferronickel 596000 Cd 20700 
Vermiculite 500000 PCl; 20000 
Brz 370000 NH, 20000 
ZnO 366500 He 18800 
Mg 303000 PbO, 18000 
SiC 300000 L 17500 
Silicones 300000 Nb 15200 
HCN 300000 Ag 13818 
Strontium compounds 283100 Lithium salts 8900 

280400 (based on Li content) 
PbO (litharge) 250000 La 5000 
PCl, 250000 Bi 3600 
P,Si0 250000 Hg 3200 
Mica 214000 BF; 3000 
H,BO, 211000 Au 2134 
Sn 177000 Se 1670 
Ca(OCI); 150000 Ca 1000 
PbEt, 150000 n-Butyl lithium 1000 
Mo 129000 Ta 600 
CuSO, 123956 Th compounds 500 
NaCN 120000 Boron 300 
Garnet 106099 Pt group metals 281 
Freons 100000 Te 152 
Sb 84000 In 145 
Na 80000 Ge 50 
Na,Cr,0, 69300 Re 32 
Li;CO, 50000 Ga 28 
Ti 50000 Diamonds 19.68 
m 14.5 


Minerals used in 


large amounts 


Mineral 


Coal 

Crude oil 

Iron ore 

Sodium chloride 


Phosphate rock 


Limestone 
Bauxite 
Gypsum 


Sulphur 

Sodium carbonate 
Potassium compounds 
(sylvite, sylvinite, carnallite) 
Pyrolusite 

Kaolin 


Chalk 

Magnesite 
Copper ores 
Bentonite 

Talc 

Ilmenite and rutile 
Zinc ores 
Barytes 

Fullers earth 
Sodium sulphate 
Fluorite 
Chromite 


Galena 


Asbestos 


i aaaaaaaaaaaaaaaaaaaaaaMlMlMlMli 


Million 
tonnes/year 


4530 

3034 
959 
183.5 


145 


127.9 
108.6 
88.2 


54.1 
31.5 
24.5 


22.7 
PASST 


14.2 
10.8 
9.3 
9.2 
8.4 


Uses 


Energy, chemicals, coke 

Energy, petrochemicals 

Iron, steel and ferrous alloys 
Chlor-alkali industry, NaOH, Cl, 
Na;CO;, HCI 

Fertilizers, detergents, water 
treatment, phosphorus, H;PO, 
CaCO;, CaO, Ca(OH);, CaC;, Ca 
Al, Al,O3, A(OH)s, Ab(SO;)s 
Used in plasterboard, plaster, 
cement retarder 

Sulphuric acid manufacture 
Cleaning products 

Fertilizers, KOH, KO2, K 


Mn alloys, MnO;, paint driers 
Ceramics (porcelain), paint, filling 
paper, roofing, plastics filler 
Filler 

Mg and its compounds 

Cu 

Drilling mud, thixotropic paint 
Ceramics, paint, paper, roofing, 
plastics, cosmetics 

TiO; pigments (paint, paper, 
plastics, rubber), and Ti (jet 
engines, space, missiles) 

Zn alloys and rustproofing 

Slurry used for oil/gas drilling, Ba 
compounds, fillers, pigments 
Absorbent, and used to decolorize 
and deodorize mineral and 
vegetable fats/oils 

Paper, glass, detergents 

HF, AIF;, Nas[AIF,], Fz, organic 
fluorides 

Chromates, dichromates, ceramics, 
pigments, chromium 

Pb batteries, Pb sheet, solder, 
bearings 

Heat-resistant material, filler, 
reinforced cement, roofing sheets 
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Mineral Million Uses 

tonnes/year 

Kieselguhr SiO; 2.0 Inert filler, filtration plants, abrasive 

Borates 1.0 Borax, boric acid, perborates, glazes 

Graphite 0.93 Refractories, brake linings, lubricants, 
pencils, moulds and used in reactors 

Zircon/baddeleyite 0.87 Zr (cladding for nuclear fuel rods) 

Nickel ores 0.66 Ni and alloys 

Sodium nitrate 0.55 Fertilizers, explosives 

Vermiculite 0.5 Packing and artificial soil 

Bromine compounds 0.37 Bromides, agricultural chemicals 

(sea water) 

Cobalt ores 0.31 Alloys 

Mica 0.21 Cement, paint, roofing, electrical 
insulation, filler 

Cassiterite 0.18 Sn 

Strontianite 0.17 Sr compounds 

Molybdenite 0.13 Alloys, MnO 

Garnets 0.106 Sandpaper, gemstone 

Monazite/bastnaesite 0.08 Lanthanide and thorium compounds 

Uranium ores 0.034 Nuclear power and weapons 

Iodine compounds 0.017 Pharmaceuticals, photography, iodates, 
iodides, iodine, animal feed supplements, 
catalysts, inks, 

Li minerals 0.009 Li,CO; (Al production), Li stearate 

(spodumene/lepidolite) (greases), LiOH, ceramics/glass 

Beryl 0.005 Be 


eee 


Hardness of minerals — 
Mohs' scale 


Sometimes rocks are called soft because individual particles, which may 
be quite hard in themselves, are loosely held as an aggregate and fall apart 
fairly readily. The hardness of a mineral is something quite different and 
refers to the resistance of the whole surface to be scratched. 

More than a century ago a mineralogist called Friedrich Mohs devised a 
scale of hardness called after him. He arbitrarily assigned tale (the softest 
known mineral) a hardness of 1, and diamond, (the hardest known 
mineral) a value of 10. The scale is arbitrary and does not indicate any 
exact hardness. Thus a mineral of hardness 6 can scratch those below it in 
the scale but it, does not imply that it is twice as hard as a mineral of 
hardness 3. Two minerals of the same hardness will both scratch each 
other. There is a very large difference between 9 and 10 on the scale. 


Table N.1 Mohs' scale of hardness 


—— 


Mohs’ scale Mineral 


Diamond 
Corundum 
Topaz 
Quartz 
Microcline 
Apatite 
Fluorite 
Calcite 
Gypsum 
Tale 


OEE 


1 


— tU) 4 UO occ 


Common objects such as a fingernail. a copper coin, a knife blade or a 
metal file can also be used as test instruments. It may be convenient to use 
these to test samples for hardness quickly and easily when out in the field. 
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Table N.2 Tools for hardness testing 


ee 


Mohs’ scale Tool 

6.5 Steel nail file 

55. Penknife blade 
or window glass 

3.5 Copper coin 

2.5 Fingernail 


——— 


Minerals of hardness below 6.5 can be scratched by a nail-file, those under 
5.5 are scratched.by a penknife, those under 3.5 are scratched by a copper 
coin and those under 2.5 are scratched by a fingernail and will leave a mark 
on paper. Conversely minerals over 5.5 will scratch glass. 


Standard textbooks 


FURTHER READING 


In addition to the further reading lists given at the end of each chapter, 
further information or a different treatment may be found in the following. 


Advanced and reference 


Bailar, J.C., Eméleus, H.J., Nyholm, R.S. and Trotman-Dickinson, A.F. (eds) 
Comprehensive Inorganic Chemistry, (5 vols), Pergamon; 1973. (A collection of 
reviews systematically covering the elements with a few special topics. Slightly 
dated, it still provides much detailed information and many earlier references.) 

Cotton, F.A. and Wilkinson, G.. Advanced Inorganic Chemistry, Sth ed., John 
Wiley, 1988. (A comprehensive research level text by the well-known Nobel 
laureate. It contains extensive up-to-date references to the original literature.) 

Eméleus, H.J., gen. ed., MTP International Review of Science, (10 vols), Butter- 
worths, 1975. Individual volumes are edited by Lappert, M.F., Sowerby, D.B., 
Gutmann, V., Aylett, B.J., Sharp, D.W.A., Mays, M., Bagnall, K.W., 
Maddock, A.G., Tobe, M.L. and Roberts, L.E.J. (Like Comprehensive 
Inorganic Chemistry it collects reviews systematically covering the elements with 
a few special topics. It too is slightly dated but still provides much detailed infor- 
mation and many earlier references.) 

Greenwood. N.N. and Earnshaw, A., Chemistry of the Elements, Pergamon. 1984. 
(A large and comprehensive advanced text for undergraduates and post- 
graduates. Best in its class, it provides an excellent treatment of systematic 
inorganic chemistry including both theoretical and practical aspects and many 
up-to-date references to the literature.) — 

Kirk, R.E. and Othmer, D.F. (eds). Encyclopedia of Chemical Technology. 
3rd. ed.. (26 vols). Wiley, 1984. (A comprehensive treatment of the chemicals 
used in the chemical industry. how they are made and what they are used for.) 


Other general university-level texts 


Burns, D.T., Carter, A.H. and Townshend, A., Inorganic „Reaction Chemistry: 
Reactions of the Elements and Their Compounds, (Ellis Horwood Series in 
Analytical Chemistry), Halsted Press, 1981. f 

Cotton. F.A.. Gaus, P.L. and Wilkinson. G., Basic Inorganic Chemistry. 2nd ed.. 


John Wiley, 1986. 
Douglas, B: McDaniel. D.H. and Alexander. J.J., Concepts and Models of 


Inorganic Chemistry, 2nd ed.. John Wiley & Sons, 1983. 
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Jolly, W.L., Principles of Inorganic Chemistry, McGraw-Hill, 1985. 

Mackay, K. and Mackay, A., Introduction to Modern Inorganic Chemistry. 4th ed. , 
Prentice Hall, 1989. 

Massey, A.G., Main Group Chemistry, Ellis Horwood, 1990. 

Mortimer, C.E., Chemistry, 6th ed., Wadsworth, 1986. 

Sharpe, A.G., Inorganic Chemistry, 2nd ed., John Wiley. 1987. 

Shriver, D.F., Atkins, P.W. and Langford, C.H.. Inorganic Chemistry, Oxford 
University Press, 1990. 


Bioinorganic chemistry 


Bioinorganic Chemistry, Journal of Chemical Education, 1986. (ISBN 0-910362- 
25-4). " 

Hay, R.W., Bio-Inorganic Chemistry, (Ellis Horwood Series in Chemical Science), 
Halsted Press, 1984. 

Hughes, M.N., The Inorganic Chemistry of Biological Processes. 2nd ed., John 
Wiley, 1981. 


Index 


Page numbers in bold refer to the most important reference for the entry. 


Absorbance 951 

Abundance of gases in dry air 470 

Abundance of elements 178, 
Appendix A 


Acetaldehyde (ethanal), manufacture of 


803, 810, 851 
Acetone, manufacture of 810 
Acetylene, see Ethyne 
Acids and bases, theories of 256, 257, 
258, 260-68 
Arrhenius theory 258 
Bronsted-Lowry theory 262-64 
hard and soft 267-68 
in proton solvents 260-62 
Lewis theory 265 
Lux-Flood theory 267 
pH scale 261-62 
Usanovich theory 267 
Acid rain 245, 538-39 
Actinides 879-902 
americium 895-96 
availability of isotopes 887 
comparison with lanthanides 880 
electronic structure 879 
Fermi, E. 890, 920, 922 
further extension of the periodic 
table 898-900 
general properties 886-87 
later actinides 896-98 
Maddock, A.G. 889 
main isotopes and their sources 885 
Manhattan project 890, 920 
neptunium 895-96 
decay series 915-16 


nomenclature for the superheavy 
elements 898-99 
nuclear fission 891-93, 918-20 
occurrence and preparation 882-86 
oxidation states 881—82 
physical properties 887 
plutonium 895-96 
position in the periodic table 879-80 
protactinium 889-90 
superheavy elements 
half lives 899 
nomenclature 898-99 
thorium 887-89 
decay series 915-16 
monazite sand 679, 862-63, 883, 
887-88 
thorite 883 
uranium 890-95 
carnotite 697, 891 
chemical properties 893 
decay series 915, 916 
extraction 891 
fission 891-93, 918-20 
fluorides 586, 599 
halides 894-95 
hydrides 893-94 
occurrence 891 
oxides 894 
pitchblende 883, 891 
uraninite 891 
uranyl nitrate 894 
Actinium 679, 680 
decay series 915, 916 
see also Scandium group 
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Activation analysis 933 
Adipic acid 506, 698 
Alkali metals, see Group 1 
Alkaline earth metals, see Group 2 
Alkyl chlorosilanes 447-51 
Alloys 132-40 
Hume-Rothery rules 135-40 
interstitial 132-35 
substitutional 135-40 
superconducting 141 
types 132 
Allred and Rochow electronegativity 
162-63 
Alnico 784, 802 
Alpha radiation 913-15 
Aluminium 
alkyl catalysts 397-98 
alumina 381-82 
aluminates 291, 382-83 
alums 194, 372, 723, 770 
amphoteric behaviour 382-83 
bauxite 360 
boiling point 360 
carbide 417 
cement 373 
chloride 387-88 
complexes 389 
cryolite 362, 586 
electronegativity value 367 
electronic structure 359 
ethyl 397-98 
extraction and uses 362-63 
fluoride 362, 586, 599 
Friedel-Crafts reaction 386 
Hall-Héroult process (Al) 362-63 
ionic radii 367 
ionization energy 149, 369-70 
lithium aluminium hydride 297. 
384-85 
melting point 366 
metallic radii 137. 367 
organometallic compounds 397-98 
occurrence and abundance 360 
oxide 381-82 
reactions of 370-72 
standard reduction potentials 167. 
368-69 
sulphate 372 
uses 363 
see also Group 13 
Aluminates 291. 382-83 


Alums 194, 372, 723, 770 
Americium, see Actinides 
Ammonia 479-80, 492-94 
bonding 34 
cyanamide process 492 
detection 479 
liquid 263-64, 302-03, 335, 486-87 
production by Haber—Bosch process 
242, 243, 244, 491, 492-94 
-soda process 323 
structure 73, 77, 81 
Ammonium ion 35 
dichromate 722 
nitrate 499 
perchlorate 619 
pertechnate 735 
salts 480 
Amphiboles 438-39 
Andrussow process (HCN) 453 
Angular part of wave function 17-9 
Aniline 506 
Antimony 
allotropic forms 475-76 
boiling point 472 
covalent radius 475 
electronegativity 475 
electronic structure 468 
halides 494-98 
hydride 481 
ionization energy 475 
melting point 472 
occurrence, extraction and uses 
471-72 
oxide ion SbO* 495 
oxides 508-11 
standard reduction potentials 167, 490 
see also Group 15 
Anti-neutrino 910 
Applications of radioisotopes 932-34 
Aragonite 426 
Argon, see Group 18 
Arrangement of the elements in groups 
25-7 
Arrhenius theory of acids 258 
Arsenic 
allotropic forms 475-76 
boiling point 472 
covalent radius 475 
eiectronegativity 475 
electronic structure 468 
halides 494-98 
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hydride 481 
ionization energy 475 
melting point 472 
occurrence, extraction and uses 
471-72 
oxides 508-11 
standard reduction potentials 167, 490 
see also Group 15 
Arsine 481 
Asbestos 319, 438-39 
Astatine 583, 590 
Atomic 
bomb 892 
number 1, 905 
orbitals 13-21 
orbitals and quantum numbers 15 
size 905 
structure 1, 2 
Atomic spectra 2-10 
Balmer series 2, 8-9 
Brackett series 2, 3, 8-9 
Humphries series 2, 8-9 
Lyman series 2, 8-9 
Paschen series 2, 3, 8-9 
Pfund series 2, 3, 8-9 
ATP 471 
Attainment of a stable configuration 
30 
Aufbau build-up principle 21, 23-4, 
98-9 
Azeotropic mixture 560, 602 
Azides 117, 487—89, 488, 499 
Azotobacter 474 


Baking powder 294 

Balmer series 2, 8-9 

Band gaps in semiconductors 64 

Band theory of metals 128-31 

Barium, see Group 2 

Basic beryllium acetate 350-51 

Basic beryllium nitrate 343 

Basic oxygen process (steel) 535-36, 

759 

Bessemer- Thomas process 757-58 
Kaldo and LD processes 759 
puddling 757 
Siemens electric arc furnace 758-59 
Siemens open hearth furnace 758 

Basic properties of the halogens 629-31 

Bastnaesite 863 

Bauxite 360 


Bednorz and Müller 142 
Benzene ammino nickel cyanide 
(clathrate) 807 
Berkelium, see Actinide 
Beryllium 
anomalous properties 325, 332-34, 
353-54 
atomic structure 2 
basic acetate 350-51 
basic nitrate 343 
carbide 417 
electronic structure 325 
extraction 327-28 
fluoride 73, 83-4 . 
metallic structure 125 
molecule 100-01 
occurrence and abundance 326 
oxalate complex 350-51 
tetrafluoroberyllate ion 350 
uses 328 
see also Group 2 
Bessemer-Thomas converter 757-58 
Beta emission 909-10 
Bicarbonates 294-95 
Bidentate ligands 223 
Binding energy 912-13, 914 
Bioinorganic chemistry of iron 775-79 
Biogradable detergents 555-56 
Biological importance 
of calcium and magnesium 353 
of chromium and molybdenum 732 
of cobalt 796-97 È 
of copper 816, 832-33 
of manganese 734, 751 
of sodium and potassium 279, 308 
of zinc 851-52 
Birkeland-Eyde process (HNO3) 505 
Bismuth 
boiling point 472 
bismuthine 481 
covalent radius 475 
electronegativity 475 
electronic structure 468 
halides 494-98 
hydride 481 
ionization energy 475 
melting point 472 
occurence, extraction and uses 471-72 
oxides 508-11 
oxide ion BiO* 495 
standard reduction potentials 490 
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Bismuth (cont.) 
structure 476 
see also Group 15 
Bismuthine 481 
Blast furnace 755-57 
Blister copper 817 
Blue baby syndrome 494 
Body-centred cubic structure 36-9 
Bohr 
theory 6-8 
orbits 9 
refinements to theory 8-10 
Sommerfield orbits 10 
Bomb making 922 
Bond 
coordinate 34-5 
covalent 30-1, 33-4, 72-119 
MO theory 89-119 
heteronuclear diatomic examples 
109-12 
homonuclear diatomic examples 
99-107 
examples of delocalized multi- 
centre zt bonds 112-18 
Sidgwick-Powell theory 74-5 
table of shapes 75 
valence bond theory 80-9 
VSEPR theory 74-80 
delta 96, 830 
double 35-6, 73 
extent of d orbital participation 85-7 
four-centred 114, 304, 386, 507 
hydrogen 255-57,533 ~ 
ionic 30-3, 43-68 
metallic 36-9, 121-45 
free electron theory 128 
valence bond theory 128 
MO or band theory 128-31 
M-M bonds in compounds 674, 703, 
706, 709, 711, 722, 726, 737, 
738, 745, 747, 763, 787, 797, 
810 
multicentre 112-18, 252, 381, 422 
of intermediate character 31-2 
order of 105 
pr-dn 456, 509-10 
quadruple 713, 725-26 
three-centred 116, 117, 333, 384, 
395-97, 424, 489, 504, 541, 606 
transition metal complexes 
crystal field theory 202, 204-10 


molecular orbital theory 202-03, 
227-30 
valence bond theory 202, 203-04 
triple 35-6 
types of 30-1 
Bonderizing 762 
Bonding 
extent of d orbital participation 85-7 
in CaCl, 33 
in CCI, 33 
in Cl, 33 
in HF 34 
in H20 34 
in NaCl 31-2 
in NH, 34 
Borates 374-79 
Bordeaux mixture 818 
Borides 380-81 
Born exponent 55-7 
Born-Haber type of cycle 154-56, 169, 
282-84, 595, 603-04 
Bornite 817 
Born-Landé equation 56 
Boron 
atomic structure 2 
boiling point 360 
borates 374-79 
borax 360-61, 377 
borax-bead test 374 
borazine 393-94 
borides 380-81 
borohydrides (tetrahydridoborates) 
297, 383-85 
borosilicate glass 445 
carbide 361, 381, 418 
carboranes 397 
differences B and rest of group 389 
dihalides 388 
electronegativity value 367 
electronic structure 359 
extraction 360-61 
fluoboric acid 380 
Friedel-Crafts reaction 386 
hydrides 390-97 
compounds known 390 
preparation 390-92 
reactions of 392-94 
hydroboration 392-93 
ionization energy 149, 369-70 
isopoly acids 379-80 
nitride 393-94 
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melting point 366 
metallic radii 137, 367 
molecule 101-02 
monohalides 388-89 
nitride 393-94 
occurrence and abundance 360 
order of MO energy levels 98, 102 
organometallic compounds 397-98 
orthoboric acid 375-77 
Pyrex glass 362, 445 
qualitative arialysis 380 
reactions of 370 
steel 892 
structure of 
boron 366, 395 
borates 376-79 
sodium peroxoborate 361-62, 379 
sesquioxide 362, 374 
sodium borohydride 297, 384-85 
tetrahydridoborates 383-85 
trifluoride 73, 82, 84, 385-87 
uses 361-62 
see also Group 13 
Borohydrides (tetrahydridoborates) 
383-85 
Borosilicate glass 445 
Brackett series 2, 3, 8-9 
Brass 139, 818, 838 
Bridging halides 606 
de Broglie dual nature of electrons 11 


Bronsted-Lowry theory of acids 262-64 


Bronze 406 

Bromine 
colour of X; 583 
covalent radius 591 
electron affinity 154, 591 
electronegativity 160, 592 
electronic structure 582 
extraction and uses 588-89 
hydration energy 591 
interhalogen compounds 621-27 
ionic radius 591 
ionization energy 149, 592 
melting point 593 d 
occurrence and abundance 583-84 
oxides 611-12 
oxidizing power of X; 594-96 
oxoacids 614-21 
polyhalides 628-29 
positive bromine 629-31 
reaction with water 596-97 


reactivity 597-98 
standard reduction potentials 592, 
613-14 
trifluoride 626 
see also Group 17 
Brown ring test 500, 765 
Build up of the elements 21, 23-4, 
98-9 


Cadmium, see Zinc Group 
Caesium 
chloride structure 48 
see also Group 1 
Calamine 836 
Calcite 425-26 
Calcium 
biological role 353 
carbonate 425-26 
electronic structure 325 
extraction 329 
carbide 51-2, 346-47, 417 
chloride 33, 323, 345 
cyanamide 346-47, 417, 492 
fluoride 48, 327, 345 
fluoroapatite 327 
hydroxide 315-17, 323, 337 
hypochlorite (bleaching powder) 340 
occurrence and abundance 326-27 
phosphate 470-71 
sulphate 327, 341-42 
uses 329 
see also Group 2 
Calgon 516 
Californium, see Actinides 
Cancer treatment 811, 934 
Carats (gold) 819 
Car batteries 407 
Carbides 
covalent 418 
crystal structure CaC, 51-2 
interstitial 417-18 
of Group 1 303 
of Group 2 346-47 
Carbon 
activated charcoal 404 
allotropy 407-09 
atomic structure 2 
black 403 
C; molecule 102-03 
carbides 416-18 
covalent 418 
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Carbon 
carbides (cont. ) 
interstitial 417-18 
salt like 416-17 


carbonyls 420-23, 711, 727, 739-40, 


763-64, 765, 768, 787-88, 
805-06 
carbonyl halides 422-23 
catenation 409-10 
coal gas 419 
coke 403, 755 
cycle 427-28 
covalent radius 411 
dating 410-11, 917, 932-33 
diamond 404, 407-08 
differences from Si and Group 14 
409-10 
dioxide 73, 87-8, 116-17, 423-25 
abundance in dry air 470 
solid 423 
disulphide 428-29, 458, 539 
electronic structure 402 
electronegativity values 160, 411 
extraction and uses 403-04 
graphite 404, 408-09 
compounds 414-16 
halides 33, 73, 457, 586 
hydrides 451 
ionization energy 411 
melting point 411 
mixed chlorofluorocarbons 458, 
586-87, 599 
monoxide 419-23 
estimation 612 
molecular structure 100-12 
multiple bonds 409 
occurrence and abundance 403 
order of MO energy levels 98 
producer gas 419-20 
reactivity 412-13 
suboxides 425 
tetrachloride (tetrachloromethane) 
33.73. 457, 771 
tetrafluoride (tetrafluoromethane) 
457. 586 
water gas 419 
see also Group 14 


- Carbonate ion 112-14 


Carbonyl halides 422. 457 

Carbonyls 420-22, 711. 727. 39-40. 
763-64. 765. 768. 787-88. 
805-06 


Carborundum 418 
Cardice 423 
Carnallite 194 
Carnotite 697, 891 
Caro's acid 563 
Cartesian and polar coordinates 16 
Cassiterite 405 
Cast iron (pig iron) 755 
Castner Kellner process (NaOH) 318 
Castner process (NaCN) 453 
Catalase and peroxidase 775, 778 
Catalytic convertors (cars) 803 
Catalytic properties of transition 
metals 671-72 
Cavendish 635 
Cellophane 428-29 
Cement 373 
Cementite 418 
Ceramics 444 
Cerium, see Lanthanides 
Chain reactions 919 
Chalcoite 817 
Chalcopyrites 817 
Charge transfer spectra 460, 702, 705, 
707, 719, 724, 738, 750, 766, 
761, 771, 773, 822, 833, 840, 
844, 845 
Chelates 222-24 
Chile saltpetre 295-96, 539, 590 
Chlor-alkali industry 243, 315-24 
Chlorine 
bonding 33, 594 
colour of X; 583 
covalent radius 591 
dioxide 583, 610 
electron affinity 154. 591 
electronegativity 160, 592 
electronic structure 582 
extraction and uses 587-89 
hydration energy 591 
interhalogen compounds 621-27 
ionic radius 591 
ionization energy 149. 592 
manufacture and uses of 315-21 
melting point 593 
occurrence and abundance 583-84 
oxides 609-11 
oxidizing power of X, 594-96 
oxoacids 614—21 
perchlorate 610-11 
polyhalides 628-29 
reaction with water 596-97 
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reactivity 597-98 
standard reduction potentials 592, 
613-14 
trifluoride 586, 624-26 
see also Group 12 
Chlorophyll 351-52 
Chromates 718, 728-31 
Chromite 713-14 
Chromium group 713-33 
abundance, extraction and uses 
713-15 
biological importance Cr and Mo 732 
carbonyls 727 
chromates 718, 728-31 
chromite 713-14 
chromium(II) acetate 713, 725-26 
chromium(III) oxide/chromic acid 
719-20 
cluster compounds 713, 726-27 
(+V) compounds 721 
(+IV) compounds 722 
(+III) compounds 722-25 
(4 II) compounds 725-27 
(+I) compounds 727 
(0), (-I) and (-II) compounds 727-28 
cutting steel 715 
cyclopentadienyl compounds 727-28 
dibenzene chromium 727-28 
dichromate 713, 718 
electronic structures 713 
ferrochrome 714 
Fischer, E.O. 727-28 
general properties 716-18 
halides 716, 721 
M-M bonds 726, 727 
molybdates 713, 728-31 
molybdenite 714 
molybdenoferredoxin 732 
molybdenum disulphide 715 
nitrogen fixation 713. 732 
oxidation states 715-16 
oxides 716, 719-20, 
oxohalides 712 
peroxo compounds 719 
physical properties 716 
polvacids 713, 728-31 
quadruple bond 713, 725-26 
qualitative analysis 717 
reactivity 716 
spectra Cr(-- HII) (d°) 724 
scheclite 715 
standard reduction potentials 167. 717 


tungstates 713, 728-31 
tungsten bronzes 731-32 
tungsten carbide 417, 715 
Wilkinson, G. 727-28 
wolframite 715 
Chrysotile 440 
Cinnabar 836 
Cis-isomers 197-98, 234-35 
Cisplatin (anti cancer drug) 811 
Clathrate compounds 638-39, 807 
Clay minerals 442 
Close packing of spheres 36-9, 46-7 
Clostridium botulinium 504 
Clostridium pastorianum 474 
Cluster compounds 461, 674, 697, 
705-07, 713, 726-27, 743-45 
Coal gas 419 
Cobalt group 753, 783-99 
basic acetate 797 
biological importance of cobalt 
796-97 
carbonyls 787-88 
cyclopentadienyl compounds 793 
(—I) and (0) compounds 787 
(+1) compounds 788 
(+11) compounds 790-94 
(+III) compounds 794-98 
(41V) compounds 798 
(+V) and (+ VI) compounds 799 
electronic structures 783 
general properties 785 
halides 786 
Hodgkin, D.C. 796 
nitrogen complex 788 
OXO process 789-90 
oxides 786 
Occurrence, extraction and uses 
783-85 
oxidation states 785 
oxidative addition reaction 788 
physical properties 786 
some reactions 786 
spectra 
of [Co(Cl,)]- 965 
of [Co(H;O),]^* 964 
speisses 783 
Vaska's compound 788-89 
vitamin B,; 784. 793, 796 
Wilkinson's catalyst 788-89 
Cobaltite 783 
Cohesive force in metals 122-26. 285 
Colour 662-63 
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Columbite 698 
Complexes 
bonding in 202-10 
by transition elements 657-59, 675 
chelate 222-24 
class-a and class-b acceptors 659 
conductivity of 198-99 
crown ethers and crypts 306-08, 353 
cryoscopic measurements 199-200 
dipole moments of 200 
distorted octahedral 214-17 
effective atomic numbers of 200-01 
electronic spectra 200, 207 
isomerism 197-98, 232-36 
Jahn-Teller distortion 214-19 
magnetic moment of 225-26 
nomenclature 230-32 
number of isomers 197-98 
zt acceptors 229 
zt donors 229-30 
octahedral 205-14 
polynuclear 230-31, 235 
shapes of d orbitals 201 
spectrochemical series 208 
square-planar 217-19 
see also Nickel group 
tetrahedral 219-22 
Werner’s work 195-98 
with alkenes 808-10 
Computer chips manufacture 68 
Conductivity a 
measurements of complexes 198-99 
of ionic covalent compounds and 
metals 40 
of metals 121-22 
Conductors insulators and semi- 
conductors 131-33 
Conductors, one dimensional 810-11, 


812 
Contact process (for SO;) 552, 553, 
698, 803 
Controlled fusion reactions 927-28 
Coordinate bond 34-5 


Coordination 
compounds 194-239 
isomerism 233 
number 196 
position isomerism 234 
Copper group 816-34 
abundance, extraction and uses 
816-19 


alloys 
brass 139, 818, 838 
nickel silver 818 
anhydrous copper(II) acetate 829-30 
anhydrous copper(II) nitrate 829, 830 
biological importance of copper 816, 
832-33 
blister copper 817 
Bordeaux mixture 818 
carats (gold) 819 
catalytic properties 822 
colour 822, 827 
complexes with alkenes 824 
(+I) compounds 822-26 
(+11) compounds 827-31 
(+III) compounds 831-32 
copper(II) chloride as a catalyst 317 
conductivity 816, 820 
cyanide process (gold) 819, 824 
disproportionation 820, 822-23 
electronic structures 816 
general properties 820-22 
halides 589-90, 820 
oxidation states 819 
oxides 820 
panning (gold) 819 
Paris green 818 
Parke's process (silver) 818 
photography 562, 589-90, 826-27 
physical properties 821 
reactivity 816, 821 
standard reduction potentials 167, 
820 
tetragonal (Jahn-Teller) distortion 
827-28 
turquoise 817 
Correlation diagram 118 
Corundum 381 
Coupling : 
of orbital angular momenta 940-42 
of spin momenta 942-43 
of spins and angular momenta 943-46 
Covalent bond 30-1, 33-4, 72-119 
Covalent radii, table of 147 
Cracking of hydrocarbons 242 
B-Cristobalite 49, 430 
Critical mass 920 
Crown ethers 306-08, 353 
Cryolite 362 
Cryoscopic measurements 199-200 
Cryptands 306-08, 353 
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Crystal field theory 202, 204-10 
assumptions made 204-05 
magnitude of Ag 207-09 
octahedral complexes 204-11 
spectrochemical series 208 
splitting by various ligands 208. 
splitting on descending à group 209 
splitting related to charge 208-09 
square-planar complexes 217-19 
stabilization of lattice energy 213 
tetrahedral complexes 219-22 

Crystal structures of metals 36-9, 125-26 

Cubic close packing 36-9 

Cuprite 817 

Cupronickel (coins) 802 

Curie law (magnetism) 670-71 

Curium, see Actinides 

Crooke's lenses 680, 863 

Coinage metals, see Copper group 

Cyanamide 346-47, 492 

Cyanates 454 

Cyanides 453-54 

Cyanide process (gold) 819, 824 

Cyanogen 454 

Cyanuric triazide 488 

Cyclohexanol 506, 698 

Cyclohexanone 485-86, 506, 698 

Cyclopentadienyl compounds 695-96, 

711, 727-28, 779-81, 793 

Cyclotron 883, 917 

Cytochrome 754, 777 


Daniell cell 
Dative bonding, see Bond, pz-dz 
d block 651-56 
abundance 673-74, 676 
boiling points 661, Appendix C 
catalytic properties 671-72 
CFSE of dihalides 213 
chromium group 713-33 
class-a and class-b acceptors 659 
cobalt group 753, 783-99 
colour 662-63 
complexes 657-59, 675 
copper group 816-34 
covalent radii 147, 659-60, 675 
and the lanthanide contraction 660 
density 661, Appendix D 
differences between Ist row and 
other two rows 674-76 
electronegativity values 160 


Gouy magnetic balance 664—65 
magnetic moments of some Ist row 
complexes 669 
measurement of magnetic 
properties 666 
horizontal comparisons in the Fe, Co, 
Ni groups 814-15 
introduction to transition elements 
653-77 
ionic radii, effect of lanthanide 
contraction 660 
ionization energies 151, 661-62 
iron group 753-82 
lattice energy and CFSE 213 
magnetic properties 663-71, 675-76 
Curie law 670-71 
of octahedral complexes 211 
of tetrahedral complexes 222 
manganese group 734-52 
measurement of magnetic properties 
666 
melting points 661, Appendix B 
metallic 
character 654 _ 
radii 137 — — 
metalloenzymes and metalloproteins 
673 
metal-metal bonding and cluster 
compounds 674, 697, 705-07, 
713, 726-27 
names 653 
nickel group 753, 800-15 
noble character 661 
nonstoichiometry 672 
reactivity of the metals 661 
scandium group 679-83 
stability of various oxidation states 
656-57, 674 
standard reduction potentials 167, 
172-73, 681, 688, 706, 717, 
731, 820, 842 
titanium group 684-96 
vanadium group 697-712 
variable oxidation states 654-56 
zinc group 835-56 


Deacon process 317, 587-88, 863 
Defects 58-63 


F-centres 61-2 

Frenkel 59-61 

extrinsic conduction 64 
intrinsic semiconduction 60, 64 
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Defects (cont. ) 
metal-deficient 63 
metal excess 61-2 
n-type semiconduction 62 
nonstoichiometrie 61-3 
number of defects 59-60 
p-type semiconduction 63, 65 
Schottky 59-60 
stoichiometric 59-61 
Degussa process (HCN) 453 
Delta bond 96, 830 
Denitrifying bacteria 473-74 
Density 
of elements Appendix D 
of nucleus 905-06 
Depression of freezing point 199 
Detergents 315, 555-56, 599 
Deuterium 245-48 
preparation of compounds 247 
Devarda's alloy 507 


Diagonal relations 189-90, 311, 353-54. 


389 
Diamond 404, 407-08 
1,2-dibromoethane (ethylene 
dibromide) 589 
1,2-dichloroethane (ethylene 
dichloride) 600 
Diaphragm cell 318-19 
Dibenzene chromium 727-28 
Didymium catalyst 317, 863 
Differences between Ist row TE and 
other two rows 674-76 
Differerntiating solvents 264 
Dimethyl glyoxime complex (Ni) 807 
Dinitrogen tetroxide 265-66. 501-02 
Dinitrogen pentoxide 503 
Dipyridyl complexes 655 
Direct process (Rochow) 447 
Disproportionation 174-77 
Dithionous acid 556, 559 
d orbitals 
extent of d orbital participation 85-7 
shape 201 
Double bonds 35-6 
Double salts 194-95, 764, 770 
Dow natural brine process (Mg) 329 
Dow sea water process (Mg) 329 
Downs cell 277-78 


Drude free electron theory of metals 128 


Dry ice 423 
Dysprosium, see Lanthanides 


EDTA 352-53 
Effective atomic number rule 200-01 
Einsteinium, see Actinides 
Electrochemical series 165-67 
Electrode potentials 165-78 
Electron 
affinity 153-54 
deficiency 385, 395 
diffraction 11 
dual nature of 10-1 
mass 1 
pair repulsion theory of molecular 
shapes 74-80 
particles or waves 10-1 
reduced mass 8 
wave nature of 11 
Electronegative elements 30-3 
Electronegativity 157-63 
Allred and Rochow 162-63 
Mulliken 161-62 
Pauling 157-60 
table of values 160 
Electronic structure, different ways of 
showing 234 
Electropositive 
character 163-64 
elements 30-2 
Ellingham diagrams 185-86 
Engel's sulphur 542 
Emission spectra 287 
Energy levels 
for heteronuclear diatomic molecules 
109-11 
for homonuclear diatomic molecules 
98-108 
for CO 110-12 
for NO 109-10 
sequence of 98 
Environmental problems with 
acid rain 245, 538-39 
asbestos 439 
catalytic convertors (cars) 803 
detergents 555-56 
fluoride ions in drinking water 587 
mercury and cadium 838-39, 852-53 
nitrogenous fertilizers 493-94 
ozone layer 494, 543-44, 599 
phosphates 515, 521 
photochemical smog 544 
water, EEC limits for contaminants 
566 
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EPNS 802 
Ethanal (acetaldehyde), manufacture of 
803, 810, 851 
Ethanolamine 242, 423, 493 
Erbium, see Lanthanides 
Essential elements 308-09 
Ethanolamine 242, 423, 493 
Ethene 35-6 
Ethylene, see Ethene 
Ethyne 35-6, 346 
Europium, see Lanthanides 
Explosives 506 
Extent of d orbital participation 85-7 
Extraction and isolation of elements 
178-88. 
general methods 
displacement method 180-81 
electrolytic reduction 182-83 
high temperature reduction 181-82 
mechanical separation 178-79 
thermal decomposition 179-80 
thermodynamics of extraction 
processes 183-87 
Extraction methods 
and position in periodic table 188 
and reduction potentials 184 


Face-centred cubic, see Close packing 

Facial isomers 197, 797 

Fajan's rules 156-57, 364 

Fat man (bomb) 922-23 

f block 857-902 

F-centres 61-2 

Feldspars 443 

Femtometres 905 

Fermentation 423 

Fermium, see Actinides 

Ferredoxin 732. 754, 778-79 

Ferretin 778 

Ferrite (Lowig) process for NaOH 770 

Ferrocene 779-81 

Ferrochrome 714 

Ferrocyanide ion 766-77 

Ferroin 767 

Ferromanganese 735 

Ferronickel 801 

Ferrosilicon 404 

Ferrous metals 753 

Ferrovanadium 697 

Fertilizer 470. 489. 493-94 
problems with 493-94 


Fission 890, 891-93 
Flame colouration 
Group 1 286-87 
sodium 2, 61 
Fluoborate ion 380 
Fluoride ions in drinking water 587 
Fluorine 
atomic structure 2 
colour of X; 583 
covalent radius 591 
electron affinity 154, 591 
electronegativity 160, 592 
electronic structure 582 
extraction and uses 584-87 
hydration energy 591 
interhalogen compounds 621-27 
ionic radius 591 
ionization energy 149, 592 
melting point 593 
molecular structure 107 
occurrence and abundance 583-84 
oxides 608 
oxidizing power of X2 594-96 
reaction with water 596-97 
reactivity 597-98 
standard reduction potentials 592, 
613-14 
weakness of F-F bond 594 
Fluorite 48, 345 
Fluoroapatite 470, 494 
Forsterite 434 
Francium, see Group 1 
Frankland 850 
Frasch process (sulphur) 536 
Free energy (Ellingham) diagrams 
185-86 
Frenkel defects 59-61 
Freons 458. 586-87. 599 
Friedel-Crafts reaction 386 
Fullers earth 442 
Fusion reactions 247, 254 


Gadolinium. see Lanthanides 
Galena 406-07 

Gallium, see Group 13 

Galvanizing iron 762 

Gamma radiation 911 

Garnets 435, 680 

Gemstones 431 

General properties of metals 121-27 
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Genesis of the elements 928-32 
r-process 931 
s-process 931 
x-process 931 
red giants 929 
spallation reactions 931 
supernova 932 
white dwarfs 930 
Geometric isomerism 234 
Germanes 453 
Germanium 
as a semiconductor 63-5 
boiling point 411 
covalent radius 411 
electronegativity values 160, 411 
electronic structure 402 
extraction and uses 405 
halides 460—61 
hydrides 453 
ionization energy 411 
melting point 411 
occurrence and abundance 403 
oxides 431-32 
reactivity 412-13 
ultrapure 65, 405 
see also Group 14 
Glass 316, 322, 362, 445-56 
Glycol splitting agent 620 
Gold, see Copper group 
Gouy magnetic balance 664-65 
Graham’s salt 516-17 
Graphite 404, 408-09 
compounds 414-16 
Greenhouse effect 245, 427-28, 458 
Grignard compounds 328, 347-49, 446 
Group 1 275-314 
alkyls 305 
atomic structure of Li 1, 2 
baking powder 294 
bicarbonates 294-95 
boiling points 286 
biological importance 279, 308 
bond type 281-82 
Born-Haber cycle 282-83 
carbides 303 
carbonates 279, 315-22 
cohesive energy 285 
colour of compounds 287-88 
complexes 305-08 
covalent radii 147 
"crowns and crypts 306-08 


density 280-81 
diagonal relationship 310-11 
differences Li and rest 309 
electronegativity 160, 281-82 
electronic structure 275 
extraction 277-78 
Downs cell 277-78 
flame colourations 286-87 
halides and polyhalides 296-97 
hardness of metals 285 
hydrides 297-98 
hydroxides 279, 290-91, 294 
ionization energy 149, 151, 281 
melting points 286 
metallic radii 137 
metallic structures 125, 285 
occurrence and abundance 275-77 
organic and organometallic 
compounds 303-05 
oxides 
normal 290 
peroxide 291-93 
superoxide 105-07, 291-93 
phosphates 512-17 
radius ratios of halides 52 
reactions of 288 
air 289-90 
nitrogen 289 
water 288-89 
solubility in liquid ammonia 302-03 
solubility of salts 298-302 
sulphides 293-94 
uses 278-80 
Group 2 325-56 
atomic structure of Be 2 
anomalous*behaviour of Be 325, 
332-34, 353-54 
bicarbonates 337 
biological role 353 
boiling points 331 
carbonates 340 
carbides 51-2, 346-47 
complexes 349-53 
basic beryllium acetate 350-51 
basic beryllium nitrate 343 
beryllium oxalate 350-51 
chlorophyll 351-52 
EDTA 352-53 
tetrafluoroberyllate ion 350 
cyanamide 346-47, 417, 492 
covalent radii 147 
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crown ethers and crypts 353 
Curie, Marie 327 
density 330 
electronegativity values 160, 331 
extraction 327-29 
Grignard compounds 328, 347-49 
halides 344-45 
hardness of water 337-38 
hydration energy 331-32 
hydrides 342-44 
hydrolysis of salts 333 
hydroxides 336-37 
insoluble salts 347 
ionic radii 330 
ionization energy 149, 151, 331 
lime 315-17, 322-23, 340 
melting points 331 
metallic radii 137, 330 
metallic structures 125 
nitrates 342-43 

basic beryllium nitrate 343 
nitrides 345 
occurrence and abundance 326-27 
organometallic compounds 347-49 
oxides 338-41 


radius ratios of oxides, sulphides etc. 


52, 339 
reactions 
acids and bases 338 
water 335-36 
solubility of salts and lattice energy 
334-35 
solutions in liquid ammonia 335 
sulphates 341-42 E 
uses 328, 329 
Group 13 359—401 
alumina 381-82 
aluminates 291, 382-83 
aluminium chloride 387-88 
aluminium sulphate 372 
alums 372 
amphoteric behaviour 382-83 
atomic structure of boron 2 
boiling points 360 
borates 374-79 
borax 360, 361, 377 
borax-bead test 374 
borazine 393-94 
borides 380-81 
boron carbide 361, 381 
boron nitride 393-94 


boron sesquioxide 362, 374 

boron trifluoride 73, 82, 84, 385-87 

Brown, H.C. 393 

carboranes 397 

cement 373 

complexes 389 

corundum 381 

cryolite 362 

electronegativity value 36/ 

electronic structure 359 

ethyl 397-98 

extraction and uses 362-63 

Friedel-Crafts reaction 386 

Hall-Héroult process 362-63 

ionic radii 367 

ionization energy 149, 369-70 

lithium aluminium hydride 297, 
384-85 

melting point 366 

metallic radii 137, 367 

occurrence and abundance 360 

organometallic compounds 397-98 

oxide 381-82 

qualitative analysis 380, 382 

reactions of 370-72 

standard reduction potentials 167, 
368-69 

sulphate 372 

Group 14 402-67 

allotropy 407-09 

atomic structure of C 2 

bicarbonates 424, 425 

boiling points 411 

carbides 416-19 

carbonates 424, 425-26 

carbon cycle 427-28 

carbon dating 410—11, 917 

carbon disulphide 428-30 

carbonyls 420-23, 711, 727, 739-40, 
763-64, 765. 768, 787-88, 
805-06 

carbonyl halides 422, 423 

catenation 409— 10 

cluster compounds 462 

complexes 455-56 

covalent radii 147, 411 

cyanides 453-55 

differences from Si and Group 14 
409-10 

electronic structures 402 

electronegativity values 160, 411 
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extraction and uses 403-07 
graphite compounds 414-16 
greenhouse effect 245, 427-28, 458 
halides 457-6 
hydrides 451-53 
inert pair effect 413 
internal z bonding using d orbitals 456 
ionization energy 149, 411 
melting points 411 
metallic and nonmetallic character 
412 
metallic radii 137 
metallic structures 125 
occurrence and abundance 403 
organic derivatives 446-51, 463 
oxides 419-26, 430-32 
reaction mechanisms 462-63 
reactivity 413 
silicates 432-46 
silicones 446-51 
standard reduction potentials 167, 414 
Group 15 468-531 
allotropic forms 474-76 
ammonia 479-80, 492-94 
bonding 34 
cyanamide process 492 
detection 479 
liquid 263-64, 302-03, 335, 486-87 
production by Haber-Bosch 
process 242, 243, 244, 491, 
492-94 
Solvay process 323 
structure 73, 77, 81 
atomic structure of N 2 
azides 117, 487-89, 488, 499 
boiling points 472 
bond lengths and pzr-dz bonding 
546-47 
bond type 476-77 
covalent radii 147, 475 
denitrifying bacteria 473-74 
electronegativity values 160, 475 
electronic structures 468 
environmental problems with 
phosphates 515. 521 
fertilizer 470, 489. 493-94 
halides 494-98 
hydrazine 483-85 
hydrides 478-85 
donor properties of 482-83 
structures of 481-82 


hydroxylamine 485-86 

ionization energy 149, 475 

liquid ammonia as a solvent 486-87 

Marsh’s test 481 

melting points 472 

metallic and nonmetallic properties 
471-18 

metallic radii 137 

metallic structures 125 

nitrifying bacteria 473-74 

nitrogen cycle 473-74 

nitrogen fixation 473-74, 489, 491-93, 
713, 732 

occurrence, extraction and uses 
468-72 

organometallic compounds 526-27 

oxides 498-503 

oxoacids of 

nitrogen 503-11 
phosphorus 511-21 

px-dx bonding 509-10 

phosphazenes (phosophonitrilic 
compounds) 498, 524-26 

phosphoric acid series 511-19 

phosphorous acid series 51921 

problems with nitrogenous fertilizers 
493-94 

reactivity of the elements 478 

standard reduction potentials 167, 490 

structures of the elements 472, 474-76 

sulphides 521-24 

uses of phosphates 520-21 

Group 16 532-634 

abundance 534 

allotropy and structures 540-43 

atomic structure of O 2 

boiling points 545 

chemistry of ozone 115-16, 540-41, 
543-45 

compounds of sulphur and nitrogen 
576-77 

contact process (for SO;) 552,553. 
698, 803 

covalent radii 147, 545 

differences between O and the other 
elements 547 

electronegativity values 160, 545 

electronic structures 532 

extraction and uses 535-36 

Frasch process (sulphur) 536 

halides 572-75 

hydrides 565-69 
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hydrogen sulphide 536-37 
ionic radii 545 
ionization energy 149, 545 
melting points 545 
metallic radii 137 
organo derivatives 577-78 
oxides 537-39, 547-54 
oxoacids 
of S 556-63 
of Se and Te 564 
oxohalides of Se 564-65 
pa-dp bonding 546-47 
peroxides and polysulphides 570-72 
reactions between oxides 549-51 
ring compounds of S and N 575-77 
standard reduction potentials 167,546 
sulphide ores 537 
Group 17 582-634 
acid strength of HX 602-05 
atomic structure of F2 
basic properties 629-31 
bond energy 
of halogen compounds 598 
of X, 594 
bonding in HF 34 
colour of X; 583 
covalent radii 147, 591 
electron affinity 154, 591 
electronegativity 160. 592 
electronic structures 582 
energy cycle for 
oxidation potential of X; 595 
acid strengths of HX 603-04 
extraction and uses 584-90 
halides 605-07 
hydration energy 591 
hydrogen halides HX 599-605 
table of properties 601 
interhalogen compounds 621-27 
ionic radii 591 
ionization energy 149, 592 
metallic properties 629-31 
melting points 593 
occurrence and abundance 583-84 
oxides 607-14 
oxidizing power of Xz 594-96 
oxoacids 614-21 
polyhalides 628-29 
positive bromine and iodine 629-31 
preparation of anhydrous halides 
606-07 
pscudohalogens 632 


reactions of the halogens 598 
reaction with water 596-97 
reactivity of the elements 597-98 
standard reduction potentials 592, 
613-14 
strengths of oxoacids 621 
types of bond formed 592-93 
Group 18 635-49 
abundance in the atmosphere 637 
atomic radii 637 
Bartlett (first true Xe compound) 639 
argon 
molecular ion 638 
boiling points 637 
Cavendish 635 
chemistry of xenon 639-43 
clathrate ‘compounds’ 638-39 
electronic structures 30, 635 
helium 
atomic structure 1,2 E 
molecule 99 
molecular ion 99, 638 
ionization energy 149, 637 
melting points 637 
neon atomic structure 2 
occurrence and recovery 635-37 
radon, formation of 636 
special properties of helium 637-38 
structure and bonding in xenon 
compounds 643-48 
superconductivity 638 
uses 636-37 
xenon 
chemistry of 639-43 
difluoride 640, 641, 642, 643-45 
fluoride complexes 642-43 
hexafluoride 640, 641, 642, 643, 
645-46 
hexafluoroplatinate 639 
oxofluorides 640, 641 
perxenate ion 640, 64i 
tetrafluoride 640, 641, 645 
trioxide 640, 641 
xenate ion 641 
Gun metal 406 
Gunpowder 539 


Haber-Bosch process 242. 243, 244.491, 
492-94 

Hadfield steel 735 

Haemerythrin 779 

Haemoglobin 715-77 

Hafnium. see Titanium group 
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Hahn, O. 920 
Half-life period 911-12 
Halic acids 617-18 
Halides of transition elements (tables) 
656-58 
Hall-Héroult process 362-63 
Halogen 
acids 599-605 
oxides 607-14 
oxoacids 614-21 
Halogens, see Group 17 
Halous acids 617 
Hard and soft acids and bases 267-68 
Hardness 
of minerals 58 
see also Appendix N. Mohs’ scale 
of water 337-38 
Harkins’ rule 673, 861, 899, 906 
Hastelloy C alloy 802 
Heavier elements, see Actinides 
Heisenberg uncertainty principle 11-2 
Helium, see Group 18 
Heteropolyacids 710. 730 
Hexacyanoferrate(11) (ferrocyanide) 
766 
Hexagonal close packing 36-9 
High alumina cement 373 
High temperature reduction methods 
181-82 
Holmium, see Lanthanides 
Horizontal comparisons in the Fe, Co. 
Ni groups 814-15 
Horizontal relationships in the periodic 
table 189-90 
Hot dipping 762, 838 
Hume-Rothery’s rules 13540 
Humphries series 2, 8-9 
Hund's rule 21-5, 98-9, 939 
for determining ground state 946 
Hybrid orbitals 
sp 83-5 
sp. 82-5 
sp! 81-2. 85 
sped 85-6 
sp? 86 
Hybridization 81—7 
Hydrate isomerism 233 
Hydrazine 483-85 
Raschig process 484-85 
Hydrides 248-54 
covalent 250-52 


melting points of 251 
intermediate 254 
interstitial (metallic) 245, 252-54 
ionic 249-50 
table of 249 
Hydrides of 
Group 1297-98 
Group 2342-44 
Group 13 252 
Group 14 451-53 
Group 15 478-85 
Group 16 565-69 
Group 17 599—605 
Hydroboration 392-93 
Hydrogen 240-71 
abundance 241 
abundance of gas in dry air 470 
angular part of wave function 17-9 
atomic spectra 5 
atomic structure 1, 2 
azide 487-89 
Balmer series 2, 8-9 
bonding 255-57, 533, 602 
Brackett series 2, 3, 8-9 
-chlorine flame 600 
economy 245 
electronic structure 240 
Humphries series 2, 8-9 
ion 240, 254-55 
isotopes 245-48, 279 
Lyman series 2, 8-9 
manufacture 241-43 
molecule 99-100 
molecule ion 99 
ortho and para 248 
Paschen series 2, 3, 8-9 
peroxide 291-93, 532, 570-72 
Pfund series 2. 3, 8-9 
position in the periodic table 27. 
240-41 
properties 243-45 
radial part of wave function 17 
‘solutions’ in metals 245 
unique properties 27 
Hydrogen bromide 601 
acidic strength 602-05 
ionic character 161 
preparation 601 
Hydrogen chloride 583..600-01 
acidic strength 602-05 
ionic character 161 


INDEX 


| [1015] 


molecular structure 112 
preparation 600-02 
Hydrogen cyanide 453 
Hydrogen fluoride 583, 599 
acidic strength 602-05 
as a non-aqueous solvent 605 
ionic character 161 
preparation 599 
structure 73 
Hydrogen iodide 601 
acidic strength 602-05 
ionic character 161 
preparation 601 


Hydrogen peroxide 291-93, 532, 570-72 


Hydrogen selenide 565 

Hydrogen sulphide 536-37, 565-66, 
568 

Hydroxylamine 485-86 

Hypohalous acids 615-16 

Hypophosphoric acid 518-19 

Hypophosphorous acid 520 


Ilmenite 684, 689 
IMI process for Ti 686 
Indium, see Group 13 
Induced nuclear reactions 917-18 
inert pair effect 365 
Inner transition elements 24, 857-902 
Insulators 131-33 
Integrated circuits 68 
Interhalogen compounds 621-27 
Intrinsic semiconduction 60, 64 
Introduction to the transition elements 
.653-77 
lodine 
basic properties 629-31 
colour of X; 583 
covalent radius 591 
electron affinity 154, 591 
electronegativity 160, 592 
electronic structure 582 
extraction and uses 589 
halides 605-07 
heptafluoride 627 
hydration energy 591 
interhalogen compounds 621-27 
ionic radius 591 
ionization energy 149, 592 
melting point 593 
monochloride 623, 630-31 
monocyanide 630 


number 623 
occurrence and abundance 583-84 
oxides 612-13 
oxidizing power of X, 594-96 
oxoacids 614-21 
pentafluoride 627 
polyhalides 628-29 
positive iodine 629-31 
reaction with water 596-97 
reactivity 597-98 
standard reduction potentials 592, 
613-14 
trichloride 624-26, 631 
triiodide ion 628 
Wij's reagent 623 
see also Group 17 
Ion bombardment 883, 898, 917 
Tonic 
bond 30-3, 43-71 
radii 146, 148-49 
Tonic structures 
based on close packing 46 
cadmium chloride 51 
cadmium iodide 49-50 
calcium carbide 51-2 
caesium chloride 48 
calcium fluoride 48 
close packing 46-7 
lattice energy 54-8 
layer structures 49-51 
limiting radius ratios 44-6 
nickel arsenide 51 
perovskite 691, 749 
rhenium trioxide 748-49 
rutile 48-9 
silica 49 
sodium chloride 47-8 
wurtzite 47 
zinc blende 47 
Ionization energy 149-53 
table of 151 
Ionization isomerism 232-33 
Iridium, see Cobalt group 
Iron group 753-82 
abundance, extraction and uses 
755-60 
alums 194, 372, 723, 770 


bioinorganic chemistry of iron 775-79 


catalase and peroxidase 778 
cytochrome 754, 777 
ferredoxin 778-79 
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Iron group (cont.) Siemens open hearth furnace 758 
ferretin 778 Turnbull's blue 766 
haemerythrin 779 Isomerism 232-36 
haemoglobin 775-77 coordination 233 
myoglobin 777 coordination position 234 
blast furnace 755-57 facial 197, 797 


brown ring test 500, 765 
carbonyls 763-64, 765, 768 
classification 
as ferrous and platinum metals 753 
as iron, cobtalt and nickel triads 
753 
comparison of various steels 759 
complexes 766-69, 7112-73 
(—11) and (0) compounds 763-65 
(+11) compounds 764-69 
(+III) compounds 769-73 
(*1V) compounds 773 
(+V) compounds 773 
(4 VI) compounds 774 
(4- VIII) compounds 774-75 
cyclopentadienyl compounds 695-96, 
711, 727-28, 779-81 
double salts 764, 770 
electronic structures 754 
ferroin 767 
ferrecene 779-781 
galvanizing 762 
general properties 761-63 
hexacyanoferrate(II) (ferrocyanide) 
766 
hot dipping 762 
nitrogen fixation bu Ru complexes 
768-69 
oxidation states 760-61 
oxides 765, 770, 774 
1,10-phenanthroline (o-phen- 
anthroline) 767 
physical properties 763 
pi-bonded complexes 766-69, 779-80 
production and uses of steel 760 
Prussian blue 766 
rusting 762 
standard reduction potentials 172-73 
steel making 535-36, 757-60 
basic oxygen process 759 
Bessemer-Thomas converter 
751-58 
Kaldo and LD processes 759 
puddling 757 
Siemens electric arc furnace 758-59 


geometric 198, 234 
hydrate 233 
ionization 232-33 
linkage 233 
meridianal 197, 797 
number of isomers 198 
optical 234-35 
polymerization 232 
Isomorphous replacement 443 
Isopolyacids 
borates 379-80 
chromates 713, 728-31 
molybdates 713, 728-31 
phosphates 511-21 
silicates 432-46 
tungstates 713, 728-31 
vanadates 709-10 
Isoprene 398 
Isotope dilution analysis 933 
Isotope exchange reactions 933-34 


Jahn-Teller 214-19 
square-planar complexes 217-19 
tetragonal distortion 214-17 
theorem 216 


Kaldo process (steel) 535, 759 
Kaolin 440-41 

K-electron capture 910-11 
Kieselguhr 431 

Kroll process 686 

Krypton, see Group 18 
Kurrol’s salt 516-17 


Lanthanide contraction 874-75 
Lanthanides 24, 859-78 
abundance and number of isotopes 
861-62 
bastnaesite 863 
Crooke’s lenses 680, 863 
colour and spectra 870-72 
complexes 875-77 
(+11) compounds 869-70 
(4111) compounds 866-68 
(+1V) compounds 868-69 
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contraction in size 874—75 
coordination numbers 877 
Deacon process 317, 587-88, 863 
didymium catalyst 317, 863 
electronic structure 859-60 
extraction and uses 862-63 
Harkins' rule 861 
ionization energies 861 
ionic radii 861 
lighter flints 680, 863 
magnetic properties 872-74 
mischmetal 680, 863 
monazite sand 679, 862-3, 883, 887-88 
oxidation states 860 
position in periodic table 859 
properties of (+III) states 866-68 
separation methods 864-66 
stable nuclei related to number of 
neutrons 863, 907 
solubility 870 
standard reduction potentials 861 
warm superconductors 143-44, 863 
Lanthanum, see Scandium group 
Laporte selection rule 771, 951-52 
Lattice energy 54-8 
and CFSE 212-13 
and hardness 58 
equation 54-6 
Lawrencium, see Actinides 
Layer structures 49-51 
LCAO method 90 
rules for combination of orbitals 
97-8 
LD process (steel) 535, 759 
Lead 
azide 488 
boiling point 411 
Chamber process 559-60 
chromate 407 
covalent radius 411 
electronic structure 402 
electronegativity values 160, 411 
extraction and uses 406-07 
galena 406-07 
halides 460—61 
hydride 453 
ionization energy 411 
melting point 411 
nitrate 501 
occurrence and abundance 403 
oxides 432 


red lead 407, 432 
reactivity 412-13 
scavenger 589 
standard reduction potentials 41. 
storage batteries 407 
sulphide 406-07 
tetra acetate 456 
tetraethyl 464 
toxicity 464 
white lead 407 
see also Group 14 
Leblanc process 315-17 
Leclanché cell 838 
Levelling solvents 264 
Lewis 
octet theory 72-4 
theory of acids and bases 265 
Ligands, field strength 208 
Lighter flints 680, 863 
Lime 315-17, 322-23, 340 
caustic soda process 315, 322 
water 337, 424 
Linnaeite 783 
Linear accelerator 883, 898, 917 
Linkage isomerism 233 
Liquid ammonia 263-64, 302-03, 335, 
486-87 
Liquid dinitrogen tetroxide 265-66, 502 
Litharge 432 
Lithium 
alkyls and aryls 305 
aluminium hydride 297, 384-85 
atomic structure 1,2 
carbonate 278, 295, 309-10 
diagonal relations 310-11 
differences from the rest of the group 
309 
electronic structure 275 
flame colouration 286-87 
halides 310 
hydroxide 290, 309-10 
metallic structure 125 
molecule 100-01 
n-butyl 305 
nitrate 295-96, 309-10 
nitride 289, 310 
oxide 290 
stearate 278, 304 
see also Group 1 
Little boy (bomb) 922-23 
Liquid drop model of nucleus 905-06 
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Lowig (ferrite) process for NaOH 770 

Lustre of metals 122 

Lutetium, see Lanthanides 

Lux-Flood theory of acids and bases 267 
Lyman series 2, 8-9 


Maddrell's salt 516-17 
Madelung constants 55-7 
Magic numbers 907 
Magnesium 
biological role 353 
chlorophyll 351-52 
electronic structure 325 
extraction 327-29 
Dow natural brine process 329 
Dow sea water process 329 
Pidgeon process 328-29 
Grignard compounds 328, 347-49 
occurrence and abundance 326 
uses 328 
see also Group 2 
Magnetic moment 225-26, 872-73 
Curie law (magnetism) 670-71 
measurement of magnetic properties 
666 
of octahedral complexes 211 
of some Ist row complexes 669 
of tetrahedral complexes 222 
Magnetic properties 663-71, 675-76 
Magnetic quantum number 10, 13-5, 
22 
Magnus’ green 810 
Malachite 817 
Malonic acid 425 
Malleability and cohesive force 122-26 
Manhattan project 890, 920 
Manganese group 734-52 
abundance, extraction and uses 
734-36 
ammonium pertechnate 735 
basic acetate 734, 743 
biological importance 734, 751 
carbonyls 739-40 
cluster compounds 743-45 
colour 738, 740-42 
complexes 742-45 
(-1), (0) and (+1) compounds 739-40 
(4-11) compounds 740-42 
(+III) compounds 742-45 
(+IV) compounds 745-47 
(+V) compounds 748 
(-- VI) compounds 748 


(+VII) compounds 748-51 
electronic structures 734 
ferromanganese 735 
general properties 731-39 
manganese dioxide 745-47 
manganin 735 
oxidation states 736-37 
perrhenates 735, 750 
photosynthesis 743 
physical properties 739 
potassium permanganate 279, 734, 
748-50 
preparation of Tc 735 
pyrulsite 734 
Re;Cly units 743-45 
rhenium trioxide 748-49 
spectra of [Mn(H;O)J^* 966 
standard reduction potentials 167, 
737 
Manganin 735 
Manufacture of computer chips 68 
Marsh's test (As and Sb) 481 
Mass number 905 
Mattauch's rule 861 
Melamine 347, 492 
Melting points of 
ionic and covalent compounds 39 
the elements Appendix B 
Mendelevium, see Actinides 
Mercury, see Zinc group 
Meridianal isomers 197, 797 
zt-Mesons 905, 908 
Metallic 
bonds 36-9, 121-45 
see also Bond, metallic 
character 163-64, 654 
radii 137 
Metalloenzymes and metalloproteins 
673 
Metals 
alloys 132-40 
bond lengths 127 
clusters, see Cluster compounds 
cohesive force 122-26, 285 
conductivity 121-22 
coordination number 126 
crystal structures 36-9, 125-26 
general properties 121-27 
Hume-Rothery rules 135-40 
lustre 122 
M-M bonds 
see Bond. M M 
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malleability and cohesive force 
122-26 
radii 137 
solutions in liquid NH; 263-64, 
302-03, 335 
superconducting alloys 141, 687, 698, 
927 
theories of bonding 127-31 
free electron theory 128 
valence bond theory 128 
MO or band theory 128-31 
Metaphosphorous acid 520 
Methane 81 
Methanol 243 
Micas 440, 441-42 
Millerite 800 
Mischmetal 680, 863 
Modes of decay 
a decay 913-15 
p decay 909-10 
y emission 911 
K-clectron capture 910-11 
neutron emission 910 
positron emission 910- 
proton emission 911 
spontaneous fission 914 
Mohs' scale of hardness 58, 404, 408, 
417, 418, Appendix N 
Moissan (preparation fluorine) 585 
Molecular orbital theory 89-119 
Aufbau build-up principle 98-9 
bond order 105 
combinations of orbitals 
d-d 96 
p-d 96 
p-p 94-6 
s-p 93-4 
s-s 90-3 
examples 
B; 101-02 
Be; 100-01 
C, 102-03 
CO 110-12 
F, 107 
Hj 99 
H, 99-100 
HCI 112 
He; 99 
He; 99 
Li; 100-01 
N, 104-05 
NO I09 -10 


O, 105-06 
O5 105-07 
OF 107 
examples involving delocalized 
a bonding 
CO, 116-17 
CO} 112-14 
N, 117 
NO; 116 
NO; 114 
O; 115-16 
SO; 114-15 
in transition metal complexes 
[CoF¢]°* 227-28 
[Co(NH3)]"* 221 
LCAO method 90 
non-bonding combinations 96-7 
of complexes 202-03, 227-30 
of inert gas compounds 645-46 
of metals 128-31 
order of MO energy levels 98 
rules for LCAO 97-8 
summary of multicentre a-bonded 
structures 117-18 
united atom method 118-19 
Molybdenite 714 
Molybdenum, see Chromium group 
Monazite sand 679, 862-63, 883, 887-88 
Mond (nickel) process 420, 801 
Monel metal 599, 802 
Monoclinic sulphur 542 
Mulliken electronegativity 161-62 
Multiplicity 944-46 
Mustard gas 574 
Myoglobin 777 


Nafion 319 
Natta catalysts 398 
Natrolite 443 
n-butyl lithium 305 
Neodymium, see Lanthanides 
Neon, see Group 18 
Neptunium, see Actinides 
Nernst equation (electrode potentials) 
165 

Nessler's reagent 479, 590, 845 
Neutrino 909, 911 
Neutron 1,905 

emission 910 

fast 892 

[proton ratio 

slow 891 
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Nicad batteries 838 Nitrite ion 116 
Niccolite 800 Nitrogen 
Nickel glance 800 abundance of gases in dry air 470 
Nickel group 753, 800-15 atomic structure 2 
alloys azides 117, 487-89 

alnico 802 boiling point 472 

cupronickel (coins) 802 compounds of sulphur and nitrogen 

EPNS 802 576-77 

ferronickel 801 covalent radius 475 

Hastelloy, C. 802 cycle 473-74 


Monel metal 599, 802 
Nimonic 802 
stainless steel 802 
arsenide 51 
basic acetate 810 
benzene ammino nickel cyanide 
(clathrate) 807 
carbonyls 805-06 
catalytic convertors (cars) 803 
cisplatin (anti cancer drug) 811 
complexes with alkenes 808-10 
contact process (for SO;) 552, 553, 
698, 803 
dimethyl glyoxime complex 807 
electronic structures 800 
general properties 803-05 
halides 804 
horizontal comparisons in the Fe, Co, 
Ni groups 814-15 
Magnus' green 810 
Mond process 420, 801 
Occurrence, extraction and uses 
800-03 
one dimensional conductors 810-11, 
812 
oxidation states 803 
oxides 804 
physical properties 804 
(=I), (0) and (+1) states 805-06 
(+II) state 806-11 
(+III) state 811, 813 
(+IV) state 813 
(+V) and (+VI) states 814 
Raney nickel 802 
Wacker process (ethanal) 803, 810 
Nimonic alloys 802 
Niobium, see Vanadium group 
Nitrate ion 114 
Nitric acid 504-07 
Nitric oxide 109-10, 499-500 
Nitrifying bacteria 473-74 


denitrifying bacteria 473-74 
differences from rest of group 472 
electronegativity 475 
electronic structure 468 
fertilizer 470, 489, 493-94 
fixation 473-74, 489, 491-93, 696, 
713, 732 
halides 494-96 
ionization energy 475 ` 
nitrifying bacteria 473-74, 491 
melting point 472 
molecular structure 104-05 
occurrence, extraction and uses 
468-70 
order of MO energy levels 104-05 
oxides 498-503 
oxoacids 503-07 
standard reduction potentials 167, 
490 
see also Group 15 
Nitrogenase 732, 775 
Nitrogen cycle 473-74 
Nitrogen dioxide 501-02 
Nitrogen sesquioxide 501 
Nitronium ion 505-06, 561 
Nitrosyl complexes 500 
Nitrous acid 503-04 
Nitrous oxide 499 
Nobel Laureates 
Becquerel, H.A., Curie, P. and 
Curie, Marie (Physics 1903) 
540 
Bednorz, G. and Müller, A. 
(Physics 1987) 142 
Bohr, N. (Physics 1922) 6 
Bosch, C. and Bergius, F. 
(Chemistry 1931) 492 
Brown, H.C. and Wittig, G. 
(Chemistry 1979) 393 
Curie, Marie (Chemistry 1911) 327 
Fermi, E. (Physics 1938) 890, 920,922 


INDEX 


Fischer, E.O. and Wilkinson, G. 
(Chemistry 1973) 728, 781 
Grignard, V. (Chemistry 1912) 347 
Haber, F. (Chemistry 1918) 492 
Hahn, O. (Chemistry 1944) 920 
Hodgkin, Dorothy Crowfoot 
(Chemistry 1964) 796 
Joliot, F. and Joliot-Curie, Irene 
(Chemistry 1935) 918 
Libby, W.F. (Chemistry 1960) 411 
Moissan, H. (Chemistry 1906) 585 
Ostwald, W. (Chemistry 1909) 505 
Pedersen, C.J., Lehn, J.M. and 
Cram, D. (Chemistry 1987) 
306 
Pauling, L. (Chemistry 1954) 80 
Rutherford, E. (Chemistry 1908) 
918 
Thomson, J.J. (Physics 1906) 6. 
Werner, A. (Chemistry 1913) 195 
Ziegler, K. and Natta, G. 
E. (Chemistry 1963) 694 
Nobelium, see Actinides 
Noble gases, see Group 18 
abundance of gases in dry air 470 
electronic structure of 30 
Nomenclature for the superheavy 
elements 898-99 
Nomenclature of complexes 230-32 
Non-aqueous solvents 
HF 605 
NH, 263-64, 486-87 
NO, 265-66. 502 
Non-bonding combinations of orbitals 
96-7 
Nonstoichiometry in the d block 672, 
705, 708-09 
Normal oxides 547-48 
n-type semiconductors 62 
Nuclear 
binding energy 912-13-414 
controlled fusion.reactions 927-28 
distances 905 
fission 906, 918-20 
fuel 924 
fusion 925-28 
H-bomb 927 
moderators 923 
power stations 923-24 
reactors. types of 
fast breeder 924. 925 


gas cooled thermal 924 
water cooled thermal 925 
reprocessing 625, 896 
stability and N/P ratio 908-09 
thermonuclear weapons 927 
types of reactor 924-25 
Nucleus 905-37 
applications of radioisotopes 932-34 
atomic number 905 
atomic bomb 922 
Fat man (bomb) 922-23 
Little boy (bomb) 922-23 
production of 920-23 
carbon dating 410-11, 917, 932-33 
controlled fusion reactions 927-28 
chain reactions 919 
critical mass 920 
density 905, 906 
femtometres 905 
Fermi, E. 890, 920, 922 
fission 906, 918-20 
forces in 907-08 
fusion 925-28 
genesis of the elements 928-32 
r-process 931 
s-process 931 
x-process 931 
red giants 929 
spallation reactions 931 
supernova 932 
white dwarfs 930 
H-bomb 927 
Hahn, O. 920 
half-life period 911-12 
induced reactions 917-18 
Joliot, F. and Joliot-Curie, Irene 918 
magic numbers 907 
mass number 905 
zt-mesons 905, 908 
moderators 923 
modes of decay 909-11 
a decay 913-15 
B decay 909-10 
y emission 911 
K-electron capture 910-11 
neutron emission 910 
positron emission 910 
proton emission 911 
natural decay in lighter elements 
916-17 
nuclear distances 905 
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Nucleus (cont.) 
nucleons 905 
number of stable nuclei and number 
of neutrons 863, 907 
oscillation 8 
radioactive 
decay series 915-17 
displacement laws 915 
radius 905 
Rutherford 10, 918 
separation of isotopes 920-22 
electromagnetic separation 921 
gas centrifuge 921-22 
gaseous diffusion 921 
thermal diffusion 921 
stability and N/P ratio 908-09 
structure of nucleus 905 
liquid drop model 905-06 
shell structure 906-07 
units and definitions 934 
Number of stable nuclei and number of 
neutrons 863, 907 
Nylon-6 485-86 
Nylon-66 506, 698 


Occurrence of the elements Appendix A 
Octahedral complexes 205-17 
asymmetrical electronic arrangements 
215 
crystal field theory 202, 204-14 
crystal field splittings for hexa-aqua 
complexes 209 
crystal field splittings by various 
ligands 208 
distortion of 214-17 
MO theory 202-03, 227-30 
[CoF,]°* 227-28 
MO theory [Co(NH;);]"* 227 
symmetrical electronic arrangements 
215 
valence bond theory 202, 203-04 
Octahedral holes 46-7 
Octet rule 72-4 
exceptions to rule 73-4 
Oleum 559, 629 
Olivine 435 
Optical isomerism 234-35 
Orbitals — shapes of 
d 14, 18, 20, 201 
f15 
p 14, 18, 20 


514, 18, 20 
Orbits 
Bohr-Sommerfield 10 
circular 1, 2 
elliptical 9-10 
Order of MO energy levels 98 
Orthophosphoric acid 511-13 
Orgel combined energy diagrams 
d' and d? 957 
d^ and dë 961 
d* 967 
Osazones 484 
Osmium, see Iron group 
Ostwald process (HNO3) 501, 505, 785 
OXO process (addition of CO to 
alkenes) 789-90 
Oxidation 
number 164-65 
states 164-65 
Oxidation-reduction reactions 170-72 
Oxide ion 107 
Oxides 537-39, 547-54 
classification of 54749 
normal, peroxide, suboxide 547-48 
basic, amphoteric, acidic, neutral 
548-49 
general properties of 547-51 
of transition elements (tables) 
656-58 
reactions between 549-51 
Oxoacids strengths of 621 
Oxygen 
abundance 534 
abundance of gases in dry air 470 
allotropy and structures 540-41 
atomic structure 2 
boiling point 545 
bond lengths and pz--dz bonding 
546-47 
carriers 775-76 
covalent radius 545 
differences from rest of group 547 
electronic structure 532 
electronegativity values 160, 545 
extraction and uses 535-36 
halides 572 
hydrides 566-69 
ionic radius 545 
ionization energy 149, 545 
melting point 545 
molecular structure 105-06 
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organo derivatives 577-78 
peroxides 570—72 
preparation 535, 618 
singlet 552 
standard reduction potentials 546 
uses 532 
see also Group 16 

Ozone 115-16, 540-41, 543-45 
layer 494, 543—44, 599 
ozonides 544-45 


Palladium, see Nickel group 
Panning (gold) 819 
Parathion 523-24 
Paris green 818 
Parkerizing 762 
Parke's process (silver) 818 
Participation of d orbitals in bonding 
85-7 
Paschen series 2, 3, 8-9 
Pauli exclusion principle 21, 939 
Pauling's electronegativity 157-60 
table of values 160 
Pauling's valence bond theory 80-9 
p block 357-649 
orbitals 14, 18, 20 
p-type semiconduction 63, 65 
Pentlandite 800 
Peroxoborates 361—62, 379 
Periodic acid 620 
Periodic table (Preface) xxxv, 25-7 
Permittivity of vacuum 6-8 
Permutit 443 
Perovskite 749 
Peroxides 107, 279, 291-93, 361-62, 532, 
547-48, 570-72, 691, 719 
Peroxo sulphuric acids 563, 57) 
Pfund series 2, 3, 8-9 
pH scale 261-62 
Phase diagrams 
copper/nickel solid solutions 135 
copper/zinc 139 
iron/carbon 134 
tin/lead 138 
Phenacite 434 
1,10-Phenanthroline (o-phen- 
anthroline) 767 
Phosgene 457 
Phosphates 511-21 
environmental problems 515, 521 
Graham’s salt 516-17 


Maddrell's salt 516-17 
sodium pyrophosphate 514-15 
sodium tetrametaphosphate 517-18 
sodium trimetaphosphate 516-18 
sodium tripolyphosphate 515-16 
qualitative analysis 512 
triethyl 496, 512, 521 
tritollyl 496, 521 
uses 520-21 
Phosphazenes 498, 524-26 
Phosphine 481 
Phosphonitrilic compounds 498, 524-26 
Phosphorus 
allotropic forms 474—75 
boiling point 472 
covalent radius 475 
electronegativity 475 
electronic structure 468 
halides 494-98 
hydrides 481 
in fertilizers 470, 494 
ionization energy 475 
melting point 472 
-nitrogen compounds (phosphazenes) 
498, 524-26 
Occurrence, extraction and uses 
470-71 
organometallic compounds 526-27 
oxides 508-11 
oxoacids 511-21 
oxochloride 496 
px-dz bonding 509-10 
pentachloride 85-6 
phosphoric acids 511-19 
phosphorous acids 519-21 
standard reduction potentials 167, 490 
superphosphate 494 
sulphides 521-24 
test for phosphates 512 
see also Group 15 
Photocopiers 539 
Photochemical smog 544 
Photoelectric effect 11 
Photography 562, 589-90, 826-27 
Photosynthesis 424-25 
Photovoltaic cell 66 
Pi bonds 87-9 
Pig iron (cast iron) 755 
Pi mesons 905, 908 
Pidgeon process 328-29 
Pitchblende 883. 891 
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Planck's constant 7, 10, 11 
quantum theory 7 
Planetary theory of atom 1-2, 10-1 
Platinum, see Nickel group 
Platinum metals 753 
Plumbane 453 
Plutonium, see Actinides 
Polar and cartesian coordinates 16 
Polarizability 156-57 
Polarizing power 156-57 
Polonium 
abundance 534 
discovery and production 540 
electronic structure 532 
standard reduction potentials 546 
see also Group 16 
Polyhalides 296-97 
Polymerization isomerism 232 
Polyphosphates 513-17 
Polysulphides 293-94 
oligomer 397-98 
high density (stereoregular) 694-95 
low density 694—95 
Polyvinyl chloride 321 
Polywater 569 
Porphyrin 224. 577-78, 776 
Portland cement 373 
Positive bromine and iodine 629-31 
Positron emission 910 
Potassium 
alum 194 
bicarbonate 295 
bromide 589 
chloride 276, 279 
cobaltinitrite 300 
complexes 305-08 
electronic structure 275 
flame colouration 286-87 
hydrogen carbonate 295 
hydroxide 290 
in fertilizers 279 
nitrate 295-96 
ozonide 544—415 
perbromate 620 
perchlorate 300. 619 
permanganate 279. 734, 748-50 
perrhenate 735, 750. 
photoclectric effect 11 
superoxide 279, 290-93 
tetraphenyl borate 300 
see also Group 1 
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Praseodymium, see Lanthanides 
Preparation of anhydrous halides 
606-07 
Principal quantum number 10, 13, 22 
Problems with 
acid rain 245, 538-39 
asbestos 439 
detergents 555-56 
fluoride ions in drinking water 587 
mercury and cadmium 838-39. 
852-53 
nitrogenous fertilizers 493-94 
ozone layer 494, 543-44, 599 
phosphates 515, 521 
photochemical smog 544 
water purity, EEC limits for 
contaminants 566 
Producer gas 419-20 
Production of the atomic bomb 920-23 
Promethium, see Lanthanides 
Protactinium, see Actinides 
Proton 1, 905 
Proton emission 911 
Prussian blue 766 
Pseudohalogens 632 
p-type semiconductors 63, 65 
PTFE 457 
Puddling (steel) 757 
Pyrex glass 362, 445 
Pyrochlorite 698 
Pyrolusite 734 
Pyrosulphates 562 
Pyroxenes 437-38 


Quantum numbers 10, 13, 22 
and atomic orbitals 15 
magnetic 13-5 
ny l.m, m, 9-10, 13-5, 22 
principal 9-10, 13 
spin 10 
subsidiary 9-10, 13-5 
and shape of periodic table 22 
spectroscopic coupling 
J 943 
L 940-42 
$ 94243 
Quantum theory 7 
Quartz 430 


Racah parameters 227. 961-63 
Radial distribution functions 17 
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Radial part of wave function 15-7 
Radii 
covalent 147 
ionic 146, 148-49 
metallic 137 
Radioactive decay series 915-17 
actinium 915, 916 
neptunium 915, 916 
thorium 915-16 
uranium 915, 916 
Radioactive displacement laws 915 
Radiography 934 
Radioisotopes, applications of 932-34 
activation analysis 933 
cancer treatment 934 
carbon dating 932-33 
isotope dilution analysis 933 
isotope exchange reactions 933-34 
radiography 934 
Radius ratios 
calculation of limiting values 44-6 
cautionary word 52-4 
rules 43-4 
table of limiting values 44 
Radon, see Group 18 
Raney nickel 802 
Rare earths 24, see Lanthanides 
Raschig process (hydrazine) 484-85 
Reaction mechanisms 461—63 
Reactors 
fast breeder 924, 925 
gas cooled thermal 924 
water cooled thermal 925 
Rectifiers 65-6 
Red lead 407, 432 
Reduced mass 8 
Reduction potentials 165-78 
and methods of extracting elements 
184 
chromium group 717 
copper group 820 
examples of use of diagrams 
Am 175-76 
Cl, 176 
Cu 174 
Fe 172-73 
H,O; 174-75 
1,177 
Mn 177 
Group 13 368-69 
Group 14 413 


Group 15 490 

lanthanides 681 

manganese group 737 

table of values 167 

vanadium group 706 

zinc group 842 
Reformer (steam) 242 
Refractory 381 
Rhenium, see Manganese group 
Rhizobium 474, 491, 732 
Rhodium, see Cobalt group 
Rhombic sulphur 542 
Rochow direct process (alkylchloro- 

silanes) 447 

Rubidium, see Group 1 ^ 
Rules for LCAO 97-8 
Russell-Saunders coupling 943-46 
Rusting of iron 762 
Ruthenium, see Iron group 
Rutherford 10, 918 
Rutherfordium, see Actinides 
Rutile 48-9, 684, 689 
Rydberg constant 8 


Salt cake method (HCI) 600 
Samarium, see Lanthanides 
5 block 273-356 
orbitals 14, 18, 20 
Scandium group 679-83 
electronic structures 679 
carbides 682-83 
chemical properties 681-83 
complexes 683 
extraction, separation and uses 
679-80. 
halides 682 
hydrides 682 
monazite sand 679, 862-63, 883, 
887-88 
oxidation state 680 
oxides and hydroxides 681-82 
physical properties 681 
size 680-81 
standard reduction potentials 681 
Scheele 315, 587 
Scheelite 715 
Schottky defects 59-60 
Schrodinger wave equation 12-21 
angular part of 17-9 
conditions for acceptable solutions?! 3 
radial part of 15-7 
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Selection rules 951-52 
Selenium 
abundance 534 
allotropy and structures 543 
boiling point 545 
bond lengths and pz--dz bonding 
546-47 
covalent radius 545 
electronic structure 532 
electronegativity values 160, 545 
extraction and uses 53940 
halides 572, 574-75 
hydrides 565, 568-69 
ionic radius 545 
ionization energy 149, 545 
melting point 545 
molecular structure 543 
oxides 553, 554 
oxoacids 564 
oxohalides 564-65 
photocopiers 539 
standard reduction potentials 546 
see also Group 16 
Semiconductors 
and transistors 63, 364 
band gaps in 64 
conductors, insulators and 131-33 
extrinsic conduction 64 
germanium 63-5 
intrinsic conduction of 60-1, 64 
ionic mechanism 60-1 
n-type 62 
p-type 63, 65 
silicon 63-5 
ultrapure materials 65 
Semiconductor devices 
p-n junction 65-6 
integrated circuits 68 
photovoltaic cell 66 
rectifiers 65 
transistors 66-9, 364 
Separation of isotopes 920-22 
electromagnetic separation 921 
gas centrifuge 921-22 
gaseous diffusion 921 
thermal diffusion 921 
Sequence of atomic energy levels 24 
Shapes of covalent molecules 74-80, 
112-18 
Shapes of atomic orbitals 13 
Shapes of d orbitals 201 


Shell structure of nucleus 906-07 
Sherardizing 762 
Shift convertor 242 
Sidgwick-Powell theory 74-5 
table of shapes 85 
Siemens electric arc furnace 758-59 
Siemens open hearth furnace 758 
Sigma bonds 87-9 
Silanes 451-52 
alkylchloro-substituted 447-51 
Silica 49, 429-31 
gel 431 
Silicates 432-46 
Bowen's reaction series 432-33 
chain 437-39 
cyclic 436-37 
3-dimensional 443 
in technology 444-46 
orthosilicates 434—35 
pyrosilicates 435-36 
sheet 440 
soluble 433 
Silicon 
as semiconductor 63-5 
boiling point 411 
carbide 418 
covalent radius 411 
electronic structure 402 
electronegativity values 160, 411 
extraction and uses 404 
ferrosilicon 404 
halides 459 
hydrides 451-52 
ionization energy 411 
melting point 411 
occurrence and abundance 403 
organo derivatives 446-47 
oxides 430-31 
reaction mechanisms 462—63 
reactivity 412-13 
silicates 432-46 
silicones 447-51 
ultrapure 65, 405 
see also Group 14 
Silicones 447-51 
Silver, see Copper group 
Size of atoms 146-48 
Smaltite 783 
Smithsonite 836 
Soap 304, 315, 322 
Soda ash 322 
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Sodamide 488, 499 
Sodium 
aluminate 291 
argentocyanide 819 
azide 499 
bicarbonate 294, 295 
baking powder 294 
borohydride (tetrahydridoborate) 
297, 384-85 
carbonate 279 
manufacture and uses of 315-22 
chlorate 618 
chloride 31-2, 47-8, 61 
complexes 305-08 
compounds with carbon 303 
cyanide 453 
dithionite 559 
electronic structure 275 
extraction 277-78 
flame colouration 2, 286-87 
hydrogen carbonate 294, 295 


hydrogen sulphite (bisulphite) 552, 


557,558 
hydroxide 278-94 
manufacture and uses of 
315-22 
hypochlorite 615-16 
in liquid ammonia 302-03 
iodate 590 
ion transport 309 
Nead alloy 279 
nitrate 295-96 
nitrite 296, 504 
nitroprusside 500 
oxides 290-93 
palmitate (soap) 304 
peroxide 279, 290-93 
peroxoborate 361-62, 379 
pump 309 
pyrophosphate 514-15 
stearate (soap) 294 
sulphate 279, 294-95, 316 
sulphide 293-94 
sulphite 532, 552, 558 
tetrametaphosphate 517-18 
thiosulphate 552, 559, 561-62 
trimetaphosphate 516-18 
tripolyphosphate 515-16 
trithiocarbonate 429 
see also Group 1 
Solder 138, 406 


Solubility in 
polar and non polar solvents 40 
liquid ammonia 302-03 
Solvay process (Na;CO;) 323 
Solvent system of acids 265-66 
Sommerfield elliptical orbits 9-10 
s orbital 14, 18, 20 
Spectra 938-71 
absorbance 951 
allowed and forbidden transitions 
951-52 
atomic (hydrogen) 5 
atomic absorption 287 
charge transfer 460, 702, 705, 707, 
719, 724, 738, 750, 766, 767, 
771, 773, 822, 833, 840, 844, 
845 i 
coupling 
spin-orbit 943-46 
of angular orbital momenta 940-42 
of spin angular momenta 942-43 
d' and d" ions 954-58 
d" and d" ions 958 
dř ions 965 
d-d 662-63, 938-71 
derivation of term symbols 
for closed subshell 948 
for d" configuration 948-50 
for p? configuration 943-46 
determination of ground state 946 
electronic arrangements of the 
elements 939 
energy levels in an atom 938-46 
emission 287 
f-f 870, 880 
Group 1 286-87 
hole formulation 947 
Hund's rule 21-5, 98-9, 939 
for determining ground state 946 
microstates 
calculation of possible number 950 
for p? configuration 940, 944 
for d? configuration 949 
of [Co(Cl)]- 965 
of [Co(H;O),]"* 964 
of [Mn(H;O);]^* 966 
of [Ni(H,O)s]* 960 
of [Ti(H;O),]"* 207, 954 
of [V(H;O)4]* 959 
Orgel combined energy diagrams 
d' and d* 957 
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INDEX 
Spectra of covalent compounds 72-117 

Orgel combined energy diagrams of ionic solids 47-9, 51-2 
(cont.) of layer compounds 49-51 

d" and d* 961 A of metals 36-9, 125-26 

d* 967 Suboxides 547-48 
Pauli exclusion principle 21, 939 Subsidiary quantum number 13-5, 22 
Racah parameters 227, 961—63 Sulphamic acid 554 
selection rules Sulphide ores 537 

Laporte 951-52 Sulphur 


spin 952 
splitting of electronic energy levels 
953-54 
Tanabe-Sugano diagrams 967—70 
Spectrochemical series 208 
Spectroscopic states 940 
Spectroscopic term symbols 944-45 
Speed of reactions 40-2 
Speisses 783 X 
Sphaelerite (zinc blende) 47. 836 
Spin-orbit coupling 943-46 
Spin selection rule 952 
Spin quantum number-10, 22 
Spontaneous fission 914 
Square-planar complexes 217-19 
Stability of various oxidation states in 
d block 656-57 7674 
Standard electrode potentials 165-78 
Standard reduction potentials, table of 
167 
Stannane 453 
Steam reformer 242 
Steel 134, 340, 404. 418. 469, 535-36. 
734. 735. 789-60. 782 
cutting 715 
Hadfield 735 
phase diagram 760 
stainless 698, 802 
Steel making 535-36. 757-60 
ic oxygen process 759 
Bessemer-Thomas furnace 757-58 
Kaldo and LD processes 759 
puddling 757 
Siemens electric are furnace 758-59 
Siemens open hearth furnace 758 
Stellite 783 
Stereoisomerism 234 
Stereoregular polymers 694 
Stibine 481 
Strontium, see Group 2 
Structures 
based on close packing 36-9. 46 


abundance 534 
allotropy and structures 542-43 
boiling point 545 
bond lengths and pz-dz bonding 
546-47 
compounds of sulphur and nitrogen 
576-77 
Contact process (for SO;) 552, 553, 
698, 803 
covalent radius 545 
dioxide 88, 551-52 
acid rain 245, 538-39 
detection and analysis 551-52 
non-aqueous solvent 552 
electronic structure 532 
electronegativity values 160, 545 
extraction and uses 536-39 
Frasch process 536 
halides 572—75 
hexafluoride 86-7, 587 
hydride 536-37, 565-66, 568-69 
ionic radius 545 
ionization energy 149, 545 
melting point 545 
molecular structure 54143 
oxoacids 556-63 
oxohalides 564-65 
polysulphides 570-72 
standard reduction potentials 546 
trioxide 89. 114-15, 553-54 
uses 532 
see also Group 16 
Sulphuric acid 532. 55 
Sulphurous acid seri T 
Sulphury! compounds 565 
Superconductors 140—414 
1-2-3 structures 14243 
alloys 141. 687. 698. 927 
Bednorz and Müller 141 
helium 638 
possible future uses 143—H 
present uses of 141 


INDEX 


warm 143-44, 863 
Superheavy elements 

half lives 899 

nomenclature 898-99 
Superoxides 105-07, 291-93 
Superphosphates 494 


Talc (soapstone) 441 
Tanabe-Sugano diagrams 967—70 
Tantalite 698 
Tantalum, see Vanadium group. 
Technetium, see Manganese group 
Teflon 457 
Tellurium 
abundance 534 
allotropy and structures 543 
boiling point 545 
covalent radius 545 
electronic structure 532 
electronegativity values 160, 545 
extraction and uses 539-40 
halides 572, 574 
hydrides 565, 568-69 
ionic radius 545 
ionization energy 149, 545 
melting point 545 
oxides 552-53, 554 
oxoacids 564 
standard reduction potentials 546 
see also Group 16 
Tetrachloromethane (carbon tetra- 
chloride) 33, 73, 457, 771 
Tetraethyl lead 463 
Terbium, see Lanthanides 
Terylene 506 
Tetragonal distortion 214-16 
Tetrahedral complexes 219-22 
electronic arrangement 222 
factors favouring formation 221 
magnetic moments of 222 
splitting energy levels 220-21 
Tetrahedral holes 46-7 
Thallium, see Group 13 
Theories of bonding in covalent 
compounds 
MO theory 89-119 
Sidgwick-Powell theory 74-5 
VSEPR theory 74-80 
delocalized multicentre x bonds 
112-18 


Theories of bonding in metals 
free electron theory 128 
MO or band theory 128-31 
valence bond theory 128 
Thermal decomposition 179-80 
Thermite reaction 182 
Thermonuclear devices 247 
Thermodynamics of reduction processes 
183-87 
Thionic acid series 562-63 
Thionyl compounds 564 
Thompson, J.J. 6 
Thorite 883 
Thorium, see Actinides 
Three-centre bonds 116, 117, 333, 384, 
395-97, 424, 489, 504, 541, 
606 
Thulium, see Lanthanides 
Tin 
boiling point 411 
bronze 406 
cassiterite 405 
complexes 460 
covalent radius 411 
electronic structure 402 
electronegativity values 160, 411 
extraction and uses 405-06 
gun metal 406 
halides 460—61 
hydride 451 
ionization energy 411 
melting point 411 
organo compounds 463 
oxides 405, 432 
plate 406 
reactivity 412-13 
solder 138, 406 
standard reduction potentials 413 
occurrence and abundance 403 
organotin compounds 406 
oxides 43-2 
see also Group 14 
Titanium group 684-96 
(+III) compounds 692-95 
(- IV) compounds 689-92 
cyclopentadienyl compounds 695-96 
electronic structures 684 
extraction and uses 685-87 
IMI process Ti-686 
Kroll process 686 
van Arkel de Boer process 686-87 
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Titanium (cont.) 
ilmenite 684, 689 
nitrogen fixation 491-93, 696 
occurrence and abundance 684 
organometallic compounds 694-95 
oxidation states 687 
oxides 
dioxide 48-9, 536, 684, 689-90 
mixed oxides 690-91 
peroxides 691 
perovskite 691, 749 
phosphate 512 
physical properties 685 
polythene 694-65 
reactivity/passive behaviour 688 
rutile 48-9, 684, 689 
size 687-88 
spectra and colour [Ti(H;O)«f* 207, 
954 
standard reduction potentials 688 
stereoregular polymers 694 
superconducting alloys 687 
tetrahalides 691—92 
Ziegler-Natta catalyst 556, 694-95 
TNT 506 
Tonnages of heavy chemicals produced 
316, Appendix K, Appendix L 
Trans isomers 197-98, 234-35 
Transistors 66-8, 364 
Transition elements, see d block 
Transition series 24 
Tridymite 430 
Tri-iodine ion 628 
Triple bonds 35-6 
Trisilylamine 456 
Tritium 245-48, 279 
Triethyl phosphate 496, 512, 521 
Tritollyl phosphate 496, 521 
Tungsten 
bronzes 731-32 
carbide 417, 715 
tungstates 713, 728-31 
see also Chromium group 
Turnbull's blue 766 
Turquoise 817 


Ultramarines 443-44 
Ultrapure materials 64, 405 
United atom method 118-19 
Uraninite 891 

Uranium, see Actinides 


Urany! nitrate 594. 
Urea 423-24, 494, 554 
Usanovich theory of acids 267 


Valence bond theory 80-9 
applied to complexes 202, 203-04 
applied to metals 128 
extent of d orbital participation 85-7 
hybridization 81-6 
sigma and pi bonds 87-9 
some examples 
BeF, 83-4 
BF, 824 
CH, 81 
HF 80 
H20 80 
NH; 81 
PCI, 85-6 
SF, 86 
table of shapes and number of orbitals 
85 
Vanadates 709-10 
Vanadinite 697 
Vanadium group 697-712 
abundance, extraction and uses 
697-98 
addition to steel 698 
electronic structure 697 
carbides 417, 698, 700-01 
carbonyls 711 
carnotite 697 
cluster compounds 697, 705-07 
colour 700 
columbite 698 
complexes 708-09 
cyclopentadienyl compounds 711 
ferrovanadium 697 
general properties 699—700 
halides 701-06 
hydrides 701 
low oxidation states 710-11 
M-M bonds 703, 705-07 
nitrides 700-01 
nonstoichiometric compounds 705, 
708-09 
organometallic compounds 711 
oxidation states 699 
oxides 707-09 
pentoxide catalyst 697, 698 
physical properties 699 
pyrochlorite 698 
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reactivity 699 
standard reduction potentials 706 
size 699 
spectra V?* (d*) 704-05 
of [V(H20).]°* 959 
superconducting alloy 698 
tantalite 698 
vanadates 709-10 
vanadinite 697 
vanadyl compounds 708 
yan Arkel de Boer process 686-87 
van der Waals forces 39, 50, 51, 56, 124, 
250 
van der Waals radii 637 
Variable valency 164-65 
in the d block 654-56 
Vaska’s compound 788-89 
Vertical relationships in the periodic 
table 189-90 
Viscose rayon 428-29 
Vitamin B,2 784, 793, 796 A 
VSEPR theory 74-80 
effect of lone pairs 75-6 
effect of electronegativity 76 
some examples 
BF, 77 
BF,P- 77 
CIF; 78-9 
H20 77-8 
I5 79 
IF; 80 
NH; 77 
PCI, 78 
SF, 79 
SF, 80 
Vulcanizing of rubber 539 


Wackenroder reaction 563 
Wacker process (ethanal) 803, 810 
Walden inversion 462 
Water 566-69 
bonding 34 
EEC limits for contaminants 566 
fluoride ions in drinking water 587 
structure 73, 77-8, 80 
Water gas 242, 419 
Water softening 337-38, 566-67 
Wave equation 12-21 
angular part of 17-9 
radial part of 15-7 
total function 20 


Weldon process 317 

Wave mechanics 11-21 

Werner theory of complexes 195-98 
primary valencies 195 
secondary valencies 195 
isomers 197-98 

“Wet ashing’ 619 

Widia metal 783 

Wij's reagent 623 

Wilkinson's catalyst 788-89 

Willemite 434 

Wolframite 715 

Wrought iron 757, 758 


Xenon 
bonding 643-48 
chemistry of 639-43 
difluoride 640, 641, 642, 643-45 
fluoride complexes 642-43 
hexafluoride 640, 641, 642, 643, 
645-46 

hexafluoroplatinate 639 
oxofluorides 640, 641 
perxenate ion 640, 641 

_ tetrafluoride 640, 641, 645 
trioxide 640, 641 
uses 636 
xenate ion 641 
see also Group 18 


Ytterbium, see Lanthanides 
Yttrium, see Scandium group 


Zeeman 10 
Zeolites 443-44 
Zeise's salt 809, 850 
Ziegler catalysts 397-98 
Ziegler-Natta catalysts 556, 694-95 
Zinc group 835-56 
abundance, extraction and uses 
835-39 
basic zinc acetate 846 
biological role of zinc 851-52 
brass 139, 818, 838 
cadmium chloride structure 51 
cadmium control rods 890, 892 
cadmium iodide structure 49-50 
calamine 836 , 
cinnabar 836 
complexes 845-46 
conductivity cell 848 


Zinc group (cónt. ) oxidation states 839 
electronic structure 835 oxides'842-43 
Frankland 850 physical properties 840 
general properties 840-42 size 839-40 
halides 843-44 smithsonite 836 
hot dipping 762, 838 standard reduction potentials 842 
Leclanché cell 838 toxicity of mercury and cadmium 
mercury cathode cell (NaOH) 319-21 R3K-39, 852-53 
mercury (+1) compounds 8460-47 Zeise’s salt 880 
nicad batteries 838 zinc blende (sphaclerite) 47. 836 
polycations 849-50 Zircon 435, 684 
Nessler's reagent 479, 590, 845 Zirconium, see Titanium group 
organometallic compounds 850-51 Zone refining 64. 405 
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